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THERMODYNAMICS 

AND 

THE FREE ENERGY OF CHEMICAL 
SUBSTANCES 

CHAPTER I 

THE SCOPE OF THERMODYNAMICS 

Aside from the logical and mathematical sciences, there are 
three great l)ranches of natural science which stand apart by 
reason of the varic^ty of far reaching deductions drawn from a 
small number of primary postulates. They are mechanics, elec¬ 
tromagnetics, and thermodynamics. 

These sciences are monuments to the power of the human 
mind; and their intensive study is amply repaid by the aesthetic 
and intellectual satisfaction derived from a recognition of the 
order and simplicity which have Ix'en discovered among the 
most complex of natural phenomena. Also much of the mate¬ 
rial progress of the past century has sprung from the develop¬ 
ment of mechanical and electrical engineering, and from the 
application of thermodynamics to the steam engine and other 
power-generating apparatus. 

Yet the' greatest development of applied thermodynamics is 
still to come. It has been predicted that the era into which we 
are passing will be known as the chemical age; but the fullest 
employment of chenii(?al science in meeting the various needs 
of society can be made only through the constant use of the 
methods of thermodynamics. 

When it was first discovered that heat and work could be 
transformed one into the other, and tlu^ laws governing such 
transformation were embodied in the science of thermodynamics, 
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it was the primary function of this science to increase efficiency 
in the design and the use of engines for the production of work. 
Although this function has grown steadily in importance, it is 
now overshadowed by numerous applications of thermodynamics 
to physics and especially to chemistry. Here the methods of 
thermodynamics have brought quantitative precision in place of 
the old, vague ideas of chemical affinity, and thus chemistry has 
made the greatest advance toward the status of an exact science 
since the early chemists, Lavoisier, Richter and Dalton laid the 
foundations of stoichiometry. Even in the superchemistry of 
to-day, in which processes of stellar evolution, of radioactivity 
and of intense electric discharge lead to the consideration of phe¬ 
nomena of a very different order from those of traditional chem¬ 
istry, sometimes involving the dissolution of the atom itself, 
thermodynamics affords an unerring guide to the investigator. 

The Power and the Limitations of Thermodynamics 

Our book might bo introduced by the very words used by 
Le Chatelier^ a generation ago: ‘‘These investigations of a 
rather theoretical sort are capable of much more immediate 
practical application than one would bo inclined to believe. 
Indeed the phenomena of chemical equilibrium play a capital 
role in all operations of industrial chemistry.’’ He continues: 
“Unfortunately there has been such an abuse of the applica¬ 
tions of thermodynamics that it is in discredit among experi- 
mentors.” If this was true \\hen written by Le Chatelier it is 
no less true to-day. The widespread prejudice against any 
practical use of thermodynamics in chemistry is not without 
reason, for the propagandists of modern physical chemistry have 
at times shown more zeal than scientific caution. We have seen 
‘^cyclical processes” limping about eccentric and not quite com¬ 
pleted cycles, we have seen the exact laws of thermodynamics 
uncritically joined to assumptions comprising half truths or no 
truth at all, and worst of all we have seen ill-begotten equations 
supported by bad data. 

> Le Chatelier, Ann . mines , [8] 13, 157 (1888). 
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However, the fact that errors are constantly made in numeri¬ 
cal calculations does not diminish our confidence in the principles 
of arithmetic; nor can any reasonable person question either 
the possibility of an exact application of thermodynamics to 
practical chemistry, or the great value to be gained thereby. 
Let us once more quote the words of Le Chatelier. 

^‘It is known that in the blast furnace the reduction of iron 
oxide is produced by carbon monoxide, according to the reaction 

Fe 203 *4“ SCO = 2Fe -I- 3 CO 2 , 

but the gas leaving the chimney contains a considerable propor¬ 
tion of carbon monoxide, which thus carries away an important 
quantity of unutilized heat. Because this incomplete reaction 
was thought to be due to an insufficiently prolonged contact 
between carbon monoxide and the iron ore, the dimensions of 
the furnaces have been increased. In England they have been 
made as high as thirty meters. But the proportion of carbon 
monoxide escaping has not diminished, thus demonstrating, by 
an experiment costing several hundred thousand francs, that 
the reduction of iron oxide by carbon monoxide is a limited re¬ 
action. Acquaintance with the laws of chemical equilibrium 
would have permitted the same conclusion to be reached more 
rapidly and far more economically .'^ 

In the third of a century which has elapsed since this was 
written, many other examples could be cited of economic waste, 
and retaicled development, due to ignorance of the rudimentary 
theorems of thermodynamics. Fortunately such ignorance is 
fast disappearing, l)ut there is still hardly an industry which 
could not be bettered by a more thorough and critical applica¬ 
tion of thermodynamic principles. 

Before speaking more in detail of that which can be accom¬ 
plished through the aid of thermodynamics, we must from the 
outset recognize its limitations. In mechanics it is possible 
to foretell by simple law^s the minimum expenditure of work 
by which a certain operation may be effected ; but unless we 
know what frictional resistance may be encountered, we cannot 
predict how much work will actually be required. So thermo- 



4 THERMODYNAMICS Chap. I 

dynamics tells us the minimum amount of work necessary for 
a certain process, but the amount which will actually be used 
will depend upon many circumstances. Likewise thermody¬ 
namics shows us whether a certain reaction may proceed, and 
what maximum yield may be obtained, but gives no informa¬ 
tion as to the time required. The rate of a reaction is de¬ 
termined by factors which have hitherto eluded any exact 
analysis. 

Although subject to these limitations, thermodynamics is an 
instrmnent of great power and universality. It shows the engi¬ 
neer the maximum amount of work which a given quantity of 
fuel can produce in a given type of steam engine, it shows that 
more work is available when the fuel is burned in an explosion 
engine, and, finally, that still more could be utilized if we were 
to solve the technical difficulties in obtaining “electricity di¬ 
rect from coal.^’ The maximum efficiency of a turbine, or 
of a refrigerator, or of a weapon of ordnance are subjects 
for thermodynamic calculation. 

To the manufacturing chemist thermodynamics gives infor¬ 
mation concerning the stability of his substances, the yields 
which he may hope to attain, the methods of avoiding unde¬ 
sirable substances, the optimum range of temperature and pres¬ 
sure, the proper choice of solvent, the limitations of methods of 
fractional distillation and crystallization. 

To the analytical chemist it offers the means of predicting the 
limits of possible error, of avoiding side-reactions, of choosing 
the concentrations best suited to his work. 

The methods of solving such problems will be indicated during 
the course of this book. The reader may be interested in 
glancing at the last chapter in which numerous specific examples 
of applied thermodynamics are given; but before such methods 
as are there illustrated can be used with speed and precision, a 
difficult road must be followed, which will prove wearisome to 
one who is not attracted by the abundant interest of the domain 
through which it winds, or lured by the rewards which await 
the traveller who reaches the journey's end. 
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The Modern Stage op Thermodynamics 

Except for some addenda of very recent date, the whole foun¬ 
dation of thermodynamics was laid before the middle of the 
nineteenth century. The work of Black, Rumford, Hess, Car¬ 
not, Mayer, Joule, Clausius, Kelvin and Helmholtz established 
the basic principles of the theory of energy. 

Next came the task of building up from these cardinal prin¬ 
ciples a great body of thermodynamic theorems. This was the 
work of many men, among whom may be mentioned van^t Hoff, 
and especially J. Willard Gibbs, whose great monograph on 
'^The Equilibrium of Heterogeneous Substances”^ has proved a 
rich and still unexhausted mine of thermodynamic material. 

The third stage of thermodynamic development, in which we 
now find ourselves, is characterized by the design of more specific 
thermodynamic methods and their application to particular 
chemical processes, together with a systematic accumulation and 
utilization of the data of thermodynamic chemistry. 

Indeed this work was begun many years ago. One of the 
pioneers in such specialized research was Sainte-Claire Deville^ 
who gave to the phenomenon of dissociation its modern name, 
and who devoted his life to a study of this phenomenon in all 
its aspects. A little later Horstmann’^ showed quantitatively 
how the laws of thermodynamics could be employed in concrete 
studies of chemical equilibrium. But fashions change, and such 
lines of inquiry were for a time largely abandoned. Only in 
the present century have chemists returned to this most impor¬ 
tant branch of applied thermodynamics. 

The first systematic study of all the thermodynamic data 
necessary for the calculation of the free energy changes in a 
group of important reactions was published in Germany by 
Habei-. This book, ^‘Thermodynamik der technischen Gas Reak- 
tionen,”^ is a model of accuracy and of critical insight. Also 

1 J. Willard Gibbs, Tram. Conn. Acad. Set., 3, 228 (1876). 

* Sainte>Claire Deville, “Lemons sur la Dissociation”; Lemons de Chimic, 1864-65, p. 255, 
Hachette et Cie., Paris, 1866. 

* Horstmann, Ber. deut, chem. Oes., 137 (1869), Ann. Chem. Pharm., 170% 192 (1873). 

«01denbourK, Munchen (1905); English Translation by Lamb; Longmans, Green and Co.. 

London and New York (1908). 
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in Germany, Nernst and his associates have made remarkable 
contributions both to theory and to practice. Some arith¬ 
metic and thermodynamic inaccuracy occasionally marring their 
work is far outweighed by brilliancy of imagination and origi¬ 
nality of experimentation. 

In Denmark, Brdnsted has prosecuted a most valuable series 
of investigations, ^'Concerning Chemical Affinity,*’ and has in¬ 
terpreted his experiments with the aid of a very uncommon 
knowledge of the finer points in thermodynamic theory. He has 
been one of the first to understand the accurate methods of 
treating solutions. 

In the United States there has been a widespread interest in 
the chemical applications of thermodynamics, and much valu¬ 
able experimental material has been obtained. Among the 
earliest of such important contributions from this country was 
the work of A. A. Noyes on dilute aqyeous solutions and solid 
salts of low solubility. 

Plan of the Pkesent Work 

In writing this book we have endeavored to keep constantly 
in mind the needs and inclinations both of those interested in 
the fundamentals of science and of those whose interest lies 
primarily in its worldly application. In attempting to hold 
together a little while longer these divergent interests, we realize 
that the time may arrive when handbooks of thermodynamic 
chemistry will be placed in the hands of the craftsman; that he 
may follow a recipe, or substitute numerical values in a formula 
of origin unknown to him. But for many years to come the 
most useful application of thermodynamics to the arts will be 
made by those who in some degree have mastered the content 
and the methods of thermodynamics as a whole. 

While in this introduction we have emphasized the importance 
of the technical applications of thermodynamics, a large part of 
our book will be devoted to the theory of pure thermodynamics. 
Indeed we shall speak of some applications which seemingly are 
far from practicality, and lie at the very border of the field of 
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possible experimentation. For example we treat briefly the 
thermodynamic consequences of the extremely small pressure 
exerted by light and radiant energy. Still the study of this 
very phenomenon has been of practical use in the development 
of the commercial optical pyrometer. So Gibbs^ study of 
minute phenomena in liquid films has furnished a sound basis 
to the great science of colloids. But apart from such consid¬ 
erations, it is important for anyone who uses thermodynamic 
methods, even though be be occupied solely with problems of 
a single type, to see how broad is the scope of thermodynamics; 
in order that he may attack new problems with a wider vision, 
and that he may have greater confidence in the power and 
infallibility of the thermodynamic method. 

The material of oiir book may be divided into three parts, of which the 
first treats of the foundations of thermodynamics, the second deals with 
the special methods of applying the fundamental j)rinciples to chemical 
problems, and the third is devoted to a systematic consideration of the 
data of thermodynamic chemistry. However, it has proved inexpedient 
to make the sequence of chapters conform entirely to such a classification, 
but in the main we may say that the second part begins with Chapter 
XXII, and the third with Chapter XXXIII. For a reader whose interest 
lies chiefly in the theory of thermodynamics and its more elementary appli¬ 
cations to engineering, j)hysics and chemistry, the more essential chapters 
will be V, VI, X, XI, XII, XIV, XVI, XVII, XIX, XX, XXI, XXIV, 
XXIX, XXXI, and XXXII. On the other hand, one whose primary 
interest is in the practical applications may be inclined to pass over a few 
chapters like XI and XXI, in the first reading. Indeed we can expect no 
one who is not already largely conversant with the content of thermo¬ 
dynamics to read such a book as this rapidly and consecutively. There 
are many sections which deal with ideas and with methods wdiich can be 
mastered only by arduous study and exercise. While therefore consecutive 
reading is recommended, the reader is strongly advised to return from time 
to time to earlier chapters for practice in the use of the more important 
methods. 



CHAPTER II 


DEFINITIONS; THE CONCEPT OF EQUILIBRIUM 

As a science grows more exact it becomes possible to employ 
more extensively the accurate and concise methods and notation 
of mathematics. At the same time it becomes desirable, and 
indeed necessary, to use words in a more precise sense. For 
example if we are to speak, in the course of this work, of a pure 
substance, or of a homogeneous substance, these words must 
convey as nearly as possible the same meaning to writer and 
to reader. 

Unfortunately it is seldom possible to satisfy this need by 
means of formal definitions; partly because the most fundamental 
concepts are the least definable, partly Ix'cause of the inadequacy 
of language itself, but more particularly because we often wish 
to distinguish between things which differ rather in degree than 
in kind. Frequently therefore our definitions serve to divide for 
our convenience a continuous field 'nto more or less arbitrary 
regions,—as a map of Europe shows roughly the main ethno¬ 
graphic and cultural divisions, although the actual boundaries 
are often determined by chance or by political expediency. 

The distinction between a solid and a liquid is a useful one, 
but no one would attempt to fix the exact temperature at which 
sealing-wax or glass passes from the solid to the liquid state. 
Any attempt to make the distinction precise, makes it the more 
arbitrary. 


Classification of Substances 

Whatever part of the objective world* is the subject of ther¬ 
modynamic discourse is customarily called a system. Some¬ 
times it is desirable to use this term in a more definite sense, 
implying a spatial content. If we make an enefosure by means 

8 



DEFINITIONS; EQUILIBRIUM 


9 


of physical walls, or if we imagine such an enclosure made by 
a mathematical surface, such an enclosing surface serves as 
the boundary of the system, which then comprises everything 
of thermodynamic interest contained within that boundary. 
Thus for example a crystal, or any chosen cubic centimeter of 
that crystal, may be chosen as the system. A thermodynamic 
system may contain no substance at all, in the ordinary sense, 
and consist of radiant energy, or an electric or magnetic field. 
Usually, however, a system comprises a substance, which may 
be homogeneous or heterogeneous. 

Homogeneous Substances. At the outset we meet the dif* 
ficulty of exact definition or classification, if we attempt to make 
this traditional distinction between homogeneous and heteroge¬ 
neous systems. Nevertheless it will be convenient to define 
a homogeneous system as one whose properties are the same in 
all parts, or at least which vary continuously from point to 
point; a system, in other words, in which there are no apparent 
surfaces of discontinuity. 

This definition would include among homogeneous sj^stems some which 
are of little importance to us in thermodynamic work. Thus a tube of 
water through which copper sulfate is diffusing, in such a manner that the 
concentration varies gradually from one end of the tube to the other, gives, 
according to our definition, a homogeneous system. But it is one that is 
not susceptible to simple treatment by the ordinary methods of thermo¬ 
dynamics. On the other hand, a long vertical tube containing a solution 
of copper sulfate will, under the influence of gravit}’^, finally reach a con¬ 
dition in which there is a definite and constant concentration gradient, gov¬ 
erned by simple thermodynamic laws. These arc, however, unusual cases, 
and ordinarily, by a homogeneous system, we shall mean one whose proper-' 
ties, as judged by our ordinary criteria, are the same throughout. 

Heterogeneous Systems. A heterogeneous system consists of 
two or more distinct homogeneous regions. Thus benzene and 
water, or ice and water, form heterogeneous systems. The 
homogeneous regions, which are called phases^ appear to be 
separated from one another by surfaces of discontinuity. (In 
our usual thermodynamic work it is immaterial whether we have 
one piece of ice or several pieces of ice in contact with a mass of 
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water. In such cases it is commonly considered that there are 
only two phases present, the ice phase and the water phase.) 

The boundaries between phases are not surfaces in a strict 
mathematical sense, but are very thin regions, in which the 
properties change with great abruptness from the properties of 
the one homogeneous phase to those of the other. Ordinarily 
these thin transition regions between phases contain relatively 
so small an amount of substance that they may be entirely 
ignored. But when we study surface tension, adsorption, and 
kindred phenomena, they become of great importance. 

Indeed the classification of substances according to homo¬ 
geneity or heterogeneity seemed formerly more precise than it 
does now, when so much attention is being devoted to the 
interesting type of substances known as colloids. When, there¬ 
fore, we speak of a heterogeneous system, without further 
qualification, it must be understood that the system is one in| 
which each homogeneous region is large. ^ 

Pure Substances and Solutions. Homogeneous systems are 
further classified according as they contain one or more pure 
substances. Any homogeneous system, whether solid, liquid, or 
gaseous, is called a solution if composed of more than one pure 
substance. Thus air, brine, glass, and a mixed crystal of alum 
and chrome alum are all called solutions. 

However, it seems impossible to define the pure substance 
itself without some degree of arbitrariness. For thermodynamic 
purposes we shall define a pure substance as one which is com¬ 
posed of a single molecular species, or which is rapidly derivable 
from a single molecular species under the conditions which are 
being considered. Thus nitrogen gas is doubtless composed of 
identical molecules of the formula N2. On the other hand, 
gaseous acetic acid and liquid water are believed to contain more 
than one kind of molecule. Nevertheless, each of these three 
substances, whatever its complexity may be, is, under ordinary 
circumstances, instantly derivable from a single molecular 
species, N2, CH3COOH, or H2O. 

A mixture of equivalent amounts of hydrogen and oxygen at 
ordinary temperatures is not regarded as a pure substance, but 
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at 3000® such a mixture, together with the small amount of 
water vapor present, may be regarded as a pure substance in 
the thermodynamic sense; since at that temperature the equi¬ 
librium mixture would be instantly derivable from the single 
species H 2 O. 

Liquid sulfur at its melting point has been shown to consist 
of two varieties known as soluble and insoluble sulfur (Sx and 
Sa*); and since these substances do not change readily into one 
another, it is necessary to regard the liquid as a solution. But 
at higher temperatures, and especially in the presence of a small 
amount of ammonia as catalyzer, the transformation from one 
variety to the other is rapid, and the condition is analogous to 
that which presumably exists in water. It may then be treated 
thermodynamically as a pure substance. Whenever we employ 
arbitrary definitions there will always be some border-line cases, 
and these must be given special treatment. 

Solids, Liquids and Gases; Crystals and Non-Crystals. The 
ancient categories represented by earth, water and air have 
persisted in a simple classification of substances uto solids, 
liquids and gases. While this useful classification may ordi¬ 
narily be employed without fear of ambiguity, there are, as we 
have already pointed out, some substances which are unques¬ 
tionably solid, like glass, but which, wdien heated, pass by 
imperceptible gradations into t 3 ^pical liquids. Also, since the 
pioneer investigation of the critical state by Andrews,^ it has 
been known that a liquid may be changed to a gas by a process 
in which the substance remains as a pure phase from beginning 
to end, without the appearance of discontinuity at any stage. 

A more fundamental distinction at present seems to be the 
one between crystalline and non-crystalline states, for as yet no 
one has succeeded in passing by a continuous process from one 
of these states to the other. Crystalline substances, although 
usually solid, range from hard rigid substances like diamond, 
through soft crystals like rubidium, to the extremely fluid 
crystals discovered by Lehmann. ^ 

1 Andrews, TranK. Roy. Sac., London, 159, 575 (1800). 

‘Lehmaun, “Molekularpbysik,” Leipzig, 1888. . 
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In a later chapter we shall mention attc^mpts which have been made by 
wide variation of temperature, and especially of pressure, to find a critical 
point between crystalline and non-crystalline phases such as ice and water. 
There is another possible mode of continuous transition from crystal to 
non-crystal which is open to investigation. If a crystal were divided into 
smaller and smaller particles it might be difficult to decide how far this 
subdivision could go and still iwjrmit us to call the substance crystalline. 
So a soft metal might conceivably be ‘‘worked" until, all traces of crystal¬ 
line structure being effaced, it would approach a supercooled liquid in 
character. A crystalline liquid has a definite transition point at which it 
passes over into the ordinary isotropic liquid, and there is a definite though 
small difference in the energy of the two forms. It would be interesting to 
know whether the crystalline form by violent stirring could be made to 
approach the non-crystalline form. 


States and Properties 

If it were possible to know all the details of the internal 
constitution of a system, in other words, if it were possible to 
find the distribution, the arrangement, and the modes of motion 
of all the ultimate particles of which it is composed, this great 
body of information would serve to define what may be called 
the microscopic state of the system, and this microscopic 
state would determine in all minutiae the properties of the 
system. 

We possess no such knowledge, and in thermodynamic con¬ 
siderations we adopt the converse method. The state of a 
system (macroscopic state) is determined by its properties, just 
in so far as these properties can be investigated directly or 
indirectly by experiment. We may therefore regard the state 
of a substance as adequately described when all its properties, 
which are of interest in a thermodynamic treatment, are fixed 
with a definiteness commensurate with the accuracy of our ex¬ 
perimental methods. Let us quote from Gibbs^ in this con¬ 
nection: “So when gases of different kinds are mixed, if we ask 
what changes in external bodies are necessary to bring the system 
to its original state, we do not mean a state in which each particle 
shall occupy more or less exactly the same position as at some 

> Gibbs. ^TranB. Conn. Acad. Sci., 3, 228 (1876). 
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previous epoch, but only a state which shall be undistinguishable 
from the previous one in its sensible properties. It is to states 
of systems thus incompletely defined that the problems of 
thermodynamics relate.” 

The properties of a substance describe its present state and 
do not give a record of its previous history. When we determine 
the property of hardness in a piece of steel we are not interested 
in the previous treatment which produced this degree of hardness. 
If the metal has been subjected to mechanical treatment, the 
work which has been expended upon it is not a property of the 
steel, but its final volume is such a property. 

It is an obvious but highly important corollary of this definition 
that, when a system is considered in two different states, the 
difference in volume or in any other property, between the two 
states, depends solely upon those states themselves, and not upon 
the manner in which the system may pass from one state to the 
other. 

Extensive and Intensive Properties. Most of the properties 
which we measure quantitatively may be divided into two 
classes. If we consider two identical systems, let us say two 
kilogram weights of brass, or two exactly similar balloons of 
hydrogen, the volume, or the internal energy, or the mass of 
the two is double that of each one. Such properties are called 
extensive. 

On the other hand, the temperature of the two identical 
objects is the same as that of either one, and this is also true of 
the pressure and the density. Properties of this type are called 
intensive. They are often derived from the extensive properties; 
thus, while mass and volume are both extensive, the densit}", 
which is mass per unit volume, and the specific volume, which is 
volume per unit mass, are intensive properties.' 

These intensive properties are the ones which describe the 
specific characteristics of a substance in a given state, for they 
are independent of the amount of substance considered. Indeed 
in common usage it is only these intensive properties which are 
meant when the properties of a substance are being described. 

'See Tolnian, Phys. Kev., [2] 9, 237 (1917). 



14 


THERMODYNA MICS 


Chap. IT 


Reproducibility of States. We have tacitly assuinod in the 
two preceding paragraphs that a pure substance always exists 
in one of a few well defined forms, so that if a few conditions 
are fixed, all of the properties are determined. Indeed this is 
true for so large a number of substances that unless otherwise 
stated it will be taken for granted. 

Until recently only three forms of pure water were known: 
vapor, liquid, and ice. The properties of a given amount of 
pure water vapor can be completely determined by external 
conditions. Thus, if the temperature and the pressure are fixed, 
two equal quantities of water vapor will, by any experimental 
test, be found identical in all respects. The same is true of 
liquid water, and it is probably nearly true for ice, as well as 
for the various other forms of solid water which have been 
lately discovered. 

On the other hand, certain metals, even when pure, vary 
greatly according to their previous treatment, and two samples 
are not identical although all external conditions arc the same. 
In such cases a substance, instead of appearing only in a few 
well defined states, may assume any one of an infinite number of 
states, depending upon its mode of preparation and its mechanical 
or thermal treatment. Cases of this sort deserve more careful 
consideration than they usually receive. Thus there is no 
doubt that many measurements ol the electrode potentials of 
metals have been deprived of value because of the lack of 
definition of the surface conditions in the electrodes. 

In a perfect crystal the atoms are supposed to be arranged in 
a perfectly definite order. A t a given temperature and pressure, 
we should thus expect the properties to be unambiguously 
determined. It is, however, doubtful whether there are many 
actual crystalline substances in which the conditions are so 
simple. 

Let us consider common ice. When pure water is frozen, long crystals 
first traverse the mass; these are then connected by shorter crystals, until 
finally a mesh is produced in which the last remaining drops of liquid may 
not be free to form the same perfect crystals as were produced at the begin¬ 
ning. It is conceivable therefore that the material formed at the end of 
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the process has somewhat different properties from those of the more ideal 
crystals produced at the beginning. Such a difference might exhibit itself, 
for example, by a slightly lower melting point. Indeed it has never been 
possible to obtain ice of such purity as not to exhibit somewhat anomalous 
properties in the neighborhood of the freezing point.^ 

In the case of a typical liquid also we may expect the properties 
to be definitely determined by external conditions, not because 
of any ordered arrangement of the particles, but rather because 
their mobility permits a complete randomness of arrangement, 
so that with large numbers of molecules the average properties 
of the mass arc constant. 

However, in the case of substances of high viscosity, the 
mobility of the particles is so small that they do not readily 
assume the positions of symmetry in a space lattice which is 
characteristic of the perfect crystal, nor the random arrangement 
which is characteristic of the mobile fluid. In such a case the 
particles may remain for long periods of time in strained positions 
which are determined by their previous treatment, or by the 
fortuitous circumstances of their original assemblage. As 
examples we may cite, on the one hand, a drawn wire jf hard 
metal, or a piece of unevenly cooled glass; on the other, such 
materials as are obtained when a metal is deposited by electrical 
spattering. 2 Here each particle may lie as it strikes without 
later rearrangement. 

Many solid substances obtained by sudden precipitation from solution, 
or from a vapor, or in a reaction chaml>er, belong to this type. One of the 
most important of the numerous substances which we shall be obliged to 
consider thermodynamically is the so-called gas carbon. Charcoal is an¬ 
other substance of this type, in which the arrangement of the particles is 
due largely to the previous configuration of the substance from which the 
charcoal was produced. Now it is doubtful whether it would be possible 
to find two samples of gas carbon precisely alike, and great caution must 
therefore be used in discussing such substances thermodynamically. 

It is evident that if we are to treat quantitatively and 
numerically of the properties of substances, the state of a 
substance must be described with great particularity, unless we 

*See I.«wis and Gibson, J. Am. Chem. Soc.^ 39, 2574 (1917), 

*Sce Langmuir, J. Am. Chem. Soe., 38, 2221 (1916). 
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can assume that its properties are completely determined by 
the external conditions. When the properties are so determined 
the state of a given amount of a substance can ordinarily be 
fixed merely by stating the temperature and pressure, and, in 
the case of solutions, the composition. Only in special cases 
shall we consider the properties of substances as dependent 
upon the degree of subdivision of the phases, upon gravitational, 
electric, magnetic or centrifugal fields, or upon other external 
influences which have only a minute effect upon the system. 

Equilibrium and Reaction Speed 

We have developed in some detail the ideas of the preceding 
section because they lead us directly to the idea of equilibrium ^ 
and in all thermodynamics there is no concept more fundamental 
than this. 

If a substance like water is under fixed external conditions 
which completely determine its state, its properties do not 
change with time. It is said to bo in a state of rest. If the 
external conditions arc momentarily altered the water returns 
immediately thereafter to its original state and properties. 

Employing, instead of water, a substance like soft tar the 
same thing happens, but more slowly. If the tar is subjected 
to some temporary distortion, or to some unevenness of pressure, 
it slowly yields, or flows, until the former state of rest is once 
more established. 

When a system is in such a state that after any slight temporary 
disturbance of external conditions it returns rapidly or slowly to 
the initial state, this state is said to be one of equilibrium. A 
state of equilibrium is a state of rest. 

Even crystalline substances of the softer sort fail to retain 
for long any condition differing from the characteristic state of 
equilibrium. Thus, for example, we may account for the 
extraordinary reproducibility of the electrode potentials of soft 
metals, such as sodium or lead, as compared with metals like 
iron or nickel. Even in the case of substances of great viscosity 
or rigidity it seems reasonable to suppose that they also behave 
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in a similar manner, although the changes may be imperceptible 
because of their slowness. 

Any change in the properties of a system is called a process, 
and if the process is one which is roughly termed chemical, it is 
sometimes called a reaction, but we shall employ these terms 
almost interchangeably. The idea which we have developed 
regarding the restoration of equilibrium after a mechanical 
disturbance we may extend to cases in which chemical reactions 
are involved. 

If we dissolve methyl acetate in water, hydrolysis will set in, 
and the properties of the system will change until a definite 
state is reached, which is fixed by conditions such as temperature 
and pressure. In addition to the original substances, methyl 
alcohol and acetic acid will be found in solution in fixed amounts. 
We have again a state of equilibrium. If the system is tem¬ 
porarily disturbed, for example by raising the temperature for 
a short time and then bringing it back to the original value, the 
solution will once more return to the same state. 

Slow establishment of equilibrium, after me hanical dis¬ 
turbance, we have attributed to such factors as viscosity. When 
the rate of a chemical reaction is involved, the time required to 
establish an equilibrium depends upon factors which we may 
suspect to be often fundamentally analogous to viscosity, but 
which are still very obscure. 

As in the case of the mechanical processes which we discussed 
above, we may assume that every process, which can lead to a 
state of equilibrium, is actually occurring with a finite, although 
perhaps immeasurable, speed. In the work of Gibbs^ and 
some other writers upon thermodynamics, some processes are 
supposed to be of infinite slowness, but this view of the existence 
of a so-called ''passive resistanceis not supported by experi¬ 
mental evidence, and it has led in the hands of Duhem^ to 
unfortunate conclusions regarding the existence of what he 
calls a "false equilibrium*' in homogeneous systems. For 
example, he concludes that a certain gaseous reaction occurs 

»“Tho Scientific Papers of J. Willard Gibbs: Thermodynamics.” Longmans, Green & 
Co.. 1906. 

’Duhem, ”Trait6 ^Idmentairc de M6oanique Chimique,” vol. 1. A. Hermann, Paris, 1897. 



18 


THERMODYNA MICS 


Chap. II 


with measurable speed above a certain temperature and ceases 
absolutely below that temperature. Such a conclusion is 
opposed by the most reliable experimental evidence. 

We shall therefore consider, not only that every state of 
equilibrium is a state of rest, but that every state of absolute rest 
is a state of equilibrium; and therefore that every system which 
has not reached a state of equilibrium is changing continuously 
towards such a state with greater or less speed. 

Stable Systems. Frequently one speaks of stable systems, 
and much confusion of thought has resulted from the use of 
this term for two difforcnt ideas which are separable, and indeed 
must be separated, if any clarity is to be obtained in the appli¬ 
cation of thermodynamics to chemistry. In common usage 
a system is said to be stable when it undergoes no apparent 
changes. Now a system which is apparently in a stationary 
state may be so because it has reached one of the states of 
equilibrium from which it has no tendency to depart, no matter 
how great its mobility; or it may be because processes occurring 
within it are so slow as to be imixjrceptible, even though the 
system may be far from a true state of equilibrium. It is only 
systems of the first kind, which are really in a state of equilibrium, 
which we shall call stable in any thermodynamic sense. Systems 
of the second kind may be called inert or unreactive. 

A mixture of oxygen and hydrogen m*ght be kept for a long time without 
the formation of any measurable quantity of water, but the system is 
inert, and not thermodynamically stable, as shown by the fact that any 
one of a number of catalytic substances causes a rapid formation of water. 
Such a catalyzer merely increases the rate of attainment of equilibrium. 
In the absence of such catalyzer, and at room temperature, the rate of the 
reaction is entirely too slow to be measurable. Nevertheless we can make 
an approximate calculation of that rate by actually measuring it at a 
number of high temperatures, and employing the method of extrapolation. 

Partial Equilibrium. Of the various possible processes which 
may occur within a system, some may take place with extreme 
slowness, others with great rapidity. Hence we may speak of 
equilibrium with respect to the latter processes before the 
system has reached equilibrium with respect to all the possible 



DEFINITIONS; EQUILIBRIUM 


19 


processes. Thus in a system of oxygen, hydrogen and water, 
the two gases dissolve rapidly until the water is saturated, and 
we may say that the system is in equilibrium with respect to the 
process of solution. It is far from equilibrium with respect to 
the reaction by which water is formed from oxygen and hydrogen, 
—a process in which the speed is of a far different order of 
magnitude. As another example we may consider nitrogen 
tetroxide, which dissociates rapidly until a state of equilibrium 
is soon reached between N2O4 and NO2. But each of these 
substances is really extremely unstable with respect to elementary 
oxygen and nitrogen, although, without catalysts, the process of 
decomposition into these elements is an extraordinarily slow one. 

Degrees of Stability. A stone lying in a hollow upon a hill¬ 
side is considered to be in a stable position, although, if pushed 
over the edge, it will roll to a position of greater stability at 
the bottom. So in thermodynamics a system may be in a state 
of rest and, if slightly disturbed, may revert to this same state 
of rest, but if largely disturbed it may proceed toward some 
entirely new condition of equilibrium. Thus lisjuid water, 
a degree or two below the freezing point, reaches a state of 
equilibrium to which it will return after a slight disturbance. 
Any large disturbance, however, may cause it to seek a new 
condition of equilibrium in the more stable form of ice. 

In practice we often assume the existence of several such 
equilibrium states toward which a system may tend, all these 
states being stable, but representing higher or lower degrees of 
stability. From a theoretical standpoint it might be doubted 
w^hether there is any condition of real equilibrium, with respect 
to every conceivable process, except the one which represents 
the most stable state. This, however, is not a question which 
need concern us greatly, nor is it one which we could discuss 
adequately at this point, without largely anticipating what we 
shall later have to sa}" regarding the statistical view of ther¬ 
modynamics. 

Equilibrium as a Macroscopic State. Even here it is desirable 
to emphasize that by a state of rest, or equilibrium, we mean a 
state in which the properties of a system, as experimentally 
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measured, would suffer no further observable change even after 
the lapse of an indefinite period of time. It is not intimated 
that the individual particles are unchanging. Thus when sul¬ 
furic acid is heated in a closed vessel, a condition is ultimately 
reached in which definite amounts of the liquid sulfuric acid and 
of the gases, sulfuric acid, sulfur trioxide and water, have been 
produced. These amounts, as determined by any of our quanti¬ 
tative methods, then remain constant. This is what we call the 
state of equilibrium. If, however, we were in a position to 
follow the paths of the individual molecules, we should perceive 
the wildest chaos; molecules of the liquid evaporating, some 
molecules of vapor entering the liquid phase, others dissociating 
into molecules of water and sulfur trioxide, and these in turn 
constantly combining. The absolute number of molecules of 
each of these species varies from instant to instant, but these 
variations are so small compared to the total numbers that they 
would be imperceptible even if the accuracy of our analytical 
processes were increased a billionfold.' 

'There is, however, one interesting case in which these minute variations may perhaps 
be observable. See Einstein’s interesting theory of turbidity in the neighborhood of the critical 
point {Ann. Phyaik, 33, 1275 (1910)). 
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CONVENTIONS AND MATHEMATICAL METHODS 

In an extended application of thermodynamics to chemistry, 
involving, as it does, a large number of arithmetical computations, 
it is essential that a definite notation be established, and that 
certain conventions be laid down and adhered to rigorously. 
Such conventions usually have no theoretical significance, but 
their practical value can hardly be overestimated. Some of 
these conventions, for example, will be made solely to prevent 
that confusion of sign which is so fatal to accuracy'' and speed in 
numerical calculations. 

It is a necessary consequence of the haphazard growth of 
science that certain terms are used in various senses at different 
times, and by different authors. Thus the heat of reaction 
ordinarily means the heat evolved in a chemical reaction, while 
the heat of vaporization and the heat of fusion mean the heat 
absorbed in these processes. The so-called equilibrium constant 
of one author may be the reciprocal, or the square root, of that 
used by another. There is frequently not the slightest a priori 
reason for preferring one definition to another, and yet, as it is 
important that people of one locality decide by artificial con¬ 
vention whether to pass, on meeting, to the right or to the left, 
it is likewise important that scientists should endeavor to 
establish uniform usage of scientific terms. When there is no 
urgent reason for the choice of one convention rather than 
another, we shall employ that one which seems best to conform 
to permanent international usage. 

The Mol. The gram, which has been universally adopted in 
science as the unit of mass, has also been much employed as 
the unit of quantity of material. However, when we are dealing 
with chemical reactions, it is far more convenient to employ 
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the mol or the equivalent for such unit. For general purposes 
the mol is the better unit, since an equivalent of a substance may 
have different meanings according to the kind of reaction into 
which the substance enters. Thus one equivalent of permanganic 
acid has a variable significance, according as we consider the 
power to neutralize a base, or to act as an oxidizing agent in 
acid or in alkaline solution. 

If w is the molal mass of a substance (also known as molal 
weight or molecular weight), a mol of the substance in question 
is defined as w grams. This unit is by no means as free from 
ambiguity as the gram. In the first place, atomic weights are 
subject to constant revision and therefore vary from year to 
year; it is for this reason that most tabulations of chemical data 
express amounts and compositions in terms of the more per¬ 
manent unit, the gram. In the second place, the true molal 
weight, except in the case of certain gases and dissolved sub¬ 
stances, is not known, and the formula which is employed expresses 
only a surmise as to the composition of the ultimate molecule, or 
more frequently is merely the simplest expression which repre¬ 
sents the stoichiometrical proportions of the cl»:ments involved. 

In general we regard the mol as identical with what has also 
been called the formula weight. Therefore the mol is not 
defined unless the chemical formula is established by universal 
usage or is definitely stated. In this book we shall choose the 
chemical formula with regard more to convenience than to 
consistency. P'or gases the actual molal weight has frecjuently 
been experimentally determined, and in the case of liquids we 
shall, for the most part, use the same formula as in the gaseous 
state. In the case of solids we shall sometimes do the same 
thing. Thus for solid halogens we write I2, Br2, etc. On the 
other hand, we shall use the formula S for solid sulfur, although 
in all the crystalline forms it seems to us highly probable that 
the unit of the crystal structure is the molecule Sg. 

Molal Properties. We have defined an extensive property as 
one whose quantitative measure is proportional to the amount 
of substance taken. Thus volume is an extensive property, but 
the volume per mol of any substance is an intensive property. 
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If we denote the volume in general by F, we may denote the 
volume per mol, or the molal volume,^ by v. Morever if G is 
any extensive property, o will denote the molal value of G, and 
is an intensive property. 

Chemical Symbols and Equations 

Our chemical symbols will frequently be used to indicate, not 
only the substance under consideration, but also a definite 
quantity of that substance. Thus II Cl denotes 1 mol of hy¬ 
drogen chloride and YzOz denotes half a mol of oxygen. Thus 
when we write for water at 4 ®C, v = 18.02 cc., we could state the 
same thing by the expression ^(HaO) = 18 . 02 , or F(3^H20) = 
9 . 01 . Similarly, Cv(2Pb) = 12 will be read, '‘The heat capacity 
at constant volume of two mols of lead is 12 units.’' Occasionally 
we shall adopt an alternative method of expressing these same 
things, namely: J4H20; F = 9 . 01 ,—or2Pb; C\ = 12. 

Thus the formulae in a chemical equation may indicate not 
only the substances, but the amounts of those substances 
involved. Thoy do not, however, indicate the particular 
condition of each substance. It will often be necessary to 
amplify the chemical equation by specifying the exact state of 
each substance, whether it is a solid, liquid or gas, or is in solution 
in some solvent at a certain concentration. The pressure on 
each substance must also be given, and the temperature, although 
the latter will ordinarily not be stated in the equation itself, but 
in the context. In the case of certain substances, such as the 
gas carbon which we discussed in the previous chapter, it will 
be necessary to add further specifications in order to make 
absolutely unambiguous the exact character of the substance. In 
most causes the specifications ivhich we have mentioned will 
suffice. 

We may therefore append to each formula, appearing in 
a chemical equation, an abbreviated statement of the physical 
state. Thus HCl (g, 2 atmos.) will indicate one mol of hy- 

^ In general molal quantities will be denoted by small Roman capitals, as in the examples 
above, w, v and a. 
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drochloric acid gas at two atmospheres pressure. IICl(s) and 
HCl(l) will indicate solid and liquid respectively, while HCl(aq, 
0.01 M) means hydrochloric acid in aqueous solution at a con¬ 
centration of one-hundredth molal. Sometimes, for example 
in dealing with approximate heats of reaction, it is not necessary 
to specify the exact concentration, hence HCl(aq) will indicate 
hydrochloric acid in more or less dilute aqueous solution. 

In general the pressure will be assumed to be one atmosphere 
unless otherwise specifically indicated, and the distinguishing 
marks (1), (s), (g), (aq) may sometimes be omitted when no 
ambiguity is likely. Thus the plain symbol, H 2 , will indicate 
hydrogen gas at unit pressure. 

A chemical equation indicates that the substances appearing 
to the right of the equality sign are produced, and those to tlie 
left are consumed. The manner of the change is not specified, 
but only the final result. The amqunt also of the substances 
consumed or produced is given. Thus if we write the twx) 
equations 

(a) Hg + HCl 2 = HgCl, 

(b) 2Hg + CI 2 = 2HgCl, 

we are considering the formation of one mol of calomel in (a) 
and two mols in (b), and the volume change, or the heat evolved, 
will be twice as great for process (b) as for process (a). 

Finally, then, if we write 

IlgO) + HCUCg, 10 atmos.) = HgCl(s), 

we are considering a process whereby one mol of liquid mercury 
at unit pressure, and one-half a mol of chlorine gas at 10 atmos¬ 
pheres, disappear, and one mol of solid mercurous chloride is 
produced. 

It should perhaps be emphasized that there is some difference 
between this thermodynamic significance of a chemical equation 
and the one which is usually understopd in chemistry. Ordi¬ 
narily when the equation is written there is some implication as 
to the mechanism of the reaction.’ Here we are not interested 
in such a mechanism. We pour one mol of mercury from a 
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jBask, we draw the chlorine gas from a cylinder containing half 
a mol at a pressure of 10 atmospheres, then by any process, 
direct or indirect, these are brought into combination, and we 
finally have a mol of mercurous chloride, at the same temperature 
(unless otherwise stated) as the original mercury and chlorine. 
We have expressed by our equation merely what existed at the 
beginning and what exists at the end. 

We shall use similar equations for processes which are not 
ordinarily represented by chemical equations. Thus 

H20(1) = H20(g) 

will indicate the formation of one mol of water vapor from one 
mol of liquid water, both at atmospheric pressure. Similarly 

H 20 (g) = H 20 (g, 0.01 atmos.) 

indicates any process whereby one mol of water vapor has been 
changed from a pressure of one atmosphere to a pressure of 
one-hundredth of an atmosphere. 

If any quantity, such as the volume, is determined by the 
state of a system, in other words, if it is a properly of the system, 
then when the system changes from one state to another it 
will be convenient to designate the increase^ in that quantity 
by the symbol A. Thus if we consider the fusion of ice at 
atmospheric pressure and at 0®C, or approximately 273® absolute 
(273®K), we write 

H20(s) = Il20(l); AF 273 = - 2 cc. 

The system in the first state consists of one mol of ice, the volume 
of which is about 20 cc.; the system in the second state consists 
of one mol of water, of wdiich the volume is about 18 cc. We 
could equally well write, 

Il20(l) = H20 (s); AF 273 = 2 cc. 

In general, when a system passes from state A to state B, AT^ = 
F —F 

* This symbol A may be used to denote ai!|y^ such increment, whether finite or infinitesimal. 
It is made to correspond in sign with the symbol d used only for infinitesimal change. Both 
dx and Ax are to be read as "the increase in t" although this increase may be negative. 
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As we proceed we shall find it necessary to make numerous 
other conventions which we cannot discuss here without antici¬ 
pating ideas which will be developed in subsequent chapters. In 
the meantime we may turn our attention briefly to the most 
important of all our conventions, those of mathematics. 

The Language of Mathematics 

It is said that, during his long membership in the Yale faculty, 
Willard Gibbs made but one speech, and that of the shortest. 
After a prolonged discussion of the relative merits of language 
and mathematics as elementary disciplines, he rose to remark. 
Mathematics is a language.” However, such a language, 
usually acquired late in life, must not be used unnecessarily in 
place of our mother tongue if we wish to avoid an appearance 
of affectation. 

Mathematics offers a wonderful shorthand for the precise 
formulation of well standardized ideas. On the other hand, the 
expressions of mathematics are lacking in humor, which is to 
say that they are no suitable medium for those finer shades of 
thought which are often necessary in the exposition of ideas 
which are on the way towards standardization. The formal 
severity of a mathematical treatment has its disadvantages. 
Indeed in our opinion absolute mathematical rigor is a sort 
of ignis fatuus, which must not serve as a guide to the 
scientific investigator, although we do not claim that its pur¬ 
suit, with proper safeguards, may not offer a very wholesome 
exercise. 

In this book we have not consciously sacrificed any desirable 
elements of mathematical rigor. If we have the appearance of 
doing so, it is because we feel the great need of a visualization 
of the numerous problems before us, and because this end seems 
best to be attained by mitigating rather than accentuating the 
formality of mathematical analysis. It is a dangerous thing to 
use any kind of mathematical equation unless we keep its 
meaning before us, and are able to express this meaning without 
the symbolism which mathematics affords. 



CONVENTIONS AND MATHEMATICAL METHODS 27 


The amount of calculus really essential for a compact state¬ 
ment of the equations of thermodynamics is very small. Since 
we are to deal with numerous properties which depend upon 
several variables, it will be necessary to use repeatedly the 
methods of partial differentiation. As a review of the more 
important equations of partial differentiation, and as a practice 
in the translation of equations into common language, we 
shall discuss briefly the dependence of a variable property, such 
as the volume, upon such other variables as temperature and 
pressure. 

Properties which Depend upon Two or More Variables 

In the preceding chapter we have said that the state of a 
system is defined by the properties of a system. Now since 
there is no end to the number of properties of a system, it might 
seem that it would be necessary to ascertain an infinite number 
of facts, before the state of a system could be definitely fixed. 
As a matter of fact, however, this is far from being the case. 
If we are dealing with a mobile system, which readily comes to 
equilibrium with its environment, we find that when a very few 
properties are fixed, all its properties are fixed. 

Indeed in the ordinary case we find that, for a given amount 
of a pure substance, the fixing of almost any pair of properties 
fixes all the others. Thus if we consider a liquid like benzene, 
and impose the condition that it shall have a certain viscosity 
and a certain refractive index, there will be one temperature, one 
pressure, one density, one dielectric constant, compatible with 
these conditions. 

In mathematical parlance the properties are called variables, 
and we say that we are dealing with a case of two independent 
variables. We may arbitrarily choose two of the properties and 
call them the independent variables, and then the other properties 
are called dependent variables. 

Most frequently it will be convenient to call pressure and 
temperature, P and T, the independent variables. Thus when 
we are dealing with a given amount of some substance we say 
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that the volume, F, is a function of P and T. Any equation 
giving the relation between these three variables for a certain 
substance is called an equation of state of that substance. 

When P is given a certain value and is maintained constant 
at that value, V becomes a function of the single variable, T, 
and we may express the relationship by nieans of a curve with 
axes of V and T, The slope of this curve at any point is called 
the partial differential coefficient of V with respect to T, is 
denoted by dV/dTj and is read as the rate of change of volume 
with temperature alone. If we wish to indicate explicitly the 
constancy of pressure, we write {dV/dT)p, 

Similarly if T is kept constant wc obtain, at each value of T, 
a F-P curve, which (because of the constancy of temperature) 
is known as an isotherm. The slope of this curve at any point 
is expressed by dF/dP, or (dF/dP) 7 ». 

We shall find it convenient to call these two partial differential 
coefficients the volume-temperature coefficient, or simply the 
F-P coefficient, and the volume-pressure coefficient, or F-P 
coefficient. These are extensive quantities, which depend upon 
the amount of the substance present, and must be distinguished 
from the ordinary coeflScient of thermal expansion and com¬ 
pressibility, which are intensive quantities (namely, the above 
coefficients divided by the volume). 

The whole relationship between F, P and T can be expressed 
geometrically only by means of a surface. Thus if we have 
perpendicular T and P axes in a horizontal plane, and a 
vertical axis of F, the height of the surface at any point gives 
the volume corresponding to the temperature and pressure at 
that point. 

If the volume is determined at a numl)er of temperatures and pressures it 
is not difficult, by means of beads on a wire frame, to plot the surface from 
the experimental data, much as we plot a curve when the property is a func¬ 
tion of a single variable. Or if we have a number of results at each of 
several temperatures, the several isotherms may be drawn, cut out, and 
mounted vertically at the proper distance from one another so as to give a 
very satisfactory idea of the surface. Ordinarily, for a qualitative idea of 
such a surface it suffices to give in a single plane a number of such iso¬ 
therms, as illustrated in Chapter XVI, Figure 2. 
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Typical Equations op Partial Differentiation 

If V depends upon the two variables, P and T, the change 
in V, when we pass from T and P, to T + dT and P + dP, is 
given by the basic equation of partial differentiation, 

'*''-( 10 /^+(!?)/'’• «) 
It states that the change in V is equal to the rate of change of 
V with T alone, multiplied by the change in T) plus the rate of 
change with P alone, multiplied by the change in P. 

This equation is illustrated 
in Figure 1, where a and c 
are two infinitesimally distant 
points on a V-T-P surface, 
and abed is an infinitesimal ele¬ 
ment of this surface obtained 
by planes parallel to the V-T 
plane and the V-P plane. 

Then dV= (V, - 

Va) + (F, - V,). The slope 
of the line ab is the V-T co¬ 
efficient, {dV/dT)py and ^6 - Fa is equal to the slope multiplied 
by dT. Likewise the slope of be is the F-P coefficient and 
Fc — Vb is {dV/dP)j>dP. For such an infinitesimal change it is 
immaterial which operation is considered first, and we find the 
same terms if we pass from a to d and thence to c. 

There are special forms of the general equation (1) which are 
frequently useful. Thus if we impose the condition that F is 
constant, that is if we move along a contour line of the surface, 

and expressing the constancy of F in the equation itself, 

(a-©/©,- 

Again, if we have some other dependent variable, that is, 
some other quantity which, like the volume, depends only upon 
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the temperature and pressure, let us say the energy E, we may 
impose the condition that E is constant and obtain from (1) 
equations of the form, 

This equation states that when we proceed upon the surface 
along a line of constant energy, the change in V corresponding 
to a given infinitesimal change in T is the sum of two terms, 
namely; the change in F, which would be caused by this same 
change in T alone, and the change in V caused by such a change 
in P as is necessary to keep the energy constant. 

Finally there is a familiar equation involving second deriva¬ 
tives which we must frequently employ, namely, 

d /dV\ ^ d^F ^ d /^\ A 

~dP\df)p dPdT df\dP)r 

According to this equation, the rate of change with P of the 
V-T coefficient is equal to the rate of change with T of the 
F-P coefficient. The intermediate member ol the equation is 
merely a shorthand method of expressing either of the others. 

When a property depends upon three or more independent 
variables, the geometrical method of interpreting the relations is 
no longer available, but the equations assume a similar form. 
Thus if the volume of a given quantity of material depends not 
only upon temperature and pressure but also upon one or more 
other independent variables, such as the intensity of an electric 
field, we write 

dV = ipT + l^dP + gdx + • • • . (6) 

Here also subscripts may be employed to show the independent 
variables which remain constant during the differentiation. 
Thus for dVIdT we may write (dF/dT)p ^ .... 

Exercise 1. The relation between the pressure, the temperature, and 
the volume of a certain amount of hydrogen gas may be expressed over a 
limited range by the equation P = RTf{V — 6), where 6 is a constant. 
¥\nd (dV/dT)p and {dV/dP)>p. By differentiating the first with respect to 
P and the second with respect to 7, show that the result agrees with 
Equation 5. 
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SOLUTIONS 

Some of our most important reactions involve substances which 
are present, not in a pure state, but in solution. Throughout 
the course of this work, we shall therefore devote much 
attention to this important class of substances; indeed this is the 
more necessary in that many who have applied thermodynamics 
to chemical problems have treated this subject inadequately 
and often erroneously.^ 

The pure substances from which a solution may be prepared 
are called the components or constituents of the solution. 
There is always something arbitrary in the choice of these 
components; thus a given aqueous sulfuric acid could be pre¬ 
pared equally well from H2SO4 and H2O or from SO3 aad H2O. 
We are at liberty to choose either of these pairs as the compo¬ 
nents of the solution in question, or indeed we might even 
consider all three substances, SO3, H2SO4, H2O, as the compo¬ 
nents. However, it is always possible to state the minimum 
number of pure components from which the solution may be 
made, and this number plays an important r61e in thermo¬ 
dynamics. In the case we have just cited this number is 2, 
and such a solution is called a binarj^ solution, or sometimes, 
with less precision, a binary mixture. 

Under ordinary circumstances the extensive properties of a 
pure substance are determined by pressure, temperature, and 
amount, and its intensive properties by pressure and tempera¬ 
ture alone. Likewise we shall assume, unless the contrary is 
especially stated, that the extensive properties of a solution 
are determined by pressure, temperature, and the amount of 

1 We shall later, however, call the attention of the reader to various papers by Brdnstedt 
who has studied extensively, and in a most satisfactory manner, the thermodynamic charao- 
teristios of numerous important solutions. 
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each constituent; and its intensive properties by pressure, tem¬ 
perature, and the relative amounts of the several constituents, 
or, in other words, by pressure, temperature, and composition. 

The Mol Fraction 

The composition of a solution is most advantageously ex¬ 
pressed by the ratio of the number of mols of each component 
to the total number of mols. Thus, if a solution contains ni 
mols of the substance Xi, nz mols of X 2 , and riz mols of X 3 , 
the mol fraction of the first substance, which we shall denote 
by Ni, is given by the formula. 


and it is evident that 


Ni 


__ 

7i\-\-n2'^nz 


N 1 -f- N 2 “h N.'j == 1 . 


( 1 ) 


In the case of a binary solution we note that 

Ni + N 2 = 1; dN) ^ - dN2. (2) 


In this case it is fnjquently convenient to use also the mol 
ratio of Xi, defined as Ui/riz =Ni/x 2 . 

When we have such an amount of a given solution that 
rii +^2 + • ■ • =1, or Ui =^Ni, etc., we say that we have one 
mol of the solution. Its volume will be called the molal volume 
of the solution, and designated, as in the case of a pure sub¬ 
stance, by V. In general. 


V 

V = --. 

ni + 712 + • ' • 


(3) 


In dealing with dilute solutions it is convenient to speak of 
the component present in the largest amount as the solvent, 
while a substance present in small amount is called a solute. 
But it is really immaterial which constituent is called the sol¬ 
vent, and we may even apply this term at times to a compo¬ 
nent present in relatively small amount. 

In a very dilute solution the mol fraction of a solute is pro- 
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portional to the number of mols of solute in a fixed amount of 
solvent, and also proportional to the concentration, which is 
the number of mols per unit volume of solution. 

It would be simpler, perhaps, to express all compositions in 
terms of mol fractions, but in the case of aqueous solutions it 
has become the almost universal custom to express numerical 
data in mols per liter of solution, or in mols per 1000 grams 
(55.51 mols) of water. The latter method is the one which 
we shall usually adopt, and when we speak of a molal or tenth 
molal aqueous solution, e.g., HCl (0.1 M), we shall refer, not 
to the concentration, but to the number of mols of solute in 
1000 grams of water, which we may call the molality, and 
denote by m. This method has certain advantages; for ex¬ 
ample, the molality of a given solution is independent of the 
temperature, while the concentration is not. 

Exercise^ 1 . What is the mol fraction of the solute in a molal aqueous 
solution? What is its mol ratio? (See also Appendix I.) 

Exercise 2. What is the mol fraction of water in aqueous ethyl alco¬ 
hol which is 50% by weight? 

Exercise 3. At 15° the density of aqueous sulfuric acid containing 5 
mols per liter is 1.2894. Calculate the molality of H 2 SO 4 and its mol 
fraction. 

Exercise 4. What is the molal volume of the solution used in the 
preceding exercise? 

Exercise 5. Show that the volume of a solution containing 1000 
grams of water is F « (lOOO +mw) /d, where m is the molality, w is the molal 
weight of solute, and d is the density of the solution. 

Partial Molal Quantities 

Let us now consider with some care chemical reactions in 
which dissolved substances take part: for example, 

Ag + 3^Cl2(0.01 M) = AgCl(s). 

This equation may be read as follows: There is produced one 
mol of solid silver chloride, and there are consumed one mol of 
solid silver, and half a mol of chlorine from a one-hundredth 

»It will be well for the reader to preserve a record of the results obtained in numerical exer- 
ciseSi since such results are sometime assumed in the exercises of later chapters. 
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molal aqueous solution. It must be definitely understood that 
all of the chlorine comes from a solution of this composition, 
and not merely that it is taken from a limited quantity of 
solution which had this composition at the outset. . 

In this process AV represents the total change of volume per 
unit of the reaction, that is, per mol of silver consumed, or per 
mol of silver chloride produced. If we wish to determine AV 
experimentally, we may measure the change of volume when 
one mol of silver reacts with so large an amount of solution 
that a negligible fraction of the total chlorine is consumed. Or, 
with a limited amount of solution, we may observe the change 
of volume when a very small amount of silver reacts, and then 
calculate the change in volume per mol. 

In the case of reactions with pure substances we may obtain 
AV immediately from the molal volumes of the substances con¬ 
cerned. Fortunately, in the case of a solution, we arc able to 
define properties which play a r61c thermodynamically identical 
with the molal volume, the molal heat capacity, etc., of 
pure substances. We shall call these (juantities the partial 
molal volume, the partial molal heat capacity, and so forth.^ 
In order to define these quantities, let us consider a solution 
containing n\ mols of Xj, 712 mols of etc. Designating the 
total volume of the mixture by V. and the partial molal volume 
of Xi by Vi, we will define the latter analytically by the equation 


dV 

dni 


= Vi. 


(4) 


In other words, if the sul stance Xi is added to the solution in 
question (while all other independent variables which deter¬ 
mine the state of the system remain constant), the partial 
molal volume of Xi is the rate of change of the volume of 
the solution with the amount of Xi. If we start with a very 
large amount of the solution, Vi is the increase in its volume 
when one mol of Xi is added. 

Unlike the molal volume of a pure substance, the partial 
molal volume may be either positive or negative. We shall 

1 Lewis, ‘'A New System of Thermodynamic Chemistry/* Proe. Am. Acad., 43 273 (1907); 
Z. physik. Chem., 61, 144 (1907). 
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see presently that, with dilute aqueous solutions of magnesium 
sulfate, the addition of more solute actually diminishes the 
total volume of the solution. 

It will now be evident that, in the reaction which we have 
just been considering, AF is equal to the molal volume of silver 
chloride, less the sum of the molal volume of silver and half 
the partial molal volume of chlorine (in one-hundredth molal 
solution). Since the methods of determining partial molal vol¬ 
umes are directly applicable to other partial molal quantities 
cf greater thermodynamic importance, it will be well to discuss 
them in some detail at this point. ^ 

Apparent Molal Volume. Before proceeding to these formal 
methods we may mention a quantity which is related 
to the partial molal volume, and which is frequently to 
be found in the literature. It is called the apparent molal 
volume and is denoted^ by <p. If a solution contains rii mols 
of a substance which we may call the solvent, and 122 mols of a 
substance which we may call the solute, then V — WiVi is the 
difference between the volume of the solution and the volume 
of the pure solvent which it contains. The apparent molal 
volume is defined as 




rh 


(5) 


This quantity is related to the partial molal volume, V 2 , as 
is a ratio of finite increments to the corresponding differ¬ 
ential coefficient. Therefore these two quantities approach 
identity as 712 approaches zero; that is, as the solution approaches 
infinite dilution. The apparent molal quantities have little 
thermodynamic utility, but we shall occasionally use them as 
a step toAvard the determination of the partial molal quantities. 
Table 1 gives the apparent molal volume of sodium chloride at 
18®C at several concentrations in aqueous solution. Here, 
taking rh fixed at 55.51 mois (1000 g.), ^^2 = the molality. 

* The reader who is unfamiliar with the methods of this chapter is recommended not to 
attempt to master them completely at the outset, but rather to revert to them from time to 
time as occasion demands. 

>See I.«andolt, Bdrnsteiu and Koth, “Physikalisch-chemische Tabellen,” Berlin, 1912. 
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Table 1.—Apparent Molal Volume (in cc.) op Sodium Chloride in 
Aqueous Solution' 

m 0 0.1 0.2 0.3 0.4 0.5 

iP 16.4 16.7 16.9 17.0 17.2 17.3 

The value at m=0 is extrapolated, and gives, not only the 
apparent molal volume, but also the partial molal volume, of 
sodium chloride in an infinitely dilute aqueous solution. 

Methods op Determining the Partial Molal Quantities 

Method I (analytical). If the volume of a solution is known 
as a function of the composition, the partial molal volume of a 
constituent may be found by partial differentiation with respect 
to the amount of that constituent. Thus the data of Table 1 
may be adequately represented by the empirical equation 

^ = 16.4 -f 2.5ns - 1.2n2* 

Tls 

or, 

V =niVi + 16.4n2 4-2.5n2^—1.2^2^ 
and differentiating with respect to 712 (rii constant), 

= = 16.4 + Sns - 3.6ns*. 

oriz 

Thus at 0.5 M, V 2 = 18.0, while <p = 17.3. This analytical method 
is usually less expeditious than the graphical methods which 
are about to be discussed. 

Method II (graphical). If V, the volume of solution con¬ 
taining a fixed amount of solvent, is known for several values 
of 712, we may plot V against 712 , and the slope of the curve at 
any point is V 2 . This is illustrated in Figure 1, which shows 
the volumes of aqueous solutions of magnesium sulfate,^ at 
18®C. The volume at every point is the volume of a solution 
containing 1000 grams of water and 712 mols of magnesium 
sulfate. The partial molal volunxe of the latter is given at 
each point by the slope of the tangent, and it will be seen that 
in this case V 2 is negative in dilute solutions, passes through 

1 Wade. J. Chem. Soe. 75, 254 (1899). 

*Kohlrau8ch and Hallwachs. Ann. Phj/sik., [3] 53» 14 (1894). 
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zero at about 0.07 M, and becomes positive at higher concen¬ 
trations. This is the most obvious graphical method of finding 
partial molal volume, but there are other methods which, in 
point of speed and accuracy, are preferable. This is true of 
the following method. 



Molality. 

Figure 1. —Volumes of Solutions Containing Magnesium Sulfate and 1000 g. of 

Water at 18°C. 


Method III (graphical). If we have the apparent molal 
volumes of the solution and plot them against the common 
logarithm^ of n 2 , the slope s of the curve is given by the equa¬ 
tion 


s = 


dtp 

d log 712 


= 2.303 


dtp 

d In n 2 


( 6 ) 



Figure 2.—Apparent Molal Volume of Aqueous Magnesium Sulfate at 6.3®C. 

Noting that d In n 2 =dn 2 /n 2 , substituting the value of (p from 
Equation 5, and performing the differentiation, ni being con¬ 
stant, we find 

i We shall denote common logarithms by lc*g, and natural logarithms by In, 
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27303 

In other words, V 2 at any point is obtained when we divide the 
slope by 2.303, and add the corresponding ordinate. This 
method is illustrated in Figure 2, where we have used the data 
for magnesium sulfate obtained by Kohlrausch and Hallwachs 
at 6.3°C. 

Method IV (graphical, method of intercepts^* Suppose that 
we have the rnolal volume, v (of the solution as a whole), 
tabulated against the mol fraction. Let us plot this molal 
volume against the mol fraction, as in Figure 3. Now if we 
draw a tangent to the curve at any point, the intercept of this 
tangent upon the ordinate of Ni= 1 is equal to vi; and the 
intercept corresponding to N 2 = 1 equals V 2 . 

The proof of this very simple theorem is as follows. If V is the volume 
of a solution containing ?ii mols of Xi, and 712 mols of X2, then v =» F/(ni -f 
n2). If now V is plotted against the mol fraction N2, namely against 
n2/(ni -1- 112), and if we draw a tangent at any point of the curve, its slope 
is dv/dN2. The intercept A B, which we wish to prove equal to ^i, is equal 



N,= l N,= l 


Fi«1;RE 3. 


to AC minus BC, and it is evident by inspection that AC * v, and BC » 
N2dv /dN2, so that we must prove that 


dv _ 

v - Vj -7— = 9 i. 
dfiz 


Now N2 may be varied by changing wi or W2, or both. For the sake of 
simplicity we will assume that riz is kept constant, and that a change in 


S«e Roozeboom, “ Ueterogenen Gleichgewichte,” p. 288, Braunschweig, 1904. 
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Nj is produced solely by a change in n\. We have then from the definition 
of V, Equation 3, 


, dV Yr dni 

rfv -Kt- -T- 

Wi‘fn2 (wi-fn2)* 

(9) 

Likewise, from Equation 1, 


, riiflni 

dN2 * - r- ~ ---• 

(ni+ 712 r 

(10) 

Whence we find 


dy^ dV V ^ 

^ ‘ dS2 dill ^ Wi+ Tlz ^ ' ’ 

(11) 


which is identical with F’quation 8. In the same way we prove that 
is equal to 



Percent 

Fiourk 4.—Specific Volume of Aqueous Sulfuric Acid at 25°C. 

It is evident that if wo had chosen the gram instead of the 
mol as unit amount of a siibstance, our ofiuations would all 
have been of the same form. In place of the mol fraction we 
should have used the gram fraction (weight fraction), and, in 
place of the partial molal volume, we could define the partial 
specific volume of one component of a solution as the change 
in volume of the solution per gram of that component. Thus 
we may employ the method of intercepts by plotting the spe¬ 
cific volume of the solution, which is the reciprocal of the den¬ 
sity, against the weight fraction, and this enables us to use 
directly data as they are ordinarily tabulated in the literature. 
The intercepts of the tangent give immediately the partial 
specific volumes, and these multiplied by the molal weights 
give the corresponding partial molal quantities. 

Figure 4 shows the application of this method to data on 
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aqueous sulfuric acid, at 25°C. The tangent at 60 weight per 
cent, N* =0.216, cuts the two limiting ordinates at 0.964 and 
0.465, these being the two partial specific volumes. The for¬ 
mer multiplied by 18 gives Vi, the partial molal volume of 
water in the solution, namely, 17.4 cc. The latter multiplied 



Figure 5. —Partial Molal Volumes of Water and Alcohol. 

by 98 gives V2=45.6 cc., the partial molal volume of the 
sulfuric acid. 

The variation of the partial m(>lal volumes with the mol 
fraction, for two different types of solutions, is further illus¬ 
trated in Figures 5 and 6. Here for convenience we give as 



Figure 6. —Partial Molal Volumes of Ethyl Iodide and Ethyl Acetate. 

ordinates the partial molal volume of each constituent, less the 
molal volume of that constituent in the pure state, namely, 
^ 1 —Vi® and V 2 —V 2 ®. Figure 5 is for water and ethyl alcohol, 
and Figure 6 is for ethyl iodide and ethyl acetate.^ 

> Calculated by Professor J. H. Hildebrand, from the experiments of Hubbard, Php». Aes., 
[ 1 ], SO, 740 (1010); Z. phpatk. Chem., 74, 207 (1910). 
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Exercise 6 . Table 2 gives Hubbard’s valu^ of the specific volumes 
(cc. per g.) at 50 **, of mixtures of ethyl iodide and ethyl acetate, at several 
compositions, expressed in fractions by weight of ethyl iodide. Plot as in 
Method IV, and find from the curve the partial molal volume of ethyl 
acetate when ni « N2 « 0.50 Xnot when weight fraction is 0.50). 


Table 2 


Wt. Fraction of 

Sp. Vol. 

Wt. Fraction of 

Sp. Vol. 

Ethyl Iodide 

at 50° 

Ethyl Iodide 

at 50° 

0.00000 

1.15866 

0.74566 

0.70040 

0.19082 

, 1.04358 

0.82792 

0.64814 

0.35007 

0.94654 

0.89093 

0.60749 

0.49517 

0.85737 

0.94970 

0.56927 

0.59741 
; 0.68529 

0.79377 

0.73880 

1.00000 

0.53622 


Exercise 7 . For each of the first four data of Table 2 , calculate 
the number of mols of ethyl iodide to one mol ethyl acetate, and also the 
volume occupied by an amount of solution containing one mol ethyl acetate. 
Obtain the apparent molal volumes, and determine more accurately than 
in the preceding exercise some, one value of ^2. 

Exercise 8. In Table 3, m represents the molality, and d the density 
at 25 °, of aqueous solutions of potassium chloride. Determine the partial 
molal volume of the latter at several different molalities. 


0 

0 1668 

Table 3 

0.2740 0.3385 

0.6840 

0.9472 

0.99707 

1.00490 

1.00980 1.01271 

1.02797 

1.03927 


The Fundamental Equations of Partial Molal Quantities 


We may now proceed to the consideration of the character¬ 
istics common to all partial molal quantities. Let G be any 
extensive property of a given solution, such as volume, heat 
capacity, or internal energy, which is a function of temperature, 
pressure and the amounts of the several constituents. For the 
sake of clarity we shall assume for the present that temperature 
and pressure are constant, so that G depends only upon ni, 

Tl2f • * * • 

We will define the partial molal values by the equations 
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Now by the chief equation of partial differentiation, 

( 13 ) 

or 

dG — ("xidtii -f“ G2d‘fi2 4” * * • . (^4) 

It is evident that these partial molal quantities such as Qi 
are not extensive but intensive properties of the solution. 
They depend therefore, not upon the total amount of each 
constituent, but only upon the composition; that is, upon the 
relative amounts of the several constituents. 

If, therefore, to a given solution we add the several constitu¬ 
ents simultaneously, keeping their ratios constant, these par¬ 
tial molal quantities will remain constant. We may therefore 
integrate Equation 14, keeping ni, n 2 , • • • in constant pro¬ 
portions, and find 


G — tliGi +712^)2 + • • (15) 

This equation we could have obtained without the use of calculus. Let 
V l)e the volume of a solution containing ni mols of Xi, n2 mols of X^, 
etc. Consider now a very large quantity of a solution of this same compo¬ 
sition. If fii mols of Xi are added, the total volume will increase by ni^i; 
then if mols of X2 are added, the volume will increase Ijy 712^2, etc. The 
total change in volume will be independ* \it of the order in which the con¬ 
stituents are added and will be equal to F, since all that we have done is 
to produce an additional quantity of the same solution, containing ni mols 
of Xi, etc. 

It is evident from Equation 15 that we may find the value 
of any extensive property, let us say the volume, if we know 
the amounts and the partial molal volumes of the several con¬ 
stituents. In obtaining this equation and the subsequent ones 
of this chapter, we are anticipating a need which will become 
more apparent in our later work. However, it has seemed 
desirable, before entering upon a discussion of the first and 
second laws of thermodynamics, to obtain some of the useful 
formulae which do not require these laws in their derivation. 
We shall thus be able to see, as we proceed, just to what 
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extent our various generalizations depend upon the laws of 
thermodynamics, and to what extent they depend merely 
upon a mathematical analysis of our concept of properties. 

In deriving Equation 15 we did not limit ourselves to any 
special values of ni, n 2 , • • • . Hence this equation, being 
entirely general, can be differentiated with respect to any 
change of composition, howsoever this change is produced 
(whether by addition or subtraction of infinitesimal amounts 
of any or all of the components). This general differentiation 
gives 

dG = riidoi + Sid/ii -f r?2dG2 + 02^^12 + * • •, (16) 

and this equation combined with Equation 14 gives 

nidcii 4 -^2^02 + * • = 0 , ( 17 ) 

which shows, for any infinitesimal alteration in composition, 
at constant temperature and pressure, the relation between the 
change in any one 5 and the change in all the others. Equa¬ 
tions 15 and 17 may for brevity be called the parHal molal 
equations. 

Special Forms of the Partial Molal Equations. These ecpia- 
tions assume a number of special forms, which are frequently 
useful. Thus, if we are dealing with one mol of solution. Equa¬ 
tions 15 and 17 become 

G = NiGi -}“ N2G2 “i“ ’ ■ ■ J (lb) 

Nidcfi -f" N2dG2 4" ’ • == 0, (16) 


We may regard the number of inols of one constituent, say 
Wi, as the main variable. Then if, as a reminder, we indicate 
also the constancy of P and 7", Equation 17 takes the form, 


ni 




Similarly Equation 19 becomes 


= 0 . 


( 20 ) 


Ni 




+ • • • = 0 . 


( 21 ) 
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It will be noted that while ni can vary without any change in ns, ns, etc., 
we cannot change Ni without some change in Ns, Ns, etc. So in a binary 
solution, 

dNi « - c/ns. (22) 


It is also to be noted that in spite of the similarity of Equations 20 and 21, 
dOi/d/ii has a very different meaning from dOi/dNi. Thus in a binary 
mixture, when ns is constant, 

_ ni , n» , 

Wi + tii (ni + ns)* 


Applications to Binary Solutions. Applying Equation 19 to 
a mixture of two components, and for later convenience choos¬ 
ing N 2 as the chief variable, 


or. 


, 6«2 ,, 
”■ +"■to. - 


Ogi . 002 
dN2 ' dN2 


^_2 

Ni’ 


(23) 

(24) 


If (5i and ^2 are plotted against N 2 , the two differential coef¬ 
ficients are the slopes of the two curves, and therefore the 
slope of one curve is entirely determined by the slope of the 
other curve and the composition. Thus at fifty mol per cent, 
where Ni = N 2 , the slopes of the two curves must be equal and 
opposite in sign. If at any composition one of the curves has 
a maximum, the other curve will have a minimum at the same 
composition. These statements are well illustrated by the 
curves of Figures 5 and 6. 

The Special Case of an Infinitely Dilute Solution. For finite 
values of Ni and N 2 , if dQi/dN 2 = 0, then = 0. But the 

limiting case, where one of the mol fractions is zero, deserves 
comment. In an infinitely dilute solution of X 2 in Xi, where 
we may write N 2 /N 1 = 0, it is evident that either dGi/dN 2 is 
zero, or b^^jb^^ is infinite. In other words, when N 2 is zero 
either the curve of becomes horizontal, or the curve of C 2 
becomes vertical. These two types ar.e illustrated respectively 
in Figures 7 and 8. All of the partial molal quantities to be 
considered in the next few chapters belong to the first type. 



SOLUTIONS 


45 


But, in discussing entropy and free energy, we shall find partial 
molal quantities which belong to the second type. 

Partial molal volumes are of the first type, and we may say 
that, in very dilute solutions, the partial molal volume of the 
solvent is constant, and equal to the molal volume of the pure 
solvent. How far, in a given case, this constancy will extend 
into the field of finite concentrations is a question which can 
be decided only by experiment. There are cases, such as a 
mixture of benzene and toluene, in which the partial molal 



Figure 7. Figure 8. 


volume of each constituent is essentially constant over the 
whole range of concentration (from pure benzene to pure 
toluene). In other cases there are measurable departures from 
constancy even at low concentrations. 

Derivatives of Partial Molal Quantities. If the property G 
is a quantity such as the V-T coefficient, that is, if G = d VjdTy 
then, by Equation III-5, 


d dV _ d dV _ dvi 
dnidT dT dni df^ 


(25) 


and we see that the partial molal V-T coefficient is equal to 
the temperature coefficient of the partial molal volume. This 
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serve as the prototype of numerous important equations 
which we are to employ in later chapters. 

Exercise 9 . If we have two variables, ni and n2, and 5 i is a quantity 
which is a function only of wi/nj, then, by successive partial differentiation, 

dfli __ dflj ^(Wi/Tla) __ dfli 1 
dni d{n\/n^ dn\ ^(ni/w:) n2 
and 

()Ci _ d(ni/n2) __ 

dn% d\ni/iii) dn^ ^ b{ni/ni) nt^' 

Combining, 

From the definition of Gi, and by reference to Equation III- 5 , prove that 
this equation is identical with Equation 20 . 

Exercise 10 . In a mixture of water and ethyl alcohol, in which the 
mol fraction of the water is 0 . 4 , the partial molal volume of the alcohol is 
57 . 5 , and the density of the mixture is 0 . 8494 . Calculate the partial 
molal volume of the water. 

Exercise 11. In order to determine the partial molal F-F coefficient 
it is necessary to know the volume of a solution at different compositions 
and at different temperatures. If the volume of a certain amount of some 
solution is given over a small range by the equation F » 20 (ni -f vh) -f 
0.0067 (ni 4- Ui) 4- 0.20ni, calculate d^iJdT = d^V/dTdni in this range. 




CHAPTER V 


THE FIRST LAW OF THERMODYNAMICS AND THE 
CONCEPT OF ENERGY 

In the simple mechanics of rigid clastic bodies there is a 
quantity, formerly called vis viva^ which is measured by the 
sum of the terms and which remains constant no matter 

how the system may change through collisions of its component 
parts. If, however, the system includes such a force as is said 
to act at a distance, the vis viva no longer remains constant. 
Thus if an object is thrown upwards against the earth^s gravita¬ 
tional force, its vis viva diminishes, and at a certain point the 
object comes momentarily to rest. If it is arrested at this 
point, the whole of the vis viva, or the whole of the kinetic energy, 
as we now call it, has disappeared. However, we are accustomed 
to say that as the object loses in kinetic energy it gains in latent or 
potential energy by an equal amount, and this idea is justified 
by the fact that if the object is allowed to drop once again to 
its original position, it regains the whole of the kinetic energy 
which it lost in rising. 

If in such a mechanical system there are inelastic collisions, 
or if frictional processes are at work, there may be a net loss 
of mechanical energy; in other words, the sum of the kinetic and 
potential energies may diminish. At the end of the eighteenth 
century when Count Rumford was observing the boring of cannon 
in the Munich arsenal, he noticed that the mechanical energy 
expended was roughly measured by the amount of heat pro¬ 
duced. This idea, developed by Mayer and by Joule, led to 
the first determinations of the mechanical equivalent of heat. 
It was thus found that a certain amount of mechanical energy, 
of whatever form, always produces the same amount of heat; 
and therefore the units of heat and work can be so chosen that 

47 
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the amount of heat produced is always equal to the amount of 
mechanical energy lost. This discovery led to the consideration 
of heat as a form of energy, and to the enunciation of the broad 
principle which we know as the law of the conservation of energy^ 
or the first law of thermodynamics. 

As far back as 1762 that remarkably accurate thinker and 
investigator, Joseph Black, showed, in studying heat alone, 
that it was necessary to introduce a concept of latent heat 
(analogous to potential energy). Here again the concept of latent 
energy is justified by the fact that the amount of heat required 
to melt a gram of ice is equal to the heat evolved when a gram 
of water freezes. 

When the phenomena of electricity became better understood 
it was necessary to define electrical energy, and the brilliant 
investigations of Maxwell made it possible to follow the course 
of electrical energy, not only through material bodies, but through 
space which is empty of all else but an electromagnetic field. 

So, as science has progressed, it has been necessary to invent 
other forms of energy, and indeed an unfriendly critic might 
claim, with some reason, that the law of conservation of energy 
is true because we make it true, by assuming the existence of 
forms of energy for which there is no other justification than 
the desire to retain energy as a conservative quantity. This is 
indeed true in a certain sense, as shown by the explanations 
which have been given for the enormous, and at first sight appar¬ 
ently limitless, energy emitted by radium. But a study of this 
very case has shown the power and the value of the conservation 
law in the classification and the comprehension of new phenomena. 

It should be understood that the law of conservation of energy 
implies more than the mere statement that energy is a quantity 
which is constant in amount. It implies that energy may be 
likened to an indestructible and uncreatable fluid which cannot 
enter a given system except from or through surrounding systems. 
In other words, it would not satisfy the conservation law if one 
system were to lose energy, and anotHer system, at a distance 
therefrom, were simultaneously to gain energy in the same 
amount. If a system gain or lose energy, the immediate sur- 
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roundings must lose or gain energy in the same amount, and 
energy may be said to flow into or out of the system through its 
boundaries. 


The Internal Energy of a System 

The energy contained within a system, or its internal energy, 
is a property of the system, in the technical sense in which this 
term has been used in Chapter 11. The increase in such energy 
when a system changes from state A to state B is independent 
of the way in which the change is brought about. It is simply 
the difference between the final and the initial energy, 

AE = Eb — Eai 

where AE for this system must, by the conservation law, be 
equal and opposite in sign to AE for all other systems involved. 

In a particular process, for example when we write 

Cu + 3^02 = CuO; AE = — 37000 calories, 

we mean that, at a given temperature, 37000 calories are evolved 
when one mol of cupric oxide is formed from its elements; or that 
one mol of cupric oxide contains so much less energy than one mol 
of copper and one-half mol of oxygen. 

In this example, when we write Eb = E{CuO) and Ea = 
E{Cu) + E(J^02), we are able to measure Eb — Eaj but we do 
not claim to know the value of either of these quantities alone. 
Nor are we interested in the kinds of energy which make up 
the total internal energy of a substance like copper oxide. It 
presumably consists in the kinetic energy of the moving particles, 
in the energy of the electric fields emanating from the charged 
particles of which the atoms are composed, and in other forms 
of energy to which names are now assigned or may be assigned 
in the future. But of all this, thermodynamics takes no cog¬ 
nizance. 

Energy and Mass. While the amount of energy given to or 
taken from the environment, in a case like this, is easy to meas- 
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ure, the determination of the total energy of any one material 
system has, until recently, seemed beyond the range of human 
possibility. For practical purposes it is still necessary to 
regard as undetermined the total energy which a given system 
possesses. It is, however, of much theoretical interest to note 
that the great discovery of Einstein,^ embodied in the principle 
of relativity, shows us that every gain or loss of energy by a 
system is accompanied by a corresponding and proportional gain 
or loss in mass,^ and therefore presumably that the total energy 
of any system is measured merely by its mass. 

In other words, mass and energy are different measures of the same thing, 
expressed in different units; and the law of conservation of energy is but 
another form of the law of conservation of mass. These units are indeed 
very different in magnitude, differing by the square of the velocity of 
light, so that one gram is equal to 9 X 10 *° ergs. Even the largest amounts 
of energy evolved in ordinary chemical reactions produce changes in mass 
that are below the limits of detectability by means of the balance. 

On the other hand, the great quantities of energy emitted in radioactive 
processes should be large enough to be weighed. Thus, if we accept the 
common view that the energy emitted is equal to the diminution in the 
internal energy of the substances concerned, the sum of the atomic weights 
of the products of a radioactive change should be measurably smaller than 
the atomic weight of the parent substance. However, if we adopt the 
view of Perrin,^ that the internal energy of a system increases in a radio¬ 
active change, the additional energy coming from without (in the form of 
ultra-X radiation), the atomic weights of the products should be greater 
in sum than the atomic weight of the parent substance. A careful study of 
the atomic weights of uranium and of radium might permit the decision 
between these rival theories, 

It is further to be noted in this connection that, if we assume Prout’s 
hypothesis, the deviations from whole numbers of the atomic weights of 
pure isotopes (referred to hydrogen) should measure the energy changes 
in the synthesis of the elements. Thus, if one gram atom of helium weighs 
0.032 g. less than four gram atoms of hydrogen, we could on this hypothesis 
write 

4 H -He; AS - -3 X lO" ergs. 

This is nearly a million million calories. 

1 Einstein, Ann. Physik, 18, 839 (1905). 

* For a simple demonstration of this proposition, independent of the principle of relativity, 
sec Lewis, Phil. Mag., 16, 705 (1908), and Science, 30, 84 (1909). 

* Perrin, Ann. physique, 11, 5 (1919). 
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Pressure and Temperature 

There are two intensive properties, pressure and temperature, 
which play an important role in thermodynamics, since they 
largely affect, and often completely determine, the state of a 
system. Pressure is too familiar an idea to require definition; it 
has the dimensions of force per unit area, and therefore pressure 
times volume has the dimensions of energy (force times distance). 

The concept of temperature is a little more subtle. When one 
system loses energy to another by thermal conduction or by the 
emission of radiant energy, there is said to be a flow of heat, or 
a thermal flow. The consideration of such cases leads immediately 
to the concept of temperature, which may be qualitatively defined 
as follows: if there can be no thermal flow from one body to 
another, the two bodies are at the same temperature; but if one 
can lose energy to the other by thermal flow, the temperature of 
the former is the greater. This establishment of a qualitative 
temperature scale is obviously more than a definition. It in¬ 
volves a fundamental principle, to which we have already given 
preliminary expression in discussing equilibrium, but which we are 
not yet ready to put in a general and final form. For thermal 
flow, this principle requires that if A lose energy to B, B cannot 
lose it to A; if A lose to B, and B lose to C, C cannot lose to A. 

Expressed briefly, our qualitative laws of temperature are: 
If Ta = Tbj and Tb = Tc, T a = Tc] if Ta ^ and Tb> 
Tc, Ta > Tc. As in our general discussion of equilibrium, it 
must be understood that we are dealing with net gains or losses 
in energy. We do not mean that no energy passes from a cold 
body to a hot, but only that the amount so transferred is always 
less than that simultaneously transferred from hot to cold. 

When we have established the qualitative laws of temperature, 
we still have a wide freedom of choice in fixing the quantitative 
scale. Indeed temperature, as ordinarily measured, or its 
square, or its logarithm, would equally satisfy these qualitative 
requirements. 

Since the volume of most things changes appreciably with 
the temperature, and since volumes are easily measured, it early 



62 


THERMODYNAMICS 


Chap. V 


proved convenient to correlate the temperature with the volume 
of some chosen thermometric substance. It is obvious that 
this substance could not be chosen altogether at random, for if 
water were taken, then, on account of the existence of a maximum 
density, there would be two temperatures corresponding to one 
volume. But, even in the case of substances whose volume 
always increases with the temperature, one choice may be more 
convenient than another. 

If thermometers made of mercury and alcohol, with linear 
scales, are made to agree at two temperatures, they will not 
agree at some intermediate temperature; but if two gases such 
as hydrogen and air are employed the agreement will be nearly 
complete over a wide temperature range. Hydrogen and air do 
not behave exactly alike at atmospheric pressure, but the behavior 
of any two gases becomes more nearly the same the lower the 
pressure. We therefore adopt, as our ideal thermometric sub¬ 
stance, any gas at very low pressure (strictly speaking, at zero 
pressure). 

If we adopt the centigrade scale, and call the freezing and 
boiling points of water 0® and 100°, respectively, and make 
the temperature proportional to the volume of our ideal gas at 
constant pressure, there proves to be a temperature, which we 
shall later find to be — 273.1°, at which the volume of the ideal 
gas becomes zero. 

This is known as the absolute zero of temperature. In addi¬ 
tion to the centigrade scale we may therefore define a new scale, 
known as the absolute scale, obtained by adding 273.1 to the 
centigrade temperature. In order to distinguish between abso¬ 
lute and centigrade temperature, we shall designate the former 
by r, the latter by <, and we write: 25°C =298.1°K.^ (Since 
this is a temperature which we shall very frequently use, we shall 
designate it commonly, for convenience, 298°K, bearing in mind 
that in our calculations we are to use the more precise value.) 

In a later chapter we shall define the thermodynamic scale 
of temperature, which fortunately proves to be identical with the 
ideal gas scale which we have just considered. In that place 

i K, for Lord Kelvin, the author of the absolute scale. 
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we shall be able to show that the point which we have defined 
as the absolute zero of temperature is not an arbitrary point, 
brought into prominence by the properties of any one substance 
or class of substances. It is in fact the limit of any rational 
thermodynamic scale, a true zero where all thermal energy 
would cease; but as unattainable as the other limit of our scale, 
the infinite temperature. 

Heat and Work 

There are two terms, ^^heaf' and ''work,'' that have played 
an important part in the development of thermodynamics, but 
their use has often brought an element of vagueness into a science 
which is capable of the greatest precision. It is not, however, 
convenient to avoid altogether the use of these terms, although 
unfortunately their best definition can be given only after the 
introduction of certain ideas which will be developed in a later 
chapter. For our present purpose we may say that when a 
system loses energy by radiation or thermal cond^’ction it is 
giving up heat; and that when it loses energy by other methods, 
usually by operating against external mechanical forces, it is 
doing work. 

Thus if a system is subjected to a constant external pressure 
P, and is allowed to expand against that pressure so that its 
increase in volume is AF, then w, the work done by the system, is 

w = PAF, (1) 

or, if the external pressure, instead of being constant, varies 
during the process, 

fVB 

w^J PdV. (2) 

In order that such an expansion may occur, the internal 
pressure must of course be greater than the external. But this 
difference may be made as small as is desired, and in the limit 
we may consider the case in which the internal pressure is equail 
to the external pressure, or differs from it by a negligible amount. 
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Ordinarily, when we speak of an expansion or a contraction we 
shall assume that at each moment the external and internal 
pressures differ only infinitesimally. In such cases, Equations 
1 and 2 are valid if P is also considered as the internal pressure of 
the system. 

According to the law of the conservation of energy, any system 
in a given condition contains a definite quantity of energy, and 
when this system undergoes change, any gain or loss in its internal 
energy is equal to the loss or gain in the energy of surrounding 
systems. In any physical or chemical process, the increase in 
energy of a given system is therefore equal to g, the heat absorbed 
from the surroundings, less w, the work done by the system upon 
the surroundings. If Ea represents the initial energy content 
of the system, and Eb the final energy content, then 

Eb — Ea AE ^ q — w. (3) 

We shall use q and %v to represent quantities of heat and work whether 
finite or infinitesimal. Thus for an infinitesimal change we write, 

dE « g ~ w, ( 4 ) 

Some authors express an infinitesimal value of q by dg, but we have agreed 
to read dx always as the infinitesimal increment of x, and not as an infini¬ 
tesimal value of X. 

The values of q and w depend upon the way in which the 
process is carried out, and in general neither is uniquely de¬ 
termined by the initial and final states of the system. However, 
their difference is determined, so that if either q or w is fixed by 
the conditions under which the process occurs, the other is also 
fixed. Thus in the case just cited, where the work done by the 
system is the work of expansion against an external pressure, 
the expansion may be carried out in such a manner that no heat 
enters or leaves the system. We then say that the process is 
adiabatiCj and we may write, 

fVB 

/ PdV. (5) 

Jva 

On the other hand, if the process is such that no work is done 
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upon the surroundings (as in the case of a chemical reaction 
taking place in a constant volume calorimeter), then AE =q. 

The Heat Content. In most calorimetric work the pressure, 
and not the volume, is kept constant. If the increase in volume 
during the reaction is AF, then 

AE = q - PAV = 3 - P(Fb - Fj (6) 

or 

(Eb + PVb) - (Pa + PFa) =3, • (7) 

and the heat absorbed during the reaction is again a quantity 
which obviously depends only upon the initial and final states. 
We may define a new quantity by the equation 

H ^E + PV; AH = {Eb + PbVb) - (Pa+ PaFa). (8) 
Like P, the property H is one to which we do not attempt to give 
a numerical value, although changes in H are readily measured. 
Thus in any constant pressure calorimeter, 

AP = 3. (9) 

On account of this relation, and for want of a bette^ te^^m, we 
call H the heat content of a system. 

As an example we may consider a simple process such as the 
vaporization of water, in a calorimeter at constant pressure; 
H20(1, 1 atmos.) = H20(g, 1 atmos.). Here 

AH = Hb - //a = {Eb + PVb) - (Pa + PFa) = 3, 

where Pa is the energy. Fa the volume, and Ha the heat content 
of one mol of liquid water; P^, etc., are the corresponding quanti¬ 
ties for one mol of the vapor, and q is the heat of vaporization as 
ordinarily measured (see Exercise 3). 

While we have thus called attention to the equality of AH and 
3 in a constant pressure calorimeter, it must not be supposed 
that the utility of the quantity H is in any way limited to such 
a case. The change in heat content is determined only by the 
initial and final states, and not by the particular manner in 
which the process is carried out. Thus if we have a process 
involving substances at different pressures, for example 

H 20 ( 1 , 1 atmos.) = H 20 (g, 0.01 atmos.). 
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we have AH as the difference between Hb = Hb + PbVb and 
PaVa. 


Heat Capacity 

When we impart heat to a system, and thereby raise its temper¬ 
ature, the average heat capacity between the initial and final 
temperatures is defined as g/AT, and the limit of this ratio, as 
q is made indefinitely small, or, in other words, as the second 
temperature is brought indefinitely near to the first, is called 
the actual heat capacity at that temperature. 

The amount of heat required to produce a given rise in temper¬ 
ature will, however, depend upon the circumstances under which 
the system is heated. In particular we must consider the cases 
in which the system is heated at constant volume, and at con¬ 
stant pressure. Thus we speak of the heat capacity at constant 
volume, Cv, and of the heat capacity at constant pressure, Cp. 

In the first case, the heat absorbed is equal to the increase 
in internal energy, for when a system is heated at constant 
volume there is no work done. Therefore, 

Such an equation as this is general and applies to any system, 
homogeneous or heterogeneous. Indeed, if we are to determine 
experimentally the heat capacity of a system, it is unnecessary 
to know what the system contains; it might be some pure liquid, 
or it might be a mixture of ice and brine. 

Even when we are dealing with a pure phase, its internal energy may 
increase with the temperature in a variety of ways. The translational 
energy of its molecules may alone be increased, as in the ideal monatomic 
gas; the molecules may acquire energy of rotation or of oscillation, as in the 
case of a polyatomic gas; the potential energy of the molecules may be 
larger owing to their increasiiig separation, as in the case of liquid mercury; 
or there may even be an increase of energy, owing to a dissociation (or to 
some other chemical reaction) which occurs when the temperature is raised 
(as in the case of iodine vapor at high temperatures, and presumably in 
the case of liquid water at room temperature), All of such changes to- 
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gether make ud the increase in internal energy, and for the purposes of 
thermodynamics the particular nature of the transformations of energy 
within the system is immaterial. 

If a system changes in volume during heating, the heat ab¬ 
sorbed differs from the increase in internal energy by the work 
which is done, or q - dE + PdV. In particular, if any system 
is heated infinitesimally at constant pressure, 



When the system is thus heated from one temperature to another, 
at the same pressure, the increase in its energy is the same as 
it would be if the system were heated from the first temperature 
to the second, at constant volume, and then brought at constant 
temperature to the original pressure. This may be expressed in 
mathematical form (see Equation III-4), 

Combining Equations 10, 11 and 12, we obtain an important 
equation for the difference between the heat capacity at constant 
pressure and the heat capacity at constant volume, 

Cp = Cv + [p + (13) 

Finally, by a slight modification in Equation 11, we may see 
at once the extremely simple relation between Cp and the heat 
content. For, if P is constant, 

dV ^d{PV) 
df dT ^ 

and 

)p~\dT)r 

In other words, the heat capacity, at constant pressure, is equal 
to the rate of change of heat content with temperature, just as, 
at constant volume, the heat capacity is the energy-temperature 
coefficient. 
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We have pointed out, in discussing the properties of substances, that 
instead of taking pressure and temperature as our independent variables, 
we might take another pair such as temperature and volume. There 
seems, however, to be some a priori reason for selecting P and T, two 
quantities which are similar to one another in their general characteristics. 
Certainly this choice is justified on practical grounds. Thus the temperature 
coefficients of various properties are far more frequently measured at constant 
pressure than at constant volume. It is for this reason that H and Cp will 
be more frequently used than E and Cv. In fact, as we pro<;eed we shall 
find that, besides H and Cp, there are a number of properties which come 
into prominence in the P-T system, while other closely related properties 
would be brought into prominence in the V-T system. It will further be 
noted that our equations assume the simplest form when they include 
only properties which arc characteristic of only one of these systems. Thus, 
for example, idE/dV)<r and {dH/dP)>p will be more frequently met than 
{dE/dP)T or {dH/dV)T. 

Exercise 1. Prove that 

(15) 

Exercise 2. Consider the sign of (Cp —Cv) for 'water in the range be¬ 
tween 0 ° and 1()°C (assume {dE/dV)^ to be positive). 

Units of Energy and Correlated Units^ 

It must be made clear at the outset that our general equations assume 
the employment of some self-consistent set of units. On the other hand, 
in our numerical calculations we shall employ practical units which are 
not always mutually consistent. In such calculations it is therefore of the 
utmost importance at all times to bear in mind the units which are being 
employed, and to know the exact numerical relationship between these units. 

The basic c.g.s. unit of energy is the erg. The joule * 10^ ergs is also in 
frequent use. For practical reasons we shall adopt neither of these, but 
rather the calorie, as the unit of energy; just as we shall adopt the atmos¬ 
phere instead of the c.g.s. unit of pressure. This is at present justifiable 
not only on practical grounds, but also for the reason that many of our 

' The fundamental constants given here are those which were decided upon, after very care¬ 
ful consideration of the data then available, in 1913 (Lewis, J. Am. Chem. <Soc., 35, 1 (1913)). 
Since that time several investigations have been published which might lead to very slight 
changes in the values chosen; but in no case would any substantial alteration occur. For this 
reason it has seemed best to make no change in the values of these constants until the time comes 
when it is desirable to make a systematic revision. It is to be hoped that in the near future 
there will be established an international committee on free energy data, like the International 
Atomic Weight Commission, and that such a body may at intervals determine the values of the 
more fundamental constants which are to be employed. 
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other units, such ob the unit of temperature, have no rational basis; and 
it may be desirable, in the very near future, to revise our whole system. 

If the calorie is defined merely as the amount of energy required to 
raise one gram of water one degree, it depends on the temperature of the 
water. Two different calories are in common use, the 15° calorie, which is 
the amount of energy required to raise one gram of water from 15° to 16°C, 
and the mean calorie, or the amount of energy required to raise 0.01 gram 
of water from 0° to 100°C. Fortunately these two units are almost iden¬ 
tical. According to the calculation of Barnes,^ the mean calorie is 0.017% 
larger than the 15° calorie. It is the 15° calorie which we shall use through^ 
out and call simply the calorie. 

The mechanical equivalent of heat has been determined by numerous 
experimenters, who have for the most part, however, determined the equiva¬ 
lent of the calorie in units of electrical energy, and not in units of mechanical 
energy. In other words, the relation between the calorie and the volt- 
coulomb has been obtained, rather than between the caloric and the erg. 
Since the work of Rowland, the only determinations of the latter ratio 
which need be considered are those of Miculescu,® and of Reynolds and 
Moorby.® Of these the work of the latter authors deserves the greater 
weight. Their value, after a small correction pointed out by A. W. Smith^ 
has been applied, is 1 cal. = 4.1829 X 10^ ergs. This is in complete agree¬ 
ment with the value 4.183 X 10^ obtained by Miculescu. 

Of all the measurements of the mechanical equivalent involving the 
ratio of volt-coulomb to erg, those of Gallendar and Barnes are so complete 
and reliable that they alone can be given serious weight. Barnes,® in his 
latest recalculation of their results, assumes the electromotive force of the 
Clark cell at 15° as 1.4330 volts, and of the standard Weston cell at 20° as 
1.0187 volts. Since the electromotive force of the latter standard cell is 
now taken by international agreement,® as 1.0183 volts at 20°, the work of 
Barnes has been recalculated by A. W. Smith.^ He finds one mean calorie 
equal to 4.1816 X 10^ ergs, or 1 cal. (15°) =4.1809X10^ ergs. This calcula¬ 
tion, of course, depends upon the assumption that, under the new definition 
of electromotive force, 1 volt-coulomb — 1 joule = 10^ ergs. This is the as¬ 
sumption that we shall henceforth make. 

As an average between this value and the one obtained by Reynolds and 
Moorby, we shall take as the final value of the mechanical equivalent of 
heat, 

1 cal. * 4.182 X lO’ ergs. (16) 

1 Barnes, Proe. Roy, Soe, London^ (A) 82, 390 (1909). 

* Miculescu, J, physique [3], 1, 100 (1892). 

> Reynolds and Moorby, Trans, Roy. Soe., London, (A) 190, 301 (1898). 

< A. W. Smith, U. S. Weather Review, 35, 458 (1907). 

* Barnes, Trans. Roy. Soc., London, (A) 199, 149 (1902.) 

* Bureau of Standards, Circular No. 29, Washington, 1910. 

» A. W. Smith, Phya. Rev., 33, 173 (1911). 
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Another unit of energy which is of occasional service is the cubic centi¬ 
meter-atmosphere. If one atmosphere is defined as the pressure of 760 
mm. of mercury under standard conditions, 

1 atmos. s 1013300 dynes per sq. cm., (17) 

and 

1 cc.-atmos. * 0.10133 joules, (18) 

or 

1 cc.-atmos. = 0.02423 cal. (19) 

The difference between the absolute and centigrade temperature scales 
has been carefully investigated by D. Berthelot^ who found the limiting 
value of the coefficient of expansion of gases, as the pressure is indefinitely 
diminished. He thus obtained, 

T^t +273.1°. (20) 

In the next chapter we shall discuss the perfect gas whose equation of 
state is Pv an equation which is approached by all gases at low pres¬ 

sures. Berthelot found* the limiting value of Pv at 0°C to be 22412 ± 2 
cubic centiraeter-atinosx)hcres. Hence, 

R - 82.07 d= 0.01 cc.-atmos. per degree. (21) 

It will be frequently convenient, however, to express this constant in 
calories per degree. For this purpose we write, 

R « 1.9885 calorics per degree. (22) 

Likewise, we write, 

R = 8.316 joules per degree. (23) 

In order to obtain energy data from measurements of electromotive 
force, it is necessary to know the electrochemical equivalent, which is 
defined as the number of grams of silver deposited per coulomb of electricity 
in the standard coulometer. The value of this equivalent, which was used 
as the basis of the new definition of the international volt,* is 0.00111800. 
If we take 107.88 as the atomic weight of silver, we obtain as the Faraday 
equivalent, that is, the number of coulombs of electricity associated with 
one gram equivalent of any ion, 

F « 96494 coulombs per equivalent. (24) 

If E is the electromotive force of a cell, then the electrical work done by 
that cell is 96494 X E volt-coulombs per equivalent, or 23074 E calories per 
equivalent. In other words, 

F - 23074 cal. per volt- equivalent. (25) 

» D. Berthelot, Z. Elektrachem., 10, 621 (1904;. 

» Guye obtains the value 22410. J, chim. phys.^ 6, 769 (1908), 

* Bureau of Standards, Circular No. 29, Washington, 1910. 
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For convenience in our future calculations, we have collected the assem¬ 
bled constants, together with several other numerical factors which are of 
frequent utility, in Appendix II. 

Exercise 3. In vaporizing water at 1 atmos. and lOO^C the heat of 
vaporization per mol is g » AH - 9730 cal. The volume of one mol of vapor 
under these conditions is 29730 cc. The volume of the liquid is negligible. 
Find the difference in internal energy per mol between vapor and liquid. 

Exercise 4. The current from a storage cell operating at two volts is 
used for heating purposes. How much heat would be developed per gram 
of lead consumed in the cell? (This exercise is introduced merely to show 
one of the many types of elementary problems involving the conversion of 
units and the employment of numerical factors. The reader who is not 
practised in this kind of numerical manipulation should set himself numer¬ 
ous problems of this character.) 



CHAPTER VI 


APPLICATION OF THE FIRST LAW TO A PURE 
HOMOGENEOUS SUBSTANCE 


In the very general treatment of the last chapter we obtained 
equations which are valid for any sort of system. It will be well 
to illustrate the use of these equations by showing their applica¬ 
tion to the limited case of a single phase of a pure substance.^ 
We have chosen as subjects of such illustration: first, the per¬ 
fect gas, which has played so large a part in the development of 
physical science; and, secondly, the phenomenon of free expan¬ 
sion, which has not only been of great theoretical service in 
the determination of the absolute scale of temperature, and in the 
choice of suitable equations of state for imperfect gases, but has 
also, more recently, been of great practical importance in the 
liquefaction of air and other gases. 

In dealing with a pure phase it will frequently be useful to 
employ molal quantities. Thus, from the general equations of the 
preceding chapter, we may write such more special equations as, 


H = E + Pv; 



( 1 ) 

( 2 ) 


The Perfect Gas 

It often happens in science that a law, which at first is supposed 
to be universally valid, is found after more thorough investiga¬ 
tion of particular systems to be subject to correction. It may 
indeed be found that no individual system obeys the law rigor- 

^Thc discussion in this chapter is not really limited to pure substances, but applies to any 
solution, provided that its composition is fixed; nor would the equations for free expansion be 
modified in any essential manner if we were dealing with a heterogeneous system such as a fluid 
emulsion. 
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ously, but nevertheless that numerous systems may be made to 
approach an ideal limiting state in which the law would be exact. 
Such limiting laws arc frequently of great value. Thus, in the 
theory of radiation, we speak of the laws of reflection from a 
perfect reflector and the laws of emission from a perfectly black 
body, although the perfect reflector and the perfect ^^black body** 
are not found among actual substances. 

Such an ideal limiting law is the gas law. The perfect gas or 
the ideal gas is an invented substance, defined by certain proper¬ 
ties which are not possessed by any actual substance, but which 
arc supposed to be approached by every actual gas as its pressure 
is indefinitely diminished. We may state then that the perfect 
gas is a substance which fulfills the two following conditions: 
(1) that its energy is a function of the temperature alone, or, 
in other words, that,^ 



(2) that when its temperature, pressure and volume are changed, 
these obey the relation 

PV = ni?r, (4)* 

where n is the number of mols, or 

Pv = RT. (5)* 

Work and Heat of Isothermal Expansion. At constant tem¬ 
perature, for example if the containing vessel is immersed in a 
thermostat, the internal energy of a perfect gas must by definition 
remain constant. Under such circumstances, therefore, when the 
gas does external work by expansion the conservation law re¬ 
quires that an equivalent amount of heat must be absorbed from 
the environment (the thermostat). That is, w = q. If the 
expansion occurs slowly, and without friction, so that the internal 
pressure is kept equal to the external pressure, then 

q - w = PdVy 

^ Equations such as these, which arc not true for actual substances but which may be used 
as approximation formulae, the approximation becoming more perfect as we approach nearer to 
a certain limiting condition, will be marked with an asterisk. The same device will be later 
adopted for marking the equations of the perfect or the ideal solution. 
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or, for a finite change, 



Hence, substituting for P from the gas law, and integrating, 

q = w = nliThxX^ = nRT hi^. (6)* 

V A 1 B 

In employing this equation for numerical calculation we use 
R = 82.07 if we wish to measure q and w in cc.-atmos., or R = 
1.9885 if the result is to be in calories. Thus let us consider the 
work required to compress one mol of a perfect gas from 1 atmos. 
to 200 atmos. at 25“C or 298.1®K. We have, per mol, 

- ic = - 1.9885 X 298.1 X 2.3026 log ^ = 3141 cal., 

®200 

and 3141 cal. is also the heat evolved in this isothermal com¬ 
pression. In a later chapter we shall have an opportunity to 
compare this figure with the work required to compress an actual 
gas (oxygen) under similar conditions. 

Work of Adiabatic Expansion. When one mol of a perfect 
gas expands, not isothermally but adiabatically (in other words, 
when it is enclosed in a vessel which is a nonconductor of heat), 
then g = 0, and w - — dE. In this process the temperature 
will change. Since by Equation 3 the internal energy, at con¬ 
stant temperature, does not depend upon the volume, E must 
be a function of T alone. It will therefore be evident, for a 
perfect gas, that not only for a change at constant volume, but 
for any change, dE == CvdT Hence we may write, 

pdv = — Cvdr, 

or, substituting from the gas law, 

— dv = CvdiT, 
or 

/Jd In V = — Cvd InT. (7)* 

This equation cannot be integrated without knowing more 
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about Cv. In the special case in which cv is constant, the inte* 
gration is simple and gives, 

TyWov) = constant. (8)* 

► 

It was through the study of such adiabatic changes that Sadi 
Carnot first obtained the equation for the work which could be 
produced by an ideal heat engine, and thus laid the foundations 
of the second law of thermodynamics. 

The Difference between the Heat Capacity at Constant Pres¬ 
sure and at Constant Volume. For a perfect gas Equation V-13 
assumes a very simple form. Since {dE/dV)j> = 0, and {dv/dT)p 

-R/P. 

Cp ~ Cv = R. (9)* 

Exercise 1. Show that for a perfect gas 



Exercise 2. Suppose that for a certain gas {dE/dV)j> «0, but P(v ~6) = 
RTj where 6 is a constant. Calculate (O/f/dv)^, and cp-c-. 

Exercise 3, Employing the same gas as in Exercise 2, obtain the ex¬ 
pression for the heat and work of isothermal expansion, and calculate numer¬ 
ically the heat absorbed in expanding 1 mol at 25°C from 250 to 25000 
cc., assuming h = 20 cc. 

Exercise 4. Show that Equation 8, for adiabatic change, can be put 
into the equivalent form, 

py(cp/cv) ^^onstant. (10)* 


The Heat of Free Expansion 

When a substance under pressure expands against a smaller 
external pressure, as for example when the valve of a cylinder 
containing gas at high pressure is opened, the process is known 
as free expansion. In the case of any actual substance this free 
expansion is associated with thermal changes. A perfect gas, 
when it changes volume at constant temperature, suffers no 
change in energy or heat content, but an actual gas does. 

If we look at the matter from the standpoint, not of thermodynamics, 
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but of molecular mechanics, we may attribute this change largely* to change 
in the potential energy of the molecules, due to their approach or separa¬ 
tion. Thus the heat absorbed in the irreversible or free expansion of a 
compressed gas may be regarded as a residuum of the latent heat of 
vaporization. , 

An experiment of great significance in this connection was 
first performed in an English brewery by Joule and Thomson 
(Lord Kelvin). Joule had already attempted to show, and did 
show within the limits of experimental error, that (dE/dV)^ = 0 
for the common gases. He allowed the gases to expand, without 
doing work, from one vessel to another exhausted vessel, both 
being immersed in a calorimeter. There resulted no measurable 
change in the temperature of the calorimeter. 

It was evident, however, that small energy changes could 
not be detected in this manner, and the new experiment of Joule 
and Thomson^ was therefore undertaken. This experiment 
consisted in allowing a gas to escape through a porous plug from 
a high pressure on one side to a low pressure on the other, the 
resistance of the plug being great enough to insure a nearly 
constant pressure in the incoming, and also in the outgoing gas. 
Thermometers placed on either side of the plug showed a tem¬ 
perature difference (T' — T) depending upon the pressure dif¬ 
ference (P' — P). The apparatus was constructed of such poor 
thermal conductors that no appreciable amount of heat could 
pass into or out of the system. 

At ordinary temperatures and pressures, all gases, except 
hydrogen and helium, show a cooling effect in such free expan¬ 
sion. This amounts in the case of carbon dioxide to more than 
one degree for a difference of pressure of one atmosphere, while 
the cooling for air, which approaches more nearly to the perfect 
gas, is only about one-fifth as great. However, this effect in 
air is large enough to be of practical importance, and the most 
common apparatus for the production of liquid air depends 

' Of course the changes in the heat content arc due in part to changes in the product P V, 
but even in regard to the internal energy it would be incorrect to say that its changes are due 
solely to changes in potential energy. For, contrary to earlier belief, the kinetio energy of 
molecules is not always the same at the same temperature for a substance in different states. 
This is because of the failure, especially at low temperatures, of the law of molecular Junecios 
known as the equi-partition of energy. 

> Joule and Thomson, Proc. Roy. Soc. London, 143, 357 (1853). 
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solely upon this phenomenon. Thus, if a certain portion of 
compressed gas undergoes free expansion, and the cooling effect 
is used to pre-cool another portion, that portion upon expansion 
will fall to a still lower temperature. By continuing this process 
a certain fraction of the original compressed gas can be liquefied. 

The experiments of Joule and Thomson, and of others who 
have used the same method, show that the cooling produced by 
a given pressure drop is nearly independent of the pressure 
(although it is noticeably smaller at the highest pressures which 
have been studied). On the other hand, it increases rapidly 
with diminishing temperature. Thus a difference of two hun¬ 
dred atmospheres causes a lowering of forty-five degrees in air 
initially at 0°C, and of one hundred degrees if the air is initially 
at — 90®C. Indeed hydrogen and helium, which at ordinary 
temperatures are not cooled, 
but are heated by free expan¬ 
sion, behave like other gases at 
low temperatures. If therefore 
hydrogen is pre-cooled by liquid 
air, it can be further cooled and eventually liquefied by its own 
free expansion. 

The temperature at which a gas is neither heated nor cooled , 
by free expansion, is called its inversion temperature . Probably 
all gases which at ordinary temperatures are cooled by free 
expansion will show such an inversion at higher temperatures. 

In order to understand clearly the theory of theJoule-Thomson 
experiment, let us consider the schematic representation in 
Figure 1. The gas is passing through the porous plug C from 
left to right. The pistons A and B are moved at such a rate 
as to keep each of the pressures, P and P', constant. When one 
mol of gas has passed through the plug, the work PV will have 
been done upon the system, and the work P'F' will have been 
done by the system. The net work done by the system is w - 
P'F' — PF. Assuming now that the apparatus is constructed 
of such good thermal insulators that the process is adiabatic, then 
g = 0, and - P = PV - P'7'. Hence, by Equation V-8, 
AH = 0, and the process is one occurring at constant H. 



A C B 

Figure 1. 
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The ratio (T' - T)/(P' — P) being obtained at several 
values of (P' — P), ^ye may find its value in the limiting case 
as (P' — P) approaches zero. This value may be called the 
Joule-Thomson coefficient, ii. It is formally defined by the 
equation, 



Now this coefficient is related to others which we have already 
employed (see III-3), by the equation, 

or, by Equations 11 and V-14, 

where {dH/dP)j< shows the heat which would be absorbed, per 
unit difference in pressure, if the experiment were carried out, 
not in a thermally insulated tube, but in a calorimeter at con¬ 
stant temperature. 

The equations of this section arc in no way restricted to gaseous 
substances, and the experiment of Joule and Thomson can be 
made with any fluid substance. Few such experiments with 
liquids have been carried out, but there is no doubt that much 
valuable information regarding liquiils may and will be obtained 
by this method. 

Exercise 5. Let us see in a particular case how large a fraction of a 
compressed gas may be liquefied by a process of free expansion. In so far 
as the process can be made adiabatic, the heat content of the liquefied gas, 
together with the heat content of the residual gas which has not been lique¬ 
fied, must be equal to the heat content of the original compressed gas. In 
a good liquefier, the heat interchange is so effective that the residual gas 
issues at a temperature very little lower than that of the compressed gas 
which enters, and by improving the interchanger this difference can be made 
indefinitely small. Let us assume then that of one mol of oxygen, at 298°K 
and at 200 atmos., entering the liquefier, the fraction x is converted into 
liquid oxygen at 1 atmos. and at 90®K (the boiling point of the liquid); 
and that the fraction (1 - x) issues from the liquefier at 1 atmos. and at 
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298®K. Then we may write the equation 02(g, 200 atmos., 298"K) ■ 
x02(l, 1 atihos., 90®K) + (l“a:)02(g, 1 atmos., 298°K); AH • 0. 

Or, looking at the matter in another way, if the whole mass of the gas 
is cooled by free expansion from 200 atmos. to 1 atmos. it has been found 
by the Joule-Thomson experiment that the drop in temperature will be 
about 60®. Thus the heat content at 200 atmos. and 298®K is the same as 
the heat content at 1 atmos. and 248®K. Hence we may write for the three 
states (all at atmospheric pressure), 

OsCg, 248®K) = a;02(l, 90®K) + (1 - x)02(g, 298®K); AH « 0. 

Assuming cp for the gas to be constant and equal to 6.7, and taking the 
heat of vaporization per mol as 1600 cal., show that 

a:[1600 + 6.7(248 - 90)1 = (1 ~ x)[6.7(298 - 248)], 

or that about 11% of the gas is liquefied. 

Exercise 6. Assuming Equation 6 (which produces an error in this 
calculation of only about 3%), show that, if we compress oxygen to 200 
atmos. at 25°C and use an eflScient liquefier, it will require about 27000 
cal. of mechanical work for each mol of liquid oxygen produced. 

Exercise 7. Show from Equation V-15 that for any substance 

( 13 ) 


How is this e(|uati()n simplified at the inversion temperature? 

Exercise 8. Hoxton iPhys. Rev.^ 13, 438 (1919)) has made a careful 
study of the Joule-Thomson coefficient for air over a limited range of 
temperature and pressure. His results are summarized in the empirical 
formula. 




- 0.1975 + ~r 


319P 
f% • 


Show that at 00®C, and at small pressures, m “0.217 and {dtx/dT)p * 
-0.00124. 

Exercise 9. The differentiation of Equation 12 with temperature leads 
to an interesting and useful formula. Show that 



Few experiments have been made upon the change of heat capacity with 
pressure, but Holborn and Jakob (Z, Verein deui. Ing.y 58, 1429 (1914)) 
have made a careful study, for air at 60®, of the change of Cp with pressure. 
They found for 1 gram of air at 60®, Cp = 0.241, and at small pressures, 
(dCp/dP)j» «0.000286. At this same temperature (dCp/c)T)p is 0.000035 
per gram. Using these values and the value of m from the previous exer- 
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cises, calculate {dtJL/dT)p, and note how nearly it agrees with the experi* 
mental value given in the previous exercise. 

Exercise 10. It may have been noticed that the equation of Hoxton 
in Exercise 8 makes the Joule Thomson coefficient approach a finite value 
ac zero pressure. Indeed all of our experimental evidence indicates that 
fjL (and therefore (dH/dP)>p) does not approach zero as the gas is indefinitely 
expanded. We have already seen that (dH/dV)j^ is zero at zero pressure. 
Show analytically that, for a given amount of gas, the ratio of dH/dP to 
dH/dV approaches infinity as the pressure is diminished. 



CHAPTER VII 


THE HEAT CAPACITY OF PURE SUBSTANCES 

We shall have such frequent occasion to employ numerical 
values of heat capacity that it seems well to pause at this point 
for a brief examination of the experimental information which 
we possess concerning these useful data. 

Heat Capacity of Elements in the Solid State 

Dulong and Petit ^ announced the empirical rule that the 
heat capacity per gram atom is the same for all solid elements. 
Later this discovery was somewhat discredited, when it was 
found that the specific heats always increase with the tempera¬ 
ture, and sometimes very rapidly, so that at low temperatures, 
and indeed at ordinary temperatures for a number of elements of 
low atomic weight, the heat capacity proves to be much lower 
than the value of Dulong and Petit; while at higher temperatures 
the heat capacities rise considerably above this value. 

Meanwhile, however, Boltzmann^ had shown that the rule 
of Dulong and Petit could be directly deduced from the classical 
kinetic theory, and that the constant of Dulong and Petit should 
be equal to 3i2 = 5.97 calories per degree. Now the theoretical 
considerations of Boltzmann would pertain to Cv rather than Cp, 
and it became therefore a matter of much interest to determine 
whether the rule of Dulong and Petit might not be more nearly 
valid if applied to heat capacity at constant volume. 

In order to answer this question Lewis ^ employed a thermo- 

1 Dulong and Petit, Ann. ehim. phys., 10, 395 (1819). 

2 Boltzmann, Sitzb. kgl. Akad. Wis's. Wien, 63: 2, 679 (1871). 

• Lewis, J. Am. Chem. Soc., 29, 1165, 1616 (1907). 
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dyuainic fonaula (which we are going to prove in a later chapter, 
Equation XII-24), reading 


Ci» - Cv 


a^vT 


( 1 ) 


where « = (1/v) (dy/dT)p is the coefficient of thermal expansion, 
= — (1/v) {dy/dP)p is the compressibility, v is the molal 
volume, and T is the absolute temperature. (In ordinary units 
this equation gives Cp — Cv in cc.-atmos. per deg., which may 
then be converted to cal. per deg. through multiplication by 
0.02423.) Applying this equation to all the solid elements for 
which the requisite data were known, he was led to the interesting 
conclusion: Within the limits of experimental error, the atomic 
heat at constant volume, at 20®C, is the same for all the solid 
elements whose atomic weights are greater than that of potas- 
sium.^’ Thus for the 15 elements for which data were available, 
the mean value of Cv was 5.9, and the average deviation from this 
mean was 0.09. The values of Cp arc far more variable. Thus 
for iodine Cp = 6.9, Cp — Cv = 0.9, and cv = 6.0, while for iron 
Cp = 6.0, Cp — Cv =0.1, and Cv = 5.9. Such experimental 
data as we possess on the difference between the two heat capac¬ 
ities are given in Table 1, taken from a paper by Lewis and 
Gibson' of which we shall make frequent use in this chapter. 
It is evident that at ordinary temperatures the difference between 
Cp and Cv is usually small. 


Table 1.—cp — cv at Room Temperature 


Li 

0.3 

Ca 

0.3 

As 

0.0 

Sn 

0.3 

All 

0.3 

Be 

0.2 

Ti 

0.1 

Se 

0.3 

Sb 

0.1 

Tl 

0.3 

C 

0.0 

Cr 

0.1 

Zr 

0.1 

I 

0.9 

Pb 

0.4 

Na 

0.5 

Mn 

0.1 

Mo 

0.1 

La 

0.1 

Bi 

O.l 

Mg 

0.2 

Fe 

0.1 

Ru 

0.1 

Ce 

0.1 

Th 

0.1 

A1 

0.2 

Co 

0.1 

Rh 

0.1 

W 

0.1 

U 

0.1 

Si 

0.1 

Ni 

0.2 

Pd 

0.2 

Os 

0.1 



S 

0.4 

Cu 

0.2 

Ag 

0.3 

Ir 

0.2 



K 

0.6 

Zn 

0.3 

Cd 

0.3 

Pt 

0 2 




Recent investigations have thoroughly substantiated the 
conclusion that, in normal cases, the atomic heat capacity at 

»Lewis and Gibson, J. Am. Chtm, Soc., 39, 2664 (1917). 
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constant volume, however it may change at low teihperatures, 
rises with increasing temperature and approaches asymptotically 
the value 3/2. 

There is, however, one type of substances constituting an exception to 
this rule. This exceptional class, discovered by Lewis, Eastman and Rode- 
bush,^ was also satisfactorily explained by them. They pointed out that 
for extremely electropositive metals, such as sodium, potassium, calcium 
and magnesium, the values of Cy rise, with increasing temperature, consider¬ 
ably above the Dulong and Petit constant. Indeed for the most electro¬ 
positive metal, cesium, the measurements of Dewar, which we are about 
to discuss, show that even at temperatures between the V)oiling points of 
hydrogen and nitrogen the value of Cy is greater than 3/?. This phenomenon 
is explained by assuming that in addition to the thermal energy of the 
atoms, certain electrons in these electropositive metals are held by such 
weak constraints that they also acquire thermal energy. 

Heat Capacity of Solid Elements at Low Temperatures* 

The change of specific heats with temperature has always been 
recognized, but it was called sharply to the attention of scientists 
by the work of Dewar^ at very low temperatures. He showed 
that between the temperatures of liquid air and liquid hydrogen 
the average heat capacity of diamond is less than one per cent of 
the Dulong and Petit value. 

The results of a recent extensive investigation, by the same 
author,’"* of mean heat capacities between 2().0°K and 77.4°K, 
are given in Table 2. 

Einstein^ was the first to see the close connection between 
the diminution of specific heats at low temperatures, and the 
departure from the classical theory of heat in another of its 
branches; namely, the one which deals with the distribution of 
energy in the spectrum of radiant energy emitted by a hot body. 
By assuming a certain type of hypothetical solid, he was able 
to obtain an equation for its heat capacity based solely upon 
the known laws of radiation. 

Since this brilliant theoretical investigation of Einstein, our 
experimental knowledge of the specific heats at low temperatures 

1 Lewis, Eastman and Rodebush, Proc. Nat. Acad. Set., 4, 25 (1918). 

* Dewar, Proe. Roy. Soc., London, (A) 74, 122 (1904). 

• Dewar, Proe. Roy. Soe., London, (A). 89, 158 (1913). 

4 Einstein, Ann. Physik. [4] 22, 180 (1907). 
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Table 2.—Mean Atomic Heat Capacities between 20®K and 77.4®K 


Mean cv 

Mean cv 

Mean cv 

Lithium.1.24 

Titanium. . . . 

.0.91 

Tin. 

.3.14 

Beryllium. ...1.15 

Chromium. . . 

.0.64 

Antimony.. 

.2.66 

Boron.0.22 

Manganese. . 

.1.16 

Iodine. 

.4.23 

Graphite. . . .0.15 

Iron. 

.0.90 

Tellurium.. 

.3.39 

Diamond ....0.03 

Nickel. 

.1.12 

Cesium.... 

.6.29 

Sodium.3.22 

Cobalt. 

.1.12 

Lanthanum 

.4.24 

Magnesium. .1.60 

Copper. 

.1.44 

Cerium.... 

.4.27 

Aluminum ...1.03 

Zinc. 

.2.32 

Tungsten. . 

.1.61 

Silicon, I.... 0.79 

Arsenic. 

.1.79 

Osmium.... 

.1.37 

Silicon, II...0.71 

Selenium.... 

.2.63 

Iridium.... 

.1.77 

Phosphorus 

Bromine. 

.3.33 

Platinum. . 

.2.42 

(yellow).. .2.21 

Rubidium... . 

.5.54 

Gold. 

.2.91 

Phosphorus 

Zirconium... . 

.2.19 

Mercury... 

.4.29 

(red).1.24 

Molybdenum. 

.1.25 

Thallium. . 

.4.42 

Sulfur 

Ruthenium... 

.1 01 

Lead. 

.4.57 

(rhombic)..! .61 

Rhodium. 

.1.27 

Bismuth... 

.4.18 

Chlorine ... .3.16 

Palladium.... 

.1.87 

Thorium... 

.4.22 

Potassium. . .4.61 

Silver. 

.2.41 

Uranium. . . 

.3.04 

Calcium.2.63 

Cadmium. .. . 

.3.19 




has been greatly increased through the work of Eucken, Nernst 
and Lindemann, and many others. This work shows that actual 
substances do not possess quantitatively the properties of 
Einstein’s hypothetical solid. On the other hand, further 
theoretical treatment of this problem by Debye' led to an equation 
which, within the small limits of experimental error, is in agree¬ 
ment with the numerous experimental data to which it has been 
applied. His equation, however, is one of such complexity of 
mathematical form that it cannot be conveniently employed 
in practical work. Instead of such an analytical method we 
shall therefore adopt the simple graphical method of Lewis and 
Gibson, which we are about to discuss. 

Solid Elements of Class I. The equation of Einstein and 
that of Debye have one important idea in common. They 
express the heat capacity, at constant volume, of all isotropic 
crystalline solids by the single equation. 



1 Debye, Ann. Phyaik. [4] 39, 789 (1912). An analogous and in some respects preferable 
theoretical discussion is that of Born and K4rm4n, Phyaik. Z., 13, 294 (1912); 14,15 (1913). 
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where 0 is a characteristic constant for each substance, and 
^ is a function which is the same for different substances. 

The characteristic isotropic metals like copper or lead, and 
all other substances which show, with these, Cv as the same 
function of T/O, we call substances of Class I. Presumably all 
elements which crystallize in the regular system belong to this 
class. 

Without attempting to ascertain just what function is repre¬ 
sented by tp in Equation 2, we may test the validity of that 
equation by a simple expedient. If for two substances Cv is 



1 1 Log e 

• Aluminum 1.980 

X) Copper 1.893 
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1.0 


the same function of T/0 it will also be the same function of log 
(r/0), or of (log T — log 0). Hence if we plot Cv for the two 
substances against log T, the curves must be identical except for 
a horizontal displacement, and if we shift one curve horizontally 
by an amount equal to the difference between the two values of 
log 0, the two curves must coincide entirely. 

It will be convenient to define the characteristic constant 0 
as the temperature at which Cv is equal to one-half the Dulong 
and Petit constant, namely The extraordinary confir¬ 

mation of Equation 2 which we obtain by this graphical method 
is shown in Figure 1, taken from the paper of Lewis and Gibson, 
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in which the values of Cv for aluminum, copper, lead and diamond 
are simultaneously plotted against log T/Q. Four other metals 
for which accurate data have been obtained, silver, mercury, 
thallium and zinc, are not included in the figure, but their curves 
also coincide fully with the others. This is especially interesting 
in the case of zinc, since this metal in its ordinary state is not 
composed of regular, but chiefly of hexagonal crystals. This 
leads to the suspicion that Class I may include not only those 
elements which crystallize in the regular form but all those which 
are monatomic, if we use this term to indicate that the unit of 
the crystalline space-lattice is a single atom. In this sense a 
substance may be presumed to be monatomic in the solid state 
when in the vapor state it is known only in the monatomic form. 

Solid Elements of Class II. In the case of elements of com¬ 
plicated crystalline structure the heat (;apacity does not follow 
the curve of Figure 1, but in general gives a flatter curve. Num¬ 
erous solids of this sort were treated by Lewis and Gibson on 
the assumption that they follow the equation. 



where ^ is the same function as before and n is an additional 
constant, characteristic of the substance. It is unity for sub¬ 
stances of Class I and less than unity for other substances. 
It may be that this equation has no theoretical basis, but in 
any case it has served as a useful empirical formula. Substances 
which obey this formula may be said to belong to Class II. 

In this case we may plot Cv against n log {T/0), and then the curves for 
all substances of this class coincide. This is illustrated in Figure 2, also 
taken from Lewis and Gibson, which shows the atomic heat capacity of 
graphite (a =* 0.789, log O = 2.594). This figure also shows the average 
atomic heat capacity the molal heat capacity) of lead chloride (n « 
0.796, log O » 1.660). The points fall very nearly on the continuous curve, 
which is the curve of Figure 1. 

It is evident that since there is only one constant in Equation 2, the 
whole course of the heat capacity is determined, by a single measurement 
of Cv, if this value is not too near SR or zero. For a substance of Class II, 
Cv must be determined at two properly chosen temperatures in order to 
give both 0 and n. 
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Heat Capacity of Solid Compounds. It was early apparent 
that the heat capacities of solid compounds are approximately 
the sum of the heat capacities of their constituent elements. 
Thus at ordinary temperatures if certain elements obey the law 
of Dulong and Petit, the molal heat capacity of a compound 
containing x atoms of such elements in its molecule is approxi¬ 
mately 3Rx. Kopp^ in a thorough investigation extended 
this additivity principle to compounds containing elements of 
small atomic weight, which do not even approximately obey 
the Dulong and Petit law. He found that the molal heat capacity 



n log (r/e). 

Figure 2.—Atomic Heat Capacities of Substances of Class II. 

at constant pressure could be calculated by assigning to each 
atom the value of 6.4, except for some of the light elements to 
which he assigned the following values: (1!, 1.8; H, 2.3; B, 2.7; 
Si,3.8; 0,4.0; F,5.0; P, 5.4; S,5.4. Thus for BaCOs he found e.x- 
perimentally cp = 21.7, while he would calculate it to be 6.4 + 
1.8 + 3 X 4.0 = 20.2. This rule, although a useful one when direct 
mea.surements are lacking, is far from accurate. We have 
already seen a marked exception to this additive principle even 
in the case of an element itself, for by Kopp’s law diamond and 
graphite would have identical specific heats. 

* Kopp, Ann. Chem. Pharm. Suppl., 3, l,-289 (1864). 
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The values of cp for all compounds rise without apparent limit as the 
temperature is increased. Thus Goodwin and Kalmus,^ studying numerous 
salts at 300 to 400°C, found cp to be nearly additive if oxygen were assigned 
the value 5.9, and heavier elements the value 7.1, Undoubtedly the molal 
heat capacity at constant volume in all cases approaches 3/Jx with increas¬ 
ing temperature and zero at the absolute zero of temperature. Work at 
lower temperatures shows that compounds sometimes belong to Class 1, 
more frequently to Class II, and in other cases they may satisfy the require¬ 
ments of neither class. 


Heat Capacity of Liquids 

In discussing the specific heat of liquids we have no theoretical 
guide, nor are existing data sufficient to warrant generalization. 
As a rule the heat capacity of a liquid is of the same order of 
magnitude as that of the same substance in the solid state, but 
somewhat larger. The following table gives the molal heat 
capacity at constant pressure for several salts in the liquid and 
solid states, in the neighborhood of the melting point (0; as 
found by Goodwin and Kalmus. 

Table 3.—Heat Capacities op Fused and Solid Salts 



i 

Cp(l) 

Cp(s) 

KNOs 

308 

33.7 

29.5 

NaN03 

333 

36.6 

33.0 

LiNOa 

250 

26.9 

26.7 

AgNOa 

218 

33.1 

33.1 

AgCl 

455 

18.5 

14.3 

TlCl 

427 

14.1 

13.9 

PbCh 

498 

33.7 

21.6 

AgBr 

430 

14.3 

14.2 

TlBr 

460 

22.7 

14.9 

PbBr 2 

488 

28.6 

20.8 

NaClOs 

255 

34.6 

34.1 

K2Cr207 

397 

98.6 

68.0 


For liquids as well as for solids cp ordinarily rises markedly with the 
temperature, and this increase proceeds regularly in the case of liquids of 
the normal type which we believe to be composed of a single molecular 
species. On the other hand very irregular changes are observed in certain 
liquids in which we suspect that temperature * changes the molecular con¬ 
stitution. An extreme example of such irregularity was found by Lewis 
^Goodwin and Kalnms, Phys. Rev., 28, 1 (1909). 
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and RandalP in their study of liquid sulfur. The extraordinary way in 
which the specific heat of this substance changes with the temperature is 
shown in the curve of Figure 3. The very high values in the neighborhood 
of 160®C can be entirely explained in this instance, since it is possible to 
show that there are two molecular species, S\ and S/x (probably Sg and S«). 
The heat absorbed goes largely towards increasing the amount of the 
latter at the expense of the former. 


Heat Capacity of Gases 


The specific heat of gases has long been a favorite subject for 
experimental investigation. Nevertheless the results still leave 
much to be desired. 



Numerous methods*^ have been employed. If a gas is passed 
from a high temperature into a calorimeter, the heat measured 
gives directly the mean heat capacity of the gas, between the 
high temperature and the temperature of the calorimeter. By 
using several high temperatures a graphical or analytical dif¬ 
ferentiation yields values of the true heat capacity at a definite 
temperature. Recently Eucken^ has succeeded in measuring 
directly the true specific heat of gases, in a calorimeter designed 
especially for low temperatures. 

Indirect methods have also been employed. The one first 

1 Lewis and Randall, J. Am. Chem. Soc.^ 3S, 476 (1911;. 

a For an excellent discussion of the various methods of determining the specific heats of 
gases, the reader is referred to Haber, “ Thermodynamik technischer Gasreactionen,'* Olden-* 
bourg, MUnchen, 1005. English translation by I..amb; Longmans, Green and Co.. London and 
New York, 1908. 

*Eucken, Ber. deut. physik. Qea,, 18, 4 (1916), 
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invented by Bunsen/ which depends upon the measurement of 
pressure developed in an explosion, gives rough values for mean 
specific heats up to very high temperatures. Various types of 
experiment which consist in measuring the thermal effects in a 
small adiabatic expansion give the true heat capacity at the 
temperature of the measurements. Such experiments have 
added largely to our knowledge of the heat capacity of gases. 
The theory of one such adiabatic process will be discussed in 
Chapter XII. 

Empirical Equations for the Heat Capacity of Gases. A few 

years ago the authors^ reviewed the existing data for the specific 
heat of gases at room temperature and at higher temperatures, 
and obtained a number of empirical formulae which in a con¬ 
venient form summarize the best evidence that we have con¬ 
cerning these important quantities. These formulae are as 
follows: 


Monatomic gases, Cp = 5.0 (4) 

Ha; Cp = 6.50 + 0.00097 (5) 

O2, Na, NO, CO, HCl, HBr, HI; Cp = C.50 + 0.00107 (6) 

CI2, Bra, I 2 ; Cp = 7.4 + 0.0017 (7) 

HaO, HaS; Cp = 8.81 - 0.00197 + 0.000002227^ (8) 

CO2, SO2; Cp = 7.0 + 0.00717 ^ 0.0000018672 (9) 

NH3; Cp = 8.04 + 0.00077 + 0.000005172 (10) 

CH4; Cp = 7.5 + 0.0057 (11) 


The equation for ammonia is based upon the new measure¬ 
ments of Haber and Tamaru.*^ That for methane represents a 
very rough estimate which we have made elsewhere.^ The 
equation which we formerly gave for the heat capacity of the 
halogens was recognized to be inadequate at high temperatures. 
We have modified it in order to bring it into accord with meas¬ 
urements of the specific heat of chlorine made by Pier^ with 
the explosion method. 

1 Bunsen, Ann. Physik, [2] 131, 161 (1S67). 

* Lewis and Randall, J. Am. Chem. Soc., 34,1128 (1912). . 

» Haber and Tamaru, Z. Elektroehem., 21, 228 (1016). 

* Lewis and Randall. J. Am. Chem. Soc., 37. 468 (1016). 

^ Pier, Z. phyaik. Chem., 62, 386 (1008). 
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We have no illusions regarding these equations for the specific heats of 
gases, which for the most part are grossly empirical. They give little indi¬ 
cation of the details of the actual course of the specific heat curves, and 
rest upon meagre experimental evidence. Nevertheless, over the range of 
temperature of the measurements upon which they are based, chiefly from 
ordinary temperatures up to 1000® or 2000®C, they prove of much value in 
applied thermodynamics. It is to be noted that the formulae are for 
gases at moderate pressures; at high pressures the heat capacities become 
appreciably greater, as illustrated in Exercise VI-9. 

Theory of the Heat Capacity of Gases. In the kinetic theory 
of gases, the increase in internal energy with the temperature 
is ascribed in part to an increase in the translational energy of 
the molecules, and in part to an increase, within the molecules, of 
the kinetic energy (of rotation or oscillation) and of the potential 
energy. The first portion is readily calculated to be ^'^RT, 
Whence, if we consider translational energy alone, we should 
find Cv = ^iRf or, by Equation VI-9, Cp = ^iR. 

It was in 1867 that Naumann^ predicted that a monatomic 
gas would possess no energy except that of translation, and 
therefore that its heat capacity should correspond to the one 
just calculated. This prediction was brilliantly verified for 
mercury vapor by Kundt and Warburg,^ and has since been 
abundantly confirmed over wide temperature ranges, in the 
case of other monatomic gases. 

Also in accordance with Naumann's prediction, all gases 
with more than one atom to the molecule have molal heat capaci¬ 
ties which are larger than those for the monatomic gas. But for 
such cases no adequate quantitative theory has as yet been pro¬ 
posed. 

Heat Capacity of Gases at Low Temperatures. A very sig¬ 
nificant discovery was made by Eucken,® who studied the specific 
heat of hydrogen at low temperatures. He found that when 
the temperature is lowered below the boiling point of liquid air, 
the molal heat capacity diminishes rapidly; approaching, as a 
limiting value, the molal heat capacity of a monatomic gas. 

Presumably this would be found to be true for all other poly- 

* Naumann, Ann. Vhem. Pharm., 142, 266 (1867). 

* Kundt and Warburg, Ann. Phyvik. (2J 157, 353 (1876). 

*£ucken, Siiib. kgl. ‘preu»9, Akad. WUa.t 1912 144; Ber, deni, phyaik. Cfea., 18, 4 (1016). 
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atomic gases if they could be studied at sufficiently low temper¬ 
ature. The form of the heat capacity-temperature curve for 
hydrogen is shown in Figure 4. 

It is evident from this figure that, at low temperatures, Equa¬ 
tion 5 would give far from correct values for the heat capacity 
of hydrogen. Indeed, there are several curves shown in the 
figures of this chapter which cannot be fitted by an equation of 
the algebraic type with a small number of terms. 



Log of Absolute Temperature, log T 
Figure 4.— Molal Heat Capacity of Hydrogen Gas. 


Exercise 1. The specific heat of benzene at constant pressure is 0.425 
cal. per deg. at 25®C. Calculate Cp and Cv for 1 mol of benzene whose vol¬ 
ume is 88.8 cc., and for which a *0.00124 and ^ *0.000098. (Use con¬ 
sistent units.) 

Exercise 2. The following table gives the results of Nernst and Linde- 
mann (Z. Elektrochem.^ 17, 817 (1911)) on the atomic heat capacity of 
silver at various temperatures. Plot the values of Cv against either T 
or log T and find the value of 0. 


T 

Cv 

T 

Cv 

T 

Cv 

35.0 

1.59 

51.4 

2.81 

200 

5.60 

39.1 

1.92 

53.8 

2.97 

273 

5.77 

42.9 

2.22 

77.0 

4.07 

535 

5.90 

45.5 

2.43 

100 

4.72 

589 

5.92 


Exercise 3. Employing Equation 6, calculate the mean Cp for oxygen 
between 0®C and 1000®C. 




CHAPTER VIII 


THE HEAT CAPACITY AND HEAT CONTENT 
OF SOLUTIONS 


Paktial Molal Heat Capacity 

Just as we have defined the partial molal volumes, we may 
define the partial molal heat capacities of the several constituents 
of a solution. Thus for a solution containing ni mols of a Sub- 



Percent Thallium. 

Figure 1. —Heat Capacity of Thallium Amalgams. 


stance Xi, mols of X 2 , etc., and whose total heat capacity 
is Cp, we define the partial heat capacities by the equations, 


- dCp 


aCp, _ 


( 1 ) 


These partial molal heat capacities may be obtained by any of 
the methods which were described in Chapter IV. 

For example, Richards and Daniels^ give the heat capacity 

‘ Richards and Daniels. J. Am. Chem. Soc., 41, 1732 (1919). 
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per gram (specific heat) of liquid thallium amalgams at various 
weight percents. We may plot their results in Figure 1, and 
obtain the values of Cp by the method of intercepts.^ Thus, by 
laying a ruler tangent to the curve at any composition, we read off 
the two intercepts at zero and one hundred percent thallium. 
At 25 gram percent, which is 25.3 mol percent, the intercepts are 
0.1444 and 0.1767. These results are in joules per degree per 
gram, so that if we divide them by 4.182, and multiply by the 
atomic weights, respectively, of mercury and thallium, we obtain 
for mercury Cpi =6.93, and for thallium Cp 2 = 8.62. In the same 
way we have read off the values at several round mol fractions, 
as shown in Table 1. 

Table 1.—Partial Molal Heat Capacities (Calories per Deoree) 
IN Thallium Amalgams at about 30°C 


Na 

Cpi 

Cp2 

0.00 

6.70 

10.20 

0.05 

6.72 

9.81 

0.10 

6.75 

9.54 

0.15 

6.80 

9.15 

0.20 

6.85 

8.82 

0.25 

6.93 

8.62 

0.30 

6.97 

8.50 

0.35 

7.02 

8.40 

0.40 

7.05 

8.34 

1.00 (extrapolated) 


8.2 


As an example from the domain of aqueous salt solutions, we 
give, in Table 2, the results of Randall and Bisson^ on sodium 
chloride solutions. The several columns show (1) the gram 
fraction of sodium chloride, (2) the heat capacity per gram (spe¬ 
cific heat), (3) the molality, m, (4) the heat capacity of the solu¬ 
tion containing 10(K) g. of water and nz = m mols of salt, (5) the 
partial molal heat capacity of the water, and (6) that of the salt. 

This example shows that the partial molal heat capacity, like 
the partial molal volume, may be negative. In other words, the 
heat capacity of a dilute solution of sodium chloride is actually 
diminished by the addition of a further amount of the salt. 

» Chapter IV. Method IV. 

* Randall and Bisson, J. Am. Chem. Soe., 42, 347 (1920). 
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Table 2.—Heat Capacities of Aqueous Sodium Chloride Solutions 

AT 25®C 


Wt. Per cent 

Sp. Heat 

m 

Op (total) 

Cpi 

Cpj 

0.000 

0.9979 

0.00 

997.9 

17.98 

-10 

1.439 

0.9815 

0.25 

995.8 

17.98 

- 8.5 

2.838 

0.9652 

0.50 

993.4 

17.97 

- 6 

6.523 

0.9365 

1.00 

991.2 

17.92 

- 3 

8.07 

0.9110 

1.50 

991.1 

17.88 

1.5 

9.53 

0.8973 

1.80 

991.7 

17.79 

3.5 

12.75 

0.8690 

2.50 

996.0 

17.61 

8 

16.17 

0.8430 

3.30 

1005.6 

17.32 

13 

18.95 

0.8233 

4.00 

1015.8 

17.21 

16 

21.55 

0.8063 

4.70 

1027.8 

16.91 

19 

23.66 

0.7945 

5.30 

1040.6 

16.64 

22 

26.29 

0.7837 

6.12 

1063.2 

16.48 

25 


Indeed this phenomenon, which has not been elsewhere observed, 
proves to be of frequent occurrence in aqueous solutions of elec¬ 
trolytes. 

Thermodynamicis exhibits no curiosity; certain things are poured into 
its hopper, certain others emerge according to the laws of the machine, no 
cognizance being taken of the mechanism of the process or of the laturc 
and character of the various molecular species concerned. In thermo¬ 
dynamics a pure substance obeys the same rigorous laws, whether its mole¬ 
cules are all of one sort, as we imagine them to be in hexane, or extremely 
diversified, as we assume them to be in water. In a thermodynamic for¬ 
mula we may use the value of a partial molal quantity equally well, whether 
it is positive or negative, and if it proves to be the latter no explanation 
need be given. It may therefore be out of place in a thermodynamic 
treatise to consider why it is that partial molal volumes and heat capacities 
are so frequently small or even negative. However, the fact is so charac¬ 
teristic of aqueous solutions, and the explanation is so simple, that we may 
pause briefly for its consideration. 

Various properties of water, especially the phenomenon of maximum 
density at 4*^0, can most readily be interpreted by assuming: that, in the 
neighborhood of its freezing point, water contains a large amount of a 
molecular species formed by the aggregation of simple molecules; that this 
species occupies a larger volume than the simpler molecules of which it is 
constituted; and that it breaks up into these simpler molecules (with ab¬ 
sorption of heat) as the temperature is raised. 

It appears that any electrolyte dissolved in water in some way causes 
these aggregates to break up to a degree which increases with the concen¬ 
tration. Thus, when a small additional amount of the solute is added to 
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an aqueous solution of an electrolyte, the total volume is increased by the 
volume occupied by the solute molecules, but is diminished by the dissocia¬ 
tion of the larger aggregates. The latter effect may predominate over the 
former, in which case the partial volume of the solute is negative. 

Again, the large heat capacity of water can be partly ascribed to the 
absorption of heat necessary to the dissociation of these aggregates, as 
temperature increases. In as far as the addition of an electrol 3 rte dimin¬ 
ishes the number of these aggregates remaining to be dissociated, it lowers 
the heat capacity of the water, and if this effect predominates over the heat 
capacity which may be ascribed to the solute molecules themselves, the 
partial heat capacity of the solute is negative. 

In cases of another type, where solvent and solute belong to the class 
of substances which we call relatively non-polar, the various partial molal 
quantities in a liquid solution do not differ greatly from the corresponding 
molal quantities for the pure liquid constituents. 

As an extreme example of the abnormalities which sometimes 
are met in aqueous solutions, we give in Table 3 and in Figure 
2 the partial molal heat capacities of the constituents of aqueous 
sulfuric acid, calculated from the data of Biron.^ 


Table 3.—Partial Molal Heat Capacities of the Constituents op 
Aqueous Sulphuric Acid (at about 15°C) 


N2 

Cpi 

Co2 

N2 

Cpi 

0p2 

0.00 

18.02 

10.4 

0.30 

13.78 

34.3 

0.01 

17.98 

14.7 

0.35 

12.02 

38.1 

0.02 

17.87 

21.8 

0.40 

10.45 

40.7 

0.04 

17.75 

26.8 

0.50 

15 

35 

0.06 

17.96 

23.0 

0.60 

21.6 

29.8 

0.08 

18.31 

17.1 

0.70 

19.7 

30.6 

0.10 

18.61 

14.7 

0.80 

16.2 

31.9 

0.15 

17.80 

19.9 

0.90 

11.7 

32.7 

0.20 

16.68 

25.3 

1.00 

8.1 

33.0 

0.25 

15.33 

30.1 





EIxercise 1. By Method IV, Chapter IV (using the first two columns 
of Table 2), or by Method II (using the third and fourth columns), verify 
some of the values of that table. 

Exercise 2. Table 4 gives Thomsen’s measurements of the specific 
heats of aqueous hydrochloric acid at several values of the molality. Show 
that the partial molal heat capacity of the acid, at 0.1 M, is about - 32. 

1 Biron, J. Russ. Phya. Chem. Soc., 31 , 100 (1899); the data are quoted by Domke and Belli, 
Z, anorg. Chem., 48,148 ( 1004 - 6 ). 
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Table 4.— Specific Heat of Aqueous Hydrochloric Acid (at about 

18 *^ 0 ) 

m 6.55 2.78 1.11 0.555 0.278 0 

Sp. heat 0.749 0.855 0.932 0.964 0.979 1.000 



Mol Fraction of HjSQ*. 

Figure 2. —Partial Molal Heat Capacities of H2O and H2SO4 in Aqueous Sulfuric 

Acid. 


Partial Molal Heat Content 


In the same way that we have defined other partial quantities, 
we define the partial molal heat content. If the total heat 
content of any solution is 77, we write for the first constituent, 




dH 

dui 


( 2 ) 


By further differentiation, with respect to temperature (see 
Equations III-5 and VI-2), we obtain the important result. 


dfli 

dT 


= Cpi. 


(3) 


In such algebraic equations the molal heat content may be 
freely used regardless of the possibility of its numerical evalu¬ 
ation. When we come to arithmetical calculations we find a 
slight complication owing to bur inability to state the absolute 
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values of the heat content. We measure directly the heat 
capacity or the volume of a system; thus we state that the molal 
volume of ice at 0°C is 20 cc. But concerning the molal heat con¬ 
tent of ice at 0®C we can only say that it is 1438 cal. less than that 
of liquid water at the same temperature, or 69908 cal. less than 
the heat content of one mol of hydrogen gas and one-half a mol 
of oxygen gas at the same temperature. For this reason, and 
also because of the immense confusion existing in the literature 
regarding various sorts of heat of solution, heat of dilution, and 
the like, we shall enter with some minuteness into the problem 
of the partial molal heat content. 

Reference States. While we cannot give the absolute mag¬ 
nitude of fl for a substance in solution, we may ascertain how 
much greater or less this is than the heat content of the same 
substance in some chosen state. Thus, at any temperature, 
if we are dealing with the partial molal heat content of water in 
some solution in which water is the solvent, we may choose pure 
liquid water as the reference state, and denote its molal heat 
content by Hi®. (This is identical with fli°, which will denote 
the partial molal heat content of water in any infinitely dilute 
aqueous solution.) 

In the same manner, if we are considering some solute such as 
sodium chloride, we may choose for it a reference state. Thus 
we might choose the solid salt. Indeed, as we are confronted 
by various problems, it may be convenient to choose sometimes 
one reference state and sometimes another. However, for reasons 
which will later be more obvious, we will agree that (unless 
otherwise stated) the infinitely dilute solution, rather than any 
pure phase, will be chosen as the reference state of the solute in 
a given solvent. The partial molal heat content of the solute X 2 
at infinite dilution we shall then denote by fl 2 °. 

The difference between the partial molal heat content of any 
constituent, and the molal heat content of its reference state, may 
be called the relative heat content and designated by L. Thus, 
for solvent and solute respectively, 


C, « fli - fli®; £2 « ffa - 


(4) 
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When we adopt the conventions stated above, we have at infinite 
dilution, Ei = 0 and £2 = 0. 

It is better to define the reference state and the relative heat content as 
we have done here than to state that we take the heat content in the refer¬ 
ence state as zero. This could be done arbitrarily at some one temperature, 
but if any h® is taken as zero at one temperature, it cannot be at another 
temperature, for it changes in accordance with Equation V-14. 

Partial or Differential Heat of Solution. In discussing heats 
of solution in concentrated solutions, there are two quantities 
which must be carefully distinguished. When a mol of sodium 
chloride is dissolved in enough water to form a given solution, 
the heat absorbed is called the total or integral heat of solution. 
On the other hand, starting with the given solution of sodium 
chloride, if we add a further small quantity of the solute, the 
heat absorbed per mol is called the partial or differential heat 
of solution. 

The total and the partial heats of solution become identical 
at infinite dilution, and therefore in dealing with veiy dilute 
solutions it is customary to disregard the distinction between 
them. Unfortunately, however, this practice has led to con¬ 
fusion of the two (luantities in concentrated solutions, where they 
may differ widely. Thus, in the case of sulfuric acid, the total 
and partial heats of solution differ by 350 cal. at 0.5 M; and by 
2000 cal. at 5.0 M. 

In our thermodynamic calculations it will almost invariably 
be the partial molal heat of solution that we need. Thus, if we 
are considering the thermodynamics of solid salt in contact 
with its saturated solution, we shall be interested, not in the heat 
absorbed when the solution is prepared from pure water and salt, 
but rather in the heat absorbed when an infinitesimal amount 
of salt dissolves in the already saturated solution. 

To a solution containing ni mols of water and ih mols of salt 
let us further add dn^ mols of salt at constant temperature and 
pressure. If q is the heat absorbed, then q/dn^ is the partial 
heat of solution of the salt, per mol. We note that q is equal to 
the total increase in heat content. Representing the molal heat 
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content of the solid salt by H 2 (s), the heat content of the salt 
used is H 2 ( 8 ) dnj; the increase in the heat content of the solution 
is, by definition, ftednj, so that, 

dn2 "" - L 2 (s), (5) 


where C 2 and L 2 (s) are the corresponding relative heat contents. 

In order to determine the value of L 2 (s) it is only necessary 
to determine the heat of solution of the solute in a large amount 
of pure solvent. In such case L 2 = 0, by our convention, and 
q/dn^ = — L 2 (s). Thus at 25®C the heat of solution of one mol 
of solid sodium chloride in a very large amount of water is^ 
1019 cal. Hence L 2 (s) = — 1019 cal. 

Although it may sound a little unusual, we shall speak also 
of the heat of solution of water in the aqueous solution of sodium 
chloride, for there is no essential difference between the intro¬ 
duction of the one or the other constituent of the solution. The 
equation for the partial heat of solution of the water is even 
simpler than that for the salt; for, pure water being taken as 
reference state, the relative heat content of the solvent is zero. 
Hence, 


dill 


= Cl. 


(b) 


If very small quantities of water are added to large quantities 
of salt solutions of various concentrations, in a calorimeter, 
values of Ei are directly obtained. It was in this way that Ran¬ 
dall and Bisson obtained the results of Table 5 which we are 
about to discuss. 

Calculation of a Partial Molal Quantity for the Solute, when 
that for the Solvent is Known. By our basic partial molal equa¬ 
tion (IV-15), we write for the total heat content of a solution, 

H = Wlftl “b ^2ff2* (7) 

Now if we define the total relative heat content as L - H — nifli® 
— W 2 ff 2 ®, it is evident that 

L = TiiLi + 712C2; (8) 

i ^ndall and Biason, /. Am, Chem. Soe., 42, 347 (1920). 
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and at constant temperature and pressure, by Equation IV-IQ, 


+ NjdCs = 0, 


and after transforming and integrating, 



(9) 

( 10 ) 


If then the values of Li are known, and are plotted as abscissae, 
against Ni/N^as ordinates, the negative value of the area under 
this curve between two limits is the change in Lt between these 



L,. 


FiGURfi 3.—Relative Partial Molal Heat Content of Water in Aqueous Sodium 

Chloride. 


limits. If we take one of the limits at infinite dilution, where 
Ni/n 2 is infinite and the value of £2 is zero, the total area from 
infinity to a given point gives the value of —£2 at that point. 

This procedure is illustrated in Figure 3, where we have 
plotted the values of £1 in aqueous sodium chloride, given in 
Table 5. The value of £2 at any point A is the total area to 
the left of AA'. The value of £i reaches a maximum at B. 
Here again £2 is the total area under the upper curve, to the 
left of BB'. At any point such as C, which represents the 
saturated solution, £2 is equal to the area which we have just 
mentioned, less the area BCC'B'. 
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In any case of this kind where we attempt to determine the 
area under a curve which runs to infinity, there is involved 
some uncertainty, but one which is less, the more rapidly the 
quantity plotted approaches its limiting value. We may 
estimate that the uncertainty in the present case is of the order 
of 10 calories, and this uncertainty affects equally the values of 
Li obtained at various compositions, and given in Table 5*. 


Table 5.—Relative 

Partial Molal 

Heat Contents 

of the Con- 

8TITUENTS 

OF Aqueous Sodium Chloride at 

25‘*C 

m 

N1/N2 

Cl 

C2 

0 

00 

0 

0 

0.278 

200 

0.2 

- 46 

0.370 

150 

0.3 

- 73 

0.555 

100 

0.9 

- 142 

0.793 

70 

2.4 

- 268 

1.110 

50 

4.0 

-- 363 

1.632 

34 

7.3 

- 483 

2.13 

26 

11.0 

- 587 

2.78 

20 

15.9 

- 709 

3.47 

16 

20.0 

- 783 

4.63 

12 

21.4 

- 802 

5.55 

10 

15.6 

^ 741 

6.12 (saturated) 

9.04 

11.5 

- 702 


(Uis) - -1019) 

Calculation of a Partial Molal Quantity for the Solvent from 
that for the Solute. The determination of when the values of 
Cs are known is an analogous and even simpler process. By 
interchanging the subscripts in Equation 10, 

dLi=-~dLi. ( 11 ) 

Ni 

Thus plotting values of L 2 as abscissae, against those of N 2 /N 1 
as ordinates, the area under the curve from a certain point to 
N 2 /N 1 = 0 gives immediately the value of — Ei at that point. 

In the exhaustive investigation of Richards and Daniels^ on 
the properties of thallium amalgams, their most accurate de¬ 
terminations of the thermal changes accompanying changes of 

* These values of are not identical with the final ones given by Randall and Bisson, who 
combined the results of this calculation with other experimental data of the type that we are 
to discuss presently. 

* Richards and Daniels, J, Am, Chem, See., 41, 1732 (1919>, 



SOLVTIONS: HEAT CAPACITY AND HEAT CONTENT 93 

concentration give almost immediately ‘ the relative partial heat 
contents of thallium, Ej. These values are given in the second 
column of Table 6, while the figures of the last column give 
the corresponding values for mercury, obtained graphically from 
the plot of Figure 4. It will be noted in this case that there is 



^ 2 . 

Figure 4. —Relative Partial Molal Heat Content of Thallium in Thallium 

Amalgams. 


no uncertainty due to the extrapolation to infinity, sach as we 
found in the converse problem. 

Table 6.—Relative Partial Molal Heat Contents in Thallium 
Amalgams at 30°C 


No 

U 

Li 

0.0000 

0 

0.0 

0.0250 

212 

- 3.1 

0.0500 

413 

- 10.2 

0.0863 

671 

- 28.1 

0.1000 

750 

- 37.2 

0.1070 

800 

- 41.8 

0.1500 

1013 

- 75.8 

0.2000 

1195 

-112 

0.2500 

1324 

-144 

0.3000 

1415 

-176 

0.3500 

1478 

-207 

0.4000 

1520 

-232 

1.0000 (extrapolated) 

1640 


T1 (s, sat. with Hg) 

805 



* See the full discussion of these data by Lewis and Randall iJ, Am. Chem. Soc.t 43, 233 
( 1021 )). 
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Total or Integral Heat of Solution. When one mol of sodium 
chloride is added to 1000 grams of water, the process may be 
written, 

NaCl(s) + 55.51 H20(l) = solution (containing 1 mol NaCl 
and 55.51 mols H 2 O). 

The integral heat of solution is the value of Aff = AL for this 
process. We have shown that for 1 mol of the solid sodium 
chloride L 2 (s) = ~ 1019 cal.; Li for liquid water is taken as 
zero. The relative heat content of the solution, by Equation 8, 
is 55 . 5 IE 1 + L 2 . By interpolation of Table 5 we find, at 1.0 
M, that Li = 3.5 and E 2 = — 330, whence AH = 884. This is 
the integral heat of solution; as compared with 1019 when the 
salt is dissolved in an infinite amount of water, and — 330 + 
1019 = 689, when it is dissolved in an infinite amount of a 
molal solution. 

Knowing the values of Li and E 2 and some one integral heat 
of solution, we could, conversely, calculate L 2 (s). In their 
most accurate experiment, Richards and Daniels added 0.0305 
mols of thallium to amalgam already containing 1.199 mols of 
mercury and 0.1132 mols of thallium, producing an amalgam 
containing 1.199 mols of mercury and 0.1437 mols of thallium. 
The heat absorbed was 0.2 cal. We may therefore write, 

0.0305 mols Tl(s) + amalg. (ni = 1.199, nz = 0.1132) = 
amalg. (ni = 1.199, 712 = 0.1437); AH = AL = 0.2 cal. 

Let us now determine the total heat contents of these two 
amalgams, for which the mol fractions are, respectively, N 2 = 
0.0863 and N 2 = 0.1070. For the first amalgam, we find, from 
the table, Ei = — 28.1 and 1% = 671, and L = rtih + 712^2 = 
42.3. Likewise for the second amalgam, L = 64.8. Hence, 

64.8 - 0.0305l2(s) - 42.3 = 0.2; LaCs) = 730 cal. 

This is the heat which would be evolved if 1 mol of thallium were 
dissolved in an infinite amount of mercury. It is to be noted 
that Table 6 gives 805 as the heat content of solid thallium in 
contact with the saturated amalgam. We shall see in Chapter 
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XXII that such thallium contains mercury in solid solution, 
and therefore 805 is the relative partial molal heat content of 
thallium in this solid solution. 

The methods of calculation are evidently similar when more 
solvent is added to a given solution. If to a certain amount of 
solution we add a very large amount of solvent it will readily be 
seen that the total heat absorbed is equal to the value of —L for 
the original solution. If a saturated solution of sodium chloride 
(6.12 M) containing 1 mol of the salt (and therefore 55.51/6.12 
mols of water), is added to a very large amount of water, it 
was found experimentally by Randall and Bisson that 606 
calories were absorbed. This agrees, within the limits of error 
of experiment and calculation, with the values of — L calculated 
from Table 5, namely, 702 — (55.51/6.12) 11.5 = 598 cal. 

It would be possible, in this manner, to determine the values 
.of L at various concentrations, and then to determine the values 
of Cl and £2 by any of the methods of Chapter IV. Indeed it 
has been possible in this chapter to give only a few of the 
numerous methods of utilizing the thermal data as they are 
found in the literature. 

Exercise 3. What heat is absorbed or evolved in the addition of 4 
mols of sulfuric acid to 6 mols of water? Use the data of the following, 
table obtained from the measurements of Bronsted. (Z. physik. Ckem., 68, 
693 (1910)). 

Table 7.—Relative Partial Molal Heat Contents in Aqueous Suit 
F uuic Acid at about 18°C 


N2 

Cl 

C2 

0.00 

0.0 

0 

0.05 

- 43.7 

4130 

0.10 

- 293.3 

7730 

0.15 

~ 580. 

9310 

0.20 

-1000. 

11190 

0.25 

-1450. 

12680 

0.30 

-1910. 

13970 

0.35 

-2470. 

15130 

0.40 

-3060. 

16160 

0.45 

-3880. 

17240 

0.50 

-4850. 

18310 


N2 

c, 

fa 

0.55 

-5730 

19040 

0.60 

-6300 

19530 

0.65 

-6690 

19740 

0.70 

-7010 

19910 

0.75 

-7280 

20027 

0.80 

-7490 

20098 

0.85 

-7700 

20136 

0.90 

-7870 

20153 

0.95 

-8050 

20172 

1.00 

-8220 

20200 
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Exercise 4. Show that dU/dT « Cpi - Cpi® where Cpj? is the molal 
heat capacity of the solvent in its reference state. In 60 mol percent 
sulfuric acid find, from Table 3, the change in U per degree rise in 
temperature. 

Exercise 5. Find the integral heat of solution of 0.1132 mols of thal¬ 
lium in 1.199 mols of mercury, and compare with the less accurate result 
of direct measurement, which gave approximately g =* - 48 cal. 

Exercise 6. What is the total relative heat content at 30°C of an 
amalgam containing 0.3 mols of thallium and 1.70 mols of mercury? 

Exercise 7. In Figure 4 an ordinate is drawn at N2/N1 « 0.333 or 
N 2 = 0.25. Show that the area between the curve and the dotted line of 
that figure gives the total heat content of an amalgam containing 1 mol of 
mercury and 0.333 mols of thallium. 

Exercise 8. Table 8, based on the measurements of Thomsen, gives 
g, the heat absorbed when mols of gaseous HCl are dissolved in 1000 
grams of water. If L 2 (g) represents the relative heat content of the gas, 
show that L 2 (g) is about 17,300 calories. Show further that dqldn% =» 
C 2 - L 2 (g). By plotting g against n 2 , find I 2 at 1.0 M. 

Table 8 


n2 

Q 

55.51 

-298000 

27.75 

-315300 

18.50 

-247200 

11.10 

-166100 

5.65 

- 89800 


712 

7 

2.775 

-46500 

1.110 

-19000 

0.555 

- 9550 

0.185 

- 3200 



CHAPTER IX 


HEAT OF REACTION AND ITS CHANGE WITH 
THE TEMPERATURE 

In the preceding chapters we have been led into some dis¬ 
cussions of more practical than theoretical importance, and also 
in the present chapter, which concludes our formal consideration 
of the first law of energy, we shall devote ourselves chiefly to 
questions of applied thermodynamics. 

The work of Thomsen, Berthelot and others has given us 
a great mass of thermochemical data of all grades of accuracy. 
The hope of these investigators that the results of their labors 
would give a direct measure of chemical affinity has proved to 
be a vain one. Nevertheless, their data are of the greatest 
utility in the calculations which lead to the true measurement 
of chemical affinity, and will be constantly employed in our 
later calculations. 

It is customary to give thermochemical results by such a 
shorthand expression as the following: 

Hg(l) + HCl 2 (g) = HgCl(s) + 31300 cal. 

The chemical symbols thus represent not only the nature and 
the stoichiometrical amounts of the substances involved, but 
also the respective heat contents of these substances. However, 
it seems unwise to place so heavy a burden upon a single symbol, 
and we shall express the same result more explicitly in the form, 

(a) Hg(l) -f MCl 2 (g) = HgCl(s); = - 31300 cal. 

In our previous chapters, conforming with universal practice, 
we have called the heat of vaporization, or of fusion, the heat 
absorbed in the process of vaporization or fusion. In the case 
of the heat of solution usage varies, but here also we have meant 

97 
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the heat absorbed in the process of solution. To be consistent 
therefore we should, in the case of an ordinary chemical reaction, 
denote by the heat of reaction the heat absorbed in the process. 
This, however, is contrary to common custom. In order to 
avoid confusion in this regard, we shall always express reaction 
heats by giving the value of Aff, which without ambiguity shows 
the heat absorbed in the given reaction. 

Combination of Thermochemical Equations. If we reverse 
the above reaction (a), we write, 

(b) HgCl(s) = Hg(l) + VzCUg)] AH = 31300 cal. 

In fact such equations may be treated much like algebraic 
equations, and if we write some other equation, such as, 

(c) HH 2 (g) + 3^Cl2(g) = HCl(g); A// = - 22000 cal., 

then, by a method which is familiar, we may add (b) to (c), 
or subtract (a) from (c), and find 

(d) ^H 2 (g) + HgCl(s) = Hg(l) + HCl(g); 

All = 31300- 22000 = 9300 cal. 

It is by means of such combinations of existing thermo¬ 
chemical equations that we are able to determine the heats of 
reaction in many cases which have not been the subject of 
direct experimental investigation, and indeed in cases where 
such a determination is impracticable. It would be difficult to 
measure directly the heat of the reaction 

2C (graphite) + 2H2(g) = C2H4(g), 

but we may burn ethylene and find: 

(e) C 2 H 4 (g) + 302 (g) “ 2 C 02 (g) + 2 H 20 ( 1 ); 

A// = - 342000 cal., 
or 

(f) 2C02(g) + 2H20(1) = C 2 H 4 (g) + 302 (g); AH = 342000 cal. 
Likewise we may burn graphite and hydrogen and find: 

(g) 2C(graphite) + 202 (g) = 2C02(g); AH = - 188000 cal. 

(h) 2H2(g) + 02 (g) = 2H20(1); Aff - - 136000 cal. 
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Then, by directly adding (f), (g), and (h), we have, 

(i) 2C(graphite) + 2 YL^{g) = C 2 H 4 (g); A/? = 18000 cal. 

This determination is not of high accuracy, for it involves 
the difference between very large numbers, in which even a small 
percentage error means a large absolute error. Indeed it can¬ 
not be too strongly emphasized that almost invariably it is the 
absolute and not the percentage error which is of significance in 
our thermochemical calculations. Thus in the above illustration 
an error of 100 calories in any one of the determinations (f), 
(g) and (h) would produce the same error of 100 calories in the 
final result. 

Heat of Formation. It is highly convenient, especially for 
purposes of concise tabulation, to know the heats of reaction 
when various substances are formed from their elements. It is 
therefore desirable to choose some one standard reference state 
for each element. For this purpose, we shall, at all temperatures, 
take the element at a pressure of one atmosphere, and in that 
form which is most stable or most common at room temperature. 
Thus liquid mercury, gaseous oxygen, solid iodine, rhombic 
sulfur and graphitic carbon, all under a pressure of one atmos¬ 
phere, will be considered to be in their standard reference state. 

We speak, then, of the AH of formation of a given substance, 
or, even more tersely, of its AH, meaning the increase in heat 
content in the reaction by which one mol of that substance is 
prepared from its elements in their standard states. Thus AH 
for HgCl(s), for HCl(g), for C 2 H 4 (g), are seen from (a), (c), and 

(i) to be — 31300, - 22000, and 18000 ca!., respectively. 

We may use the same phraseology even for the elements 
themselves when they are not in their standard states. Thus 
Bronsted^ found for the heat of transition between rhombic and 
monoclinic sulfur at 0°C, 

I 

(j) S(rhombic) = S(monoclinic); AHm = 77 cal.. 

and we have seen from our discussion of the Joule-Thomson 
effect at 25°C (see Exercise VI-5) 

> Bransted, Z. phytik. Chem., .<», 371 (1906). 



100 


THERMODYNAMICS 


Chap. IX 


(k) Oa(g, 1 atmos.) = 02 (g, 200 atmos.); £iHm * — 335 cal. 

Hence we may say that for monoclinic sulfur Afl '273 ~ 77, and 
for oxygen at 200 atmos. = — 335. 

As an illustration of the use of heats of formation we may 
consider the production of potassium chlorate from potassium 
chloride and oxygen. From the literature we find for KClOsCs), 
AJ7 = - 94800; for KCl(s), A// - - 105700. Hence, 

(l) KCl(s) +^^02(g) =KC 103 (s); 

A// = - 94800 + 105700 = 10900. 

Indirect Determination of Heat of Reaction at Constant 
Pressure. In writing a thermochemical equation it is not 
necessary that all the reagents and the products should be at 
the same pressure. In most cases, however, we employ each 
substance in a reaction at atmospheric pressure, and then All 
is simply the heat measured in the constant pressure calorimeter. 
Sometimes, however, a constant volume calorimeter is used, 
especially in determining heat of combustion, where the substance 
is burned in a steel bomb under a high pressure of oxygen. 
Here we measure not A// but Aff. The difference between these 
two quantities is ordinarily quite negligible, except where gases 
are involved; and in such case the difference can usually be 
calculated with sufficient accuracy by assuming that the gases 
obey the simple law Pv = RT. Then, approximately, 

AH == AE + RTAn, (!)♦ 

where An is the number of mols of gas produced, less the number 
consumed. If we wish the result in calories we use R = 1.9885, 
and since most calorimetric measurements have been made at 
about 291®K, AH — AE = 580An. 

In addition to the direct calorimetric method of determination 
of heats of reaction, there are several indirect methods which 
we cannot discuss fully until we have become familiar with 
the second law of thermodynamics. From the change of an 
equilibrium constant with the temperature, and especially from 
the temperature coefficient of electromotive force in a galvanic 
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cell, it is frequently possible to determine a heat of reaction 
with an accuracy rarely equalled in direct calorimetry. We shall 
have occasion later in this chapter to consider the results obtained 
by such an indirect method. 

Effect of Temperature upon Heat of Reaction 

Each thermochemical result is given for a single temperature, 
and unless thermochemical equations are all valid at the same 
temperature, they cannot be combined in the way we have 
illustrated. Most of the data which appear in the literature 
were obtained at about 17® or 18®C, and when calorimetric 
data are given it may be assumed, unless otherwise stated, that 
they were obtained at this temperature. 

When substances at a given temperature are consumed, and 
other substances are produced at this same temperature, we 
say that the reaction is isothermal. By this we do not mean 
that during the course of the reaction the temperature may not 
vary, for we are interested thermodynamically only in the 
conditions at the beginning and at the end. Thus in measuring 
a heat of combustion, the materials within the bomb, starting 
at the temperature of the calorimeter, are brought back after 
the combustion to the temperature of the calorimeter, which is 
only slightly higher than before. We are not interested in 
ascertaining how hot the material may have become in the 
interim. It occasionally happens that we wish to use a thermo¬ 
chemical equation for a reaction which is not isothermal. In 
such case the temperatures are explicitly stated in the equation 
itself, as we have illustrated in Exercise VI-5. 

Having. obtained the heat of a reaction at some one tem¬ 
perature, it is frequently necessary to know the heat of the 
same reaction at some other temperature. To make a direct 
calorimetric determination at each desired temperature would 
require a prohibitive expenditure of effort. But fortunately the 
equations which we have derived from the law of the conserva¬ 
tion of energy enable us, in the simplest manner, to calculate 
the change in a heat of reaction with the temperature. 
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We know that is the difference between the sum of the 
heat contents of the products and the sum of the heat contents 
of the reagents, and that each molal heat content varies with 
the temperature according to the equation {dn/dT)p = Cp. By 
combination of such equations we obtain the Kirchhoff ^ formula, 



( 2 ) 


where ACp is the sum of the heat capacities of the products, 
less the corresponding sum for the reagents; in other words, 
it is the total increase in heat capacity resulting from the re¬ 
action. In interpreting such a coefficient as dAH/dT, we 
regard AH as a symbol which represents a single quantity. 

If AH and A//' represent the heat of a given isothermal 
reaction at two different temperatures T and T', then by in¬ 
tegration of Equation 2 


AH' - AH =j^ AC^T. 


(3) 


Over a small range of temperature, or in general when ACp 
can be regarded as a constant, this equation takes the form 


AH' - Aff = ACp(r - T). (4) 


Let us consider the freezing of water, first starting with water 
at 0®C and obtaining ice at 0®C, and then starting with super¬ 
cooled water at — 2®C and obtaining ice at — 2®C. We can 
easily determine the amount of heat set free in the latter process. 
Writing the equation 


H20(1) = H20(s), 

AH at 0° has been found to be — 79.8 cal. per gram, or — 1438 
cal. per mol. The molal heat capacities of water and ice are 
respectively about 18 and 9. Thus ACp = — 9 cal. per degree, 
and AH is diminishing by 9 cal. for each degree rise in tem¬ 
perature. Hence at - 2®C, AH « - 1438 -f (2 X 9) = - 1420 
cal. 

> lOrQlOipff- Ann, Phyiik, [2], 105, 177 (1555), 
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When the variation of heat capacities is so rapid, or the 
temperature interval is so great, that ACp cannot be regarded 
as constant, we may integrate Equation 2 by some graphical 
method, or by an analytical method in which we represent the 
heat capacities by empirical equations. Ordinarily we assume 
an algebraic expression for each heat capacity, as in Chapter 
VII, 

Cp = To + T^T + , (5) 

where the number of terms employed will depend upon the range 
of temperature which has been studied, upon the variability of 
the heat capacity, and upon the accuracy of the experimental 
data. 

Now if we are dealing with a chemical reaction involving 
substances for each of which the heat capacity has been studied 
over the same range of temperature, and for each of which we 
have obtained such an algebraic expression, then we may write 

ACp = AFo + AFiT + AFa^^ 4 . . . . ^ (5) 

where AFo is the algebraic sum of all the values of Fo, etc. 
Finally, substituting in Equation 2 and integrating, we find 

= A//o + AFoT + y 2 ^V^T^ + • • • . (7) 

Here is a constant of integration, and would be the heat 
absorbed in the reaction at the absolute zero, if the empirical 
equation were valid down to the absolute zero, which, however, 
will seldom, if ever, be the case. 

As an illustration of the mode of application of these equations 
we may consider the formation of water vapor from its elements 
according to the equation, 

H 2 (g) + J^02(g) = H 20 (g). • 

As we have seen in Chapter VII, the heat capacities of these 
three gases are known over the wide range of temperature 
from O^C to 2000°C, and within the limits of experimental 
error can be expressed by the following equations: 

(m) H 20 (g); Cp * 8.81 - 0.0019^ + 0.00000222^2, 



104 


1HERMODYNA MICS 


Chap. IX 


(n) Ha; Cp « 6.5 + 0.0009^, 

(o) 3 ^ 02 ; Cp « 3.25 + 0.00057. 

By adding (n) and (o) and subtracting from (m), j 

(p) ACp = ~ 0.94 - 0.0033T + 0.0000022272, 

where ATo = - 0.94, AFi = - 0.0033, and AT 2 = 0.00000222. 
Hence from Equation 7, 

(q) AH = AH, ~ 0.947 - 0.0016572 + 0.0000007473. 

Now at 0®C, that is at 273®K (more strictly 273.1°), the ex¬ 
perimental value for the heat of the reaction is AHm = 
— 57780 cal. Substituting this value in (q), 

(r) - 57780 = AH, - 0.94(273.1) - 0.00165(273.1)2 

+ 0.00000074(273.1)3. 

Solving, and finding AH, = — 57410, we may write, 

(s) AH = ~ 57410 - 0.947 - 0.0016572 + 0.0000007473. 

If now we wish the value of AH at any other temperature, say 
at our standard temperature of 25°C, or 298.1°K, we may 
substitute this temperature in (s) and find AHm = — 57817 cal. 

This illustration will suffice to show the method of employing 
our equations of ACp and of AH, although we shall find many 
a case in which the effect of temperature upon the heat of re¬ 
action is far more pronounced. In fact it might be asked why 
it is necessary to employ so elaborate an equation when, at 
ordinary temperatures, the whole value of the last term, and 
possibly of the term in T^, is less than the probable error in 
the experimental determination used for the evaluation of AH,. 
It may be answered that such is not the case if we proceed to 
higher temperatures, as we do when we apply this equation to 
the dissociation of water vapor between 1000° and 2000°C; but 
this is not the whole answer. Indeed, we may assert, as a 
result of practical experience, that it is tiot only convenient, but 
necessary, having once determined upon a fundamental equa¬ 
tion for some substance, such as the equation for Cp, to con- 
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tinue to use the same equation in all cases in which this sub¬ 
stance is involved; even though the choice of the original equa¬ 
tion is arbitrary, and some other empirical equation may accord 
equally with the experimental data. Otherwise, in such addi¬ 
tion and subtraction of equations as we have already illustrated, 
discrepancies appear and may be magnified to a surprising 
degree. 


Reactions Involving Solutions 

All that we have said in the preceding paragraphs is directly 
applicable to reactions in which a substance in solution takes 
part, provided that we employ the partial molal heat content 
and the partial molal heat capacity where we would use the 
molal heat content and heat capacity of a pure substance. Thus 
in the case which we considered in Exercise VIII-8 we may write 
for the solution of gaseous hydrogen chloride in a molal aqueous 
solution, 

(t) HCl(g) = HC1(1.0 M); Aff = ft* - H^Cg) 

= r .2 — L 2 (g) = — 16900 cal., 

or if it is dissolved in an infinitely dilute solution, 

(u) HCl(g) = HCl(aq); AH = - L^Cg) = - 17300. 

We may combine these with any other equations. Thus (t) 
and (d) give 

(v) ^H 2 (g) + HgCl(s) = Hg(l) + HC1(1.0 M); 

AH = - 7600. 

We presume that the meaning of such an equation is now fully 
understood If this reaction occurs to a minute extent, so that 
a very small amount of hydrochloric acid is produced in a molal 
solution, AH is the heat absorbed “per mol of the acid produced. 
Likewise, from (u) and (d), 

(w) ^H,(g) + HgCl(s) =Hg(l) -I- HCl(aq); Aff = - 8000 cal. 
So also in calculating the change in a heat of reaction with the 
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temperature, we employ the partial molal heat capacity of each 
of the dissolved substances. The procedure is the same as with 
pure substances, but it is to be noted that the temperature 
coefficient of may be of a very different order of magnitude 
when solutions are concerned. In a reaction between pure 
substances rarely changes more than a few calories per degree, 
while the change is frequently very large when certain aqueous 
solutions are involved. For this reason, when we are dealing 
with the heats of reaction in salt solutions, it is necessary to 
specify very definitely the temperature at which the measure¬ 
ments are made. 

By an indirect method, based on measurements of the electro¬ 
motive force of a cell in which the above reaction (w) occurs, 
Lewis^ was able, not only to measure very accurately A// for 
this reaction, but also to estimate its temperature coefficient. 
From his measurements = — 7900 cal. (cf. the above 

calorimetric value of — 8000), and at 20®C, dAH/dT = ACp « 
— 58 cal. per degree. Hero, 

ACp = Cp(Hg) + cp(HCl) ~ Hcp(H2) - Cp(HgCl). 

From the known values of Cp for the other substances, we find 
for hydrochloric acid in dilute aqueous solution, Cp = — 50 cal. 
per degree. This is considerably higher numerically than the 
value — 32 obtained in Exercise VIII-2 from the measurements 
of Thomsen, but at least there is no question that Cp has a very 
large negative value. 

Effect of Temperature upon the Abnormality of Solutions. 

When liquids of a certain type (as benzene and toluene) are 
mixed, such partial molal quantities as we have considered are 
nearly constant and equal to the corresponding molal quantities 
for the pure liquids. When this is not the case and some of 
these partial molal quantities vary greatly with the concentration, 
or even assume negative values, the solutions are sometimes said 
to be abnormal. If we consider the partial molal heat capacities 
as given in the various tables of the Iasi chapter, we note that 

1 These experiments are described by Lewis and Randall (/. Am. Chem. Soe., 36, 1969 
(1914)), and are treated in more detail in Chapter XXIX. 
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the abnormality of the solutions, as indicated by their heat 
contents, becomes less with rising temperature. Thus if we 
consider the differential heat of solution of mercury in amalgam 
which contains 40 mol percent of thallium; Hg(l) = Hg(inTl 
amalg., Nj = 0.40), we see, from Table VIII-6, that AHm = 

— 232, and from Table VIII-1, that A(7p = 0.35. The numerical 
value of AH is diminishing with increasing temperature. 

Likewise, if we consider the transfer of a small amount of 
sodium chloride from a molal solution to an infinitely dilpte 
solution; NaCl(1.0 M) = NaCl(0.0M), we see from Table 
VIII-5 that A// = 332 cal., and from Table ^^111-2 that ACp 

- — 7, so that once more AH is becoming numerically smaller 
as the temperature increases. So in general ACp and AH, for 
such processes, will be found to be opposite in .sign, except in a 
few cases of very unusual abnormality. 

If now we were to investigate the partial molal volumes, we 
should find that, by this criterion also, the abnormality of solu¬ 
tions is less at higher temperatures. It seems almost certain, 
although our experimental information is extremely meager, 
that the partial molal heat capacities follow a similar rule, and 
that, in such cases as we have been considering, ACp also becomes 
numerically smaller with increasing temperature. 

In the absence of actual data for the change of partial molal 
heat capacities with the temperature, we may, over small ranges 
of temperature, assume the heat capacities to be constant and 
employ Equation 4, but this may be very far from justifiable 
over a large range of temperature, where indeed it would often 
be better, as in either of the above examples, to assume that 
ACp = 0. So in the transfer of sodium chloride from a molal to 
a very dilute solution, which we have considered above, we see that 
the assumption of a constant ACp would mean that with a rise of 
temperature of less than 50®, AH would drop to zero, and that 
with further increase of temperature AH would proceed toward 
an infinite negative value. This is certainly not the case, and 
it seems more reasonable to assume that with increasing tem¬ 
perature the difference between two values of fl, and the differ¬ 
ence between two values of Cp, both approach zero. 
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Let us illustrate our meaning by Figure 1, where curve A 
represents the assumption that ACp = 0 and therefore AH is con¬ 
stant. Curve B represents the assumption that ACp is constant. 
The true curve is undoubtedly of the general form of C, where 
not only the ordinate (AH), but also the slope (ACp) are approach¬ 
ing zero with increasing temperature. We have no doubt that 
in typical cases the truth lies somewhat between the two assump¬ 
tions of constant AH and of constant ACp, and it would be of 
great value to determine experimentally the actual behavior in a 
number of typical cases. 



Absolute Temperature, T, 
Figure 1. 


Exercise 1. In the combustion of ethyl alrohol to form gaseous carbon 
dioxide and liquid water, All * — 327000. With the aid of Equations 
(g) and (h) find AH of formation of the alcohol. 

Exercise 2. For the formation (from its elements) of sulfuric acid in 
very dilute aqueous solution, AH * — 210400. What is AH of formation 
of H 2 SO 4 in an aqueous solution in which the mol fraction is 0.50 (see Table 
VIII-7)? 

Exercise 3. Consider the reaction Na( 8 ) + J^l 2 (g) * NaCl(0.5M). 
Take Cp(Na) « 7, J 4 cp(Cl 2 ) = 4, and Cp(NaCl) from Table VIII-2, and find 
the rate of change with the temperature of AH, for this reaction. 

Exercise 4. Consider the reaction CO(g) 4- J^ 02 (g) *= C 02 (g); AH 291 = 
— 68100. Using the heat capacity equations of Chapter VII, find the 
complete equation for AH as a function of the temperature. 

Exercise 5. By the conservation law, show that if a reaction occurs 
at one temperature, and the products are then raised to a higher tempera¬ 
ture, the change in heat content is the same as when the reagents arc first 
heated to the higher*temperature and then allowed to react at that tem¬ 
perature. Assume that carbon (graphite) is burned in pure oxygen to give 
carbon dioxide; assume that the materials start at 20 ^C and that the heat 
developed is used to heat a furnace at lOOO^C, at which temperature the 
carbon dioxide escapes. Find the maximum amount of energy which can 
be given to the furnace from the combustion of 1 kg. of carbon. 
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THE SECOND LAW OF THERMODYNAMICS AND 
THE CONCEPT OF ENTROPY • 

After the extremely practical considerations in the preceding 
chapters, we now turn to a concept of which neither the practical 
significance nor the theoretical import can be fully comprehended 
without a brief excursion into the fundamental philosophy of 
science. 

Clausius summed up the findings of thermodynamics in the 
statement, “Die Energie der Welt ist konstant; die Entropie 
der Welt strebt einem Maximum zu,^^ and it was this quotation 
which headed the great memoir of Gibbs on “The Equilibrium 
of Heterogeneous Substances.’’ What is this entropy, which 
such masters have placed in a position of coordinate importance 
with energy, but which has proved a bugbear to so many a 
student of thermodynamics? 

The first law of thermodynamics, or the law of conservation 
of energy, was universally accepted almost as soon as it was 
stated; not because the experimental evidence in its favor was 
at that time overwhelming, but rather because it appeared 
reasonable, and in accord with human intuition. The concept 
of the permanence of things is one which is possessed by all. 
It has even been extended from the material to the spiritual 
world. The idea that, even if objects are destroyed, their sub¬ 
stance is in some way preserved, has been handed down to us by 
the ancients, and in modern science the utility of such a mode 
of thought has been fully appreciated. The recognition of the 
conservation of carbon perniits us to follow, at least in thought, 
the course of this element when coal is burned and the resulting 
carbon dioxide is absorbed by living plants, whence the carbon 
passes through an unending series of complex transformations. 
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The second law of thermodynamics, which is known also as 
the law of the dissipation or degradation of energy, or the law 
of the increase of entropy, was developed almost simultaneously 
with the first law through the fundamental work of Carnot, 
Clausius and Kelvin. But it met with a different fate, for it 
seemed in no recognizable way to accord with existing thought 
and prejudice. The various laws of conservation had been 
foreshadowed long before their acceptance into the body of 
scientific thought. The second law came as a new thing, alien 
to traditional thought, with far-reaching implications in general 
cosmology. 

Because the second law seemed alien to the intuition, and 
even abhorrent to the philosophy of the times, many attempts 
were made to find exceptions to this law, and thus to disprove 
its universal validity. But .such attempts have served rather 
to convince the incredulous, and to establish the second law of 
thermodynamics as one of the foundations of modern science. 
In this process we have become reconciled to its philosophical 
implications, or have learned to interpret them to our satis¬ 
faction; we have learned its limitations, or better wc have 
learned to state the law in such a form that these limitations 
appear no longer to exist; and especially we have learned its 
correlation with other familiar concepts, so that now it no 
longer stands as a thing apart, but rather as a natural consequence 
of long familiar ideas. 

Preliminary Statement of the Second Law: The Actual or 
Irreversible Process. The second law of thermodynamics 
may be stated in a great variety of ways. We shall reserve 
until later our attempt to offer a statement of this law which is 
free from every limitation, and shall confine ourselves for the 
present to a discussion of the law sufficient to display its char¬ 
acter and content.. 

Indeed in an early chapter we have already announced the 
essential feature of the second law when we stated that every 
system left to itself changes, rapidly or slowly, in such a way 
as to approach a definite final state of rest. This state of rest 
(defiined in a statistical way) we also called the state of equilib- 
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rium. Now since it is a universal postulate of all natural 
science that a system, under given circumstances, will behave in 
one and only one way, it is a corollary that no system, except 
through the influence of external agencies, will change in the 
opposite direction, that is, away from the state of equilibrium. 

Many types of processes leading toward equilibrium are 
familiarly known. The diffusion of material from a concentrated 
solution into a dilute solution, leading toward a condition of 
uniform concentration; the passage of heat from a hot body to a 
cold, leading to uniformity of temperature; the oxidation of 
organic substances by the atmosphere; the running down of a 
clock; the easing of strains in a plastic solid; the self-demagnetiza- 
tion of a magnet, are all processes which illustrate the kind of 
change that occurs spontaneously in nature. Sometimes, 
as in the motion of the planets, ih\& approach to a final state is 
extremely slow, but their mechanical energy is gradually being 
converted into heat by unceasing tidal action. 

These processes and all other natural processes are alike in 
one respect, in that they are bringing the various systems toward 
the condition of ultimate equilibrium or rest, and we may think 
of these systems as thereby losing in some measure their capacity 
for spontaneous change. 

It is not coal but the combustion of coal which causes a steam 
engine to operate. As a rule, one system affects other systems 
in consequence of changes which are going on within it. Hence 
a system far removed from its condition of equilibrium is the 
one chosen if we wish to harness its processes for the doing of 
useful work. A system isolated from all others will always 
maintain a constant amount of energy, and therefore, if the 
second law of thermodynamics is spoken of as the law of the 
dissipation of energy, no loss in energy is meant, but rather a 
loss in the availability of energy for external purposes. It seems 
better therefore to speak, not of the dissipation or degradation 
of energy, but rather to speak of the degradation of the system 
as a whole. For in many cases, such as the diffusion of one gas 
into another, the process does not essentially involve an energy 
change. 
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Before proceeding to a more exact characterization of the 
second law, let us make sure that there is no misunderstanding 
of its qualitative significance. When we say that heat naturally 
passes from a hot to a cold body, we mean that, in the absence 
of other processes which may complicate, this is the process 
which inevitably occurs. It is true that by means of a refriger¬ 
ating machine we may further cool a cold body by transferring 
heat from it to its warmer surroundings, but here we are in the 
presence of another dissipative process proceeding in the engine 
itself. If we include the engine within our system, the whole is 
moving always toward the condition of equilibrium. A system 
already in thermal equilibrium may develop largo differences of 
temperature through the occurrence of some chemical reaction, 
but all such phenomena are but eddies in the general uni-direc¬ 
tional flow toward a final state of rest. 

The essential content of the second law might be given by 
the statement that when any actual process occurs it is impos¬ 
sible to invent a means of restoring every system concerned to 
its original condition. Therefore, in a technical sense, any 
actual process is said to be irreversible. 

The Ideal or Reversible Process. When we speak of an actual 
process as being always irreversible we have had in mind a dis¬ 
tinction between such a process and an ideal process which, 
although never occurring in nature, is nevertheless imaginable. 
Such an ideal process, which we will call reversible^ is one in 
which all friction, electrical resistance, or other such sources of 
dissipation are eliminated. It is to be regarded as a limit of 
actually realizable processes. 

Let us imagine a process so conducted that at every stage an 
infinitesimal change in the external conditions would cause a 
reversal in the direction of the process; or, in other words, that 
every step is characterized by a state of balance. Evidently 
a system which has undergone such a process can be restored to 
its initial state without more than infinitesimal changes in external 
systems. It is in this sense that such an imaginary process is 
called reversible. 



THE SECOND LAW; THE CONCEPT OF ENTROPY 113 


To illustrate, we may consider a system comprising water and water 
vapor contained in a cylinder with a movable piston. Now in practice the 
piston cannot be made free from friction, but we have no reason to believe 
that such friction may not be diminished indefinitely, and therefore we may 
regard the ideal frictionless piston as a limit which may be approached as 
nearly as is desired. After a constant temi>crature is established throughout 
the system, and when the external pressure upon the piston equals the vapor 
pressure of water, the system is in equilibrium with respect to internal and 
external agencies. If, then, the external pressure is increased by any 
amount, however small, the jiiston will move inward and the vapor will 
condense. If the external pressure upon the piston l)e diminished by any 
amount, however small, the piston will move outward and the liquid will 
vaporize. In other words, the work required to condense one mol of vapor 
differs by an infinitesimal amount from the work furnished by the vapori¬ 
zation of one mol of liquid. 

If this cylinder of water vapor is kept in contact with a thermostat, the 
pressure required to maintain equilibrium is constant as long as both liquid 
and vapor are present. Otherwise the vapor pressure will change as the 
piston is moved, and if our process is to be reversible the external pressure 
must vary so that at any stage it differs by no more than an infinitesimal 
amount from the internal pressure. 

An excellent example of an actual process which is very nearly reversible 
is furnished when the electromotive force of a galvanic cell is measured by 
means of a sensitive potentiometer. Here the driving force of the cell itself 
is so nicely balanced against an external electromotive force, that in favor¬ 
able cases a current may be made to flow in one direction or the other by 
external changes of 0.000001 volt. 

Again we may consider a case in which we deal, not with the balance of 
mechanical or electrical forces, but with a thermal equilibrium. If two 
bodies differ in temperature only by an infinitesimal amount, the transfer 
of heat from one to the other is likewise a reversible process, for evidently 
it would be possible to restore the system to its original condition without 
causing more than an infinitesimal change in external systems. 

A Quantitative Measure of Degradation 

In viewing the reversible process as the limit toward which 
actual processes may be made to approach indefinitely, it is 
implied that processes differ from one another in their degree 
of irreversibility. It is of the utmost importance to establish 
a quantitative measure of this degree of irreversibility, or this 
degree of degradation. 
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When we wish to measure a quantity such as length, we first 
choose a standard, say a bar of platinum kept at the Inter¬ 
national Bureau of Weights and Measures, and next we adopt 
a method of comparing the length of other objects with the 
length of this standard object. So in defining the degree of 
irreversibility of a process we will choose some standard irre¬ 
versible process, and then define the method whereby others 
may be compared quantitatively with it. 

We will choose a standard system composed of a metallic 
spring and a heat reservoir. In employing this spring-reservoir 
in conjunction with other systems we are going to use the spring 
as a source of work, and the reservoir as a source or as a sink 
of heat. It will therefore be desirable to choose them so that 
the spring will undergo no thermal change, and the reservoir 
will do no work, during the processes we are about to consider. 

If the spring is released and by some frictional process gives 
up a part of its energy to the reservoir in the form of heat, the 
process is an irreversible one, and, without the intervention 
of some external agency, the reverse process, whereby the spring 
would again be coiled at the expense of the heat of the reservoir, 
is impossible. 

As the spring is gradually released, its potential energy being 
transferred into thermal energy in the reservoir, we might 
measure the extent of this irreversible process by a pointer and 
scale attached to the spring, or by the amount of heat given to 
the reservoir. We shall in fact take as the measure of the extent 
of this standard universal process a quantity which is propor¬ 
tional to the energy exchange, but not equal to it, for it is neces¬ 
sary to our purpose to consider also the temperature of the 
reservoir. 

To make this clear we may consider a spring and two separate 
reservoirs, one at the temperature T and one at the lower 
temperature T\ If the spring is released and a certain amount 
of heat is given to the reservoir at T, and if then this same 
amount of heat is allowed to flow to the other reservoir at T\ 
this latter is also an irreversible process. The net result is the 
same as if the heat developed by the spring were given at once 
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to the cold reservoir at T. Now the sum of the degradation in 
two successive irreversible processes must be greater than that 
in either one alone; otherwise our definition would not be quanti¬ 
tative. Therefore if we are to have a genuine scale of irreversi¬ 
bility, the transfer of energy from the spring to the hot reservoir 
at T must be regarded as a less irreversible process than the trans¬ 
fer of the same amount of energy from the spring to the cold reser¬ 
voir at T'. 

It will therefore be expedient to define the extent of irreversi¬ 
bility of our standard process by making it equal, not to g, but 
to q/d^ where q is the heat received by the reservoir, and B is 
some quantity which qualitatively satisfies our definition of 
temperature. Moreover when the function B is determined, it 
completes the quantitative definition of the degree of degradation. 
We are going to prove in a later chapter that which Kelvin 
called the thermodynamic temperature, may be completely 
identified with the absolute temperature scale which we have 
already defined by means of the perfect gas. In order to avoid 
extensive duplication of our formulae, we shall not wait for that 
proof, but write immediately B = T, 

The Entropy of the Spring-Reservoir. So far we have not 
given a name to our measure of the irreversibility of the standard 
process. The value of q/T, when this process occurs, we shall 
call the increase in entropy of the spring-reservoir. If we denote 
its entropy at the beginning by Sa and at the end by Sa, we write 
as our definition, 

Sb - Sx = (1) 

Thus entropy has the same dimensions as heat capacity and may 
be expressed in calories per degree. 

Our present definition of entropy will be found identical with the defini¬ 
tion originally given by Clausius. We have, however, departed radically 
from the traditional method of presenting this idea, for we have desired to 
emphasize the fact that the concept of entropy, as a quantity which is 
always increasing in all natural phenomena, is based upon our recognition 
of the uni-directional flow of all systems toward the final state of equilibrium. 
In the ordinary definition of entropy the attention is focussed upon the 
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reversible process and not upon tlie irreversible process, the existence of 
which necessitates the entropy concept. For this reason we have based 
our definition immediately upon an irreversible process, and shall now 
employ the reversible process only as a means of comparing the degree of 
degradation, or the increase in entropy, of two irreversible processes. 

Comparison of Any Irreversible Process with the Standard 
Irreversible Process. If in any system an irreversible process 
occurs, it is possible, with sufficient ingetiuity, to devise a mechan¬ 
ism by which in actuality, or at least in thought, every part of 
the system may be restored to its original condition at the ex¬ 
pense of a degradation in the standard system. 

For example, let the system in question be a mixture of oxygen 
and hydrogen at the temperature of the standard reservoir, 
and let the irreversible process consist in the combination of 
these elements to form water. Then by means of an electric 
generator, operated by the spring, the water can be dissociated 
by electrolysis, and the various parts of the system can be brought 
to their original temperature by contact with the (large) standard 
reservoir. At the end the spring-reservoir has alone suffered 
degradation. 

Of all methods of restoring to its original condition a system 
in which some process has occurred, there must be at least one 
which produces the smallest change in the spring-reservoir. 
Such a method will be one which consists in a reversible process, 
and therefore causes no further degradation. In a reversible 
process there is no change in total entropy. 

When a process has occurred in any system, we may define 
the increase in entropy of that system as equal to the minimum 
increase in entropy of the spring-reservoir necessary to restore 
the system to its original state. In other words, it is the 
increase in entropy of the spring-reservoir when the restoration 
occurs reversibly. 

The Entropy Change in the Free Expansion of a Perfect Gas. 

As an illustration of the method of calculating the increase of 
entropy in a simple irreversible process, let us consider a perfect 
gas enclosed in a flask of volume Va* Let this flask be attached 
by a stopcock to an evacuated flask, such that the volume of the 
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two flasks together is If these flasks are isolated from other 
systems and the stopcock is opened, the gas will distribute itself 
uniformly between them. Since the flasks are isolated the energy 
does not change during expansion, and since by our previous 
definition of a perfect gas the temperature and the internal 
energy uniquely determine one another, the temperature is the 
same after the expansion as before. 

In order to measure the increase of entropy in this process, 
we shall now restore the system to its initial state by means 
of a standard spring and a standard reservoir of the same temper¬ 
ature as the gas, namely T. By keeping the gas in thermal 
contact with the reservoir it may be compressed isothermally 
by means of the spring. The work done by the spring and the 
heat absorbed by the reservoir, if the compression is carried on 
in a reversible manner, arc given by Equation VI-6, 

q = w = nRT In 

Now q/T is.the increase in the entropy of the spring-reservoir 
and therefore this is also by definition the increase in entropy 
during the free expansion of the gas. If we write Sa as the 
entropy of the gas before expansion and Sb as the entropy of 
the gas after expansion, we find 

Sb - S., = nii In (2) 

Entropy as an Extensive Property. In expressing the entropy 
change during an irreversible process as the difference between 
the entropy at the end and the entropy at the beginning, we 
have implied that entropy is a property, and therefore that the 
entropy change depends solely upon the initial and final states. 
Indeed this follows directly from our definition, for by whatever 
irreversible path we proceed from state A to state B, the minimum 
degradation of the spring-reservoir necessary for the return from 
state B to state A is the same. It Js true tha-t wehavanatshown 
how to obtain the absolute v alue of or but only their 
difference, imr Wall we need to discuss this question until a much 
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later chapter. In the meantime we shall regard the entropy, 
like the energy and heat content, as a quantity of which the 
absolute magnitude is imdetermined. 

Moreover, entropy is an extensive property, for we may con¬ 
sider two systems which are just alike, and each of which under¬ 
goes the same infinitesimal irreversible process; evidently the 
change in the standard spring-reservoir necessary for their 
restoration is twice as great as it would be for one of them alone. 

Since entropy is extensive, we may regard the entropy of a 
system as equal to the sum of the entropies of its parts. It is 
therefore important to ascertain how to determine the local¬ 
ization of entropies in the various parts of a system. Owing 
to the special properties of the standard spring-reservoir which 
we assumed at the outset, it will be convenient to postulate that 
in any operation of the spring-reservoir the entropy changes 
occur in the reservoir alone, so that if the standard reservoir 
gains heat from any source by the amount g, the reservoir changes 
in entropy by q/T. 

An Important Criterion for Reversible Processes. We have 
seen that the total entropy change in a reversible process is zero. 
It follows that in such a process the entropy change in any 
system must be equal and opposite in sign to the entropy change 
in all other systems involved. In order to study this case further, 
let us consider the energy changes which occur in a reversible 
process between some system and the standard spring-reservoir. 
For the sake of simplicity we shall choose an infinitesimal process. 
Letting S denote the entrepy of the system, and S^t that of the 
standard spring-reservoir, the condition, of reversibility, since 
the total entropy must remain constant, is 

dS = ~ dS ^.' (3) 

Bearing in mind the condition that the process is to be re¬ 
versible, it is possible to conduct it so that the system and the 
standard spring merely exchange mechanical energy, and the 
system and the reservoir merely exchange heat. There must, 
moreover, be a state of balance between the mechanical forces 
exerted by the system and by the spring; and the temperature 
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of the system and the reservoir must not differ more than in¬ 
finitesimally from one another. The total energy gained by 
the system is equal to the total energy lost by the spring-reser¬ 
voir, and, owing to the state of balance, the work done by the 
spring must equal the work done upon the system. Therefore, 
by the conservation law, the heat lost by the system is equal to 
the heat gained by the reservoir. 

Algebraically speaking, if the heats absorbed by system and 
reservoir are respectively q and then q = -- q»t] or, since the 
temperatures are the same, q/T = — qJT. But by definition 
of the standard spring-reservoir, q^JT = dS^i] and therefore by 
Equation 3, 

dS = (4) 

Generalizing this important equation, we conclude that in any 
reversible process the increase in entropy of any system, or part 
of a system, is equal to the heat which it absorbs, divided by 
the absolute temperature." Indeed it is this fundamental equa¬ 
tion which Clausius used for his original definition of entropy. 

We may sum up our quantitative conclusions regarding 
entropy, (in any irreversible process the total entropy of all 
systems concerned is increased. In a reversible process the 
total increase in entropy of all systems is zero, while the increase 
in the entropy of any individual system, or part of a system, 
is equal to the heat which it absorbs divided by its absolute 
temperature. ) It is important to see clearly that the idea of 
entropy is necessitated by the existence of irreversible processes; 
it is only for the purpose of convenient measurement of entropy 
changes that we have discussed reversible processes here. 
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ENTROPY AND PROBABILITY 

The second law of thermodynamics is not only a principle of 
wide-reaching scope and application, but also it is one which 
has never failed to satisfy the severest test of experiment. The 
numerous quantitative relations derived from this law have been 
subjected to more and more accurate experimental investigation 
without detection of the slightest inaccuracy. Nevertheless, if 
we submit the second law to a rigorous logical test, we are forced 
to admit that, as it is ordinarily stated, it cannot be universally 
true. 

It was Maxwell who first showed the consequences of admit¬ 
ting the possible existence of a being who could observe and dis¬ 
criminate between the indi\ddual molecules. This creature, 
usually known as Maxweirs demon, was supposed to stand at the 
gateway between two enclosures containing the same gas at the 
same original temperature. If nov/ he were able, by opening 
and shutting the gate at will, to permit only rapidly moving 
molecules to enter one enclosure and only slowly moving mole¬ 
cules to enter the other, the result would ultimately be that the 
temperature would increase in one enclosure and would decrease 
in the other. Or, again, we could assume the enclosures filled 
with air, and the demon operating the gate to permit only oxygen 
molecules to pass in one direction and only nitrogen mole¬ 
cules in the other, so that ultimately the oxygen and nitrogen 
would be completely separated. Each of these changes is in a 
direction opposite to that in which a change normally occurs, and 
each is therefore associated with a diminution in entropy. 

Of course even in this hypothetical case one might maintain the 
law of entropy increase by asserting an increase of entropy within 
the demon, more than suflScient to compensate for the decrease in 
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question. Before conceding this point it might be well to know 
something more of the demon^s metabolism. Indeed a suggestion 
of Helmholtz raises a serious scientific question of this character. 
He inquires whether micro-organisms may not possess the faculty 
of choice which characterizes the hypothetical demon of Maxwell. 
If so, it is conceivable that systems might be found in which 
these micro-organisms would produce chemical reactions where 
the entropy of the whole system, including the substances of the 
organisms themselves, would diminish. Such systems have not 
as yet been discovered, but it would be dogmatic to assert that 
they do not exist. 

While in Maxwell’s time it seemed necessary to ascribe de¬ 
moniacal powers to a being capable of observing molecular 
motions, we now recognize that the Brownian movement, which 
is readily observable under the microscope, is in reality thermal 
motion of large molecules. It would therefore seem possible, 
by an extraordinarily delicate mechanism in the hands of a 
careful experimentor, to obtain minute departures from the 
second law, as ordinarily stated. But here also we should depend 
upon a conscious choice exercised by the experimentor. 

It would carry us altogether too far from our subject to take 
part in the long-continued debate on the subject of vitalism; 
the vitalists holding that there are certain properties of living 
matter which are not possessed at all by inanimate things, or, 
in other words, that there is a difference in kind between the 
animate and the inanimate. However, we may point out that 
in the last analysis differences of kind are often reduced to dif¬ 
ferences in degree. There certainly can be no question as to the 
great difference in trend which exists between the living organism, 
and matter devoid of life. The trend of ordinary systems is 
toward simplification, toward a certain monotony of form and 
substance; while living organisms are characterized by continued 
differentiation, by the evolution of greater and greater complexity 
of physical and chemical structure. 

In the brilliant investigation of Pasteur on asymmetric or 
optically active substances, it was shown that a system of optic¬ 
ally inactive ingredients never develops optically active sub- 
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stances except through the agency of living organisms, or as the 
result of the conscious choice of an experimentor. While we 
admit the theoretical possibility that somewhere, by chance, 
an inanimate system might develop optical activity, such a 
case has not been actually observed, and indeed we know that 
even when an asymmetric system has once been obtained, it 
will in course of time become optically inactive through the 
process known as racemization. On the other hand, countless 
asymmetric substances are found in animate nature, where 
indeed a symmetric substance is more the exception than the 
rule. With this analogy before us it seems by no means outside 
the realm of probability that changes which are associated with a 
total decrease of entropy may sometimes occur in living things. 

Even if we recognize the possible validity of such exceptions, 
and attempt to express the second law in a form which would 
meet such objections, it would still bo difficult to make a really 
satisfactory statement until we have indicated the connection 
between the law of entropy and another fundamental generaliza¬ 
tion which is sometimes called the law of probability. 

Chance. Sometimes when a phenomenon is so complex as to 
elude direct analysis, whether it concern the life and death of a 
human being, or the toss of a coin, it is possible to apply methods 
which are called statistical. Thus tables and formulae have 
been developed for predicting human mortality and for predicting 
the results of various games of chance, and such methods are 
applied with the highest degree of success. It is true that in a 
given community the ^^expectation of life'^ may be largely and 
permanently increased by sanitary improvements, but if a great 
many individual cases be taken promiscuously from different 
localities at different times, the mean duration of life, or the 
average deviation from this mean, becomes more and more 
nearly constant the greater the number of cases so chosen. 

Likewise it is conceivable that a person might become so 
expert in tossing a coin as to bring heads or tails at will, but if 
we eliminate the possibility of conscious choice on the part of 
the player, the ratio of heads to tails approaches a constant 
value as the number of throws increases. If the two sides of the 
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coin are mechanically alike, and if a number of players are chosen, 
sufficient to eliminate the effect of habits formed by individual 
players, this constant ratio becomes equal to unity. We then say 
that the chance of turning a head in a random throw is one-half. 

Now it is characteristic of such a mathematical chance that 
if we know the chance of each of several independent events, 
the chance that all will occur together is the product of the 
individual chances. Thus if a coin be thrown three times 
the chance that it will be a head every time is 
Similarly, if three coins are tossed simultaneously the chance 
that three heads will appear is When we say that the 

chance of a head in a single throw is we do not mean that five 

heads will necessarily appear in ten throws; this will be pre¬ 
cisely true on the average. As the number of throws increases 
the chance that the ratio of heads to tails will differ by any 
specified amount from unity will approach zero, or, in other words 
the chance that the ratio will lie within the set limits approaches 
unity. In the theory of probability a chance equal to unity rep¬ 
resents complete certainty. 

Let us consider two equal boxes joined by an opening, and 
three white and three black balls placed within and shaken in so 
random a manner that any one ball is as often in one box as*in 
the other. Then we may say that the chance of finding a speci¬ 
fied ball in box A is What is the chance that after an 

indefinite shaking we shall find the three black balls in box A 
and the three white balls in box B? The chance of each ball 
being in a specified box is 3^^, therefore the chance of finding the 
given arrangement is (H)®- This system suggests an analogy to 
a physical system containing molecules of two different gases, 
each molecule being driven hither and thither in a random 
manner; that is, in a manner so complicated as to elude analysis. 

An even simpler case is one in which we consider N identical 
balls shaken in the boxes in a random way, as before. The 
chance that all the N balls will be in a specified box at a given 
time is (H)^. Likewise if in a pair of similar flasks connected 
by a stopcock we have N molecules of a certain gas, then if the 
stopcock is closed at a certain instant the chance that all of the 
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molecules will be in one specified flask is (^)^. Thus if iV « 20, 
the chance in question is about one in a million, and this chance 
obviously diminishes enormously as we proceed to the large 
number of molecules such as we deal with in practice. The most 
recent determinations of the number of molecules in a mol give 
6.06 X 10^^; in dealing with numbers so vast, the laws of chance 
lead inexorably to results of an accuracy far exceeding that which 
is possible even in the most refined physical measurements. 

Thus in the case before us, if a mol of gas is distributed between 
the two flasks, the very randomness of the molecular motions 
makes it logically certain that minute temporary changes in 
concentration will from time to time occur. Nevertheless the 
relative deviations from complete uniformity of distribution 
between the two flasks must be so exceedingly small that it 
seems inconceivable that they could ever be detected experi¬ 
mentally. In other words, the chance that, within the limits 
of accuracy of our observation, the gas will be equally distributed 
between the two flasks is, to all intents and purposes, unity. 
Expressing this mathematical chance or the probability by the 
symbol we write, as a very close approximation, ^ = 1. 
On the other hand we have found that the probability of finding 
all of the molecules in one flask is almost zero, namely ^ = 
where N is now the number of molecules in a mol. 

When therefore the gas is at first enclosed in one of the flasks, 
and the stopcock is then opened to allow it to distribute itself 
between the two flasks, it is legitimate to say that immediately 
after opening the cock the system passes from a state of very 
small probability to a state of very large probability, that is 
from to 9b 1. 

In order to obtain a relation which we are about to exhibit, 
let us in a purely arbitrary manner define a new quantity <r by 
the equation 

^ ^ 1^ ■“ ^ hi (1) 

where R is the gas constant. Using the above values, 

= f. In 2"^ = ft In 2. 

N 
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If, instead of using two flasks of equal size, we had allowed 
the mol of gas to expand from any volume vx to any other 
volume Vb, we should have found by precisely similar reasoning 

»B ^ / VbV 
\V^/ 

and 

In J-®. (2) 

Thte equation is of very great interest since we have obtained 
in Equation X-2 an identical expression for the change in entropy 
in the expansion of an ideal gas, namely, 

Sfl - In 3®. 

Hence in this simple case we find a very simple relation between 
the entropy and the logarithm of the probability, namely, 

8b - Sa = ^ (In IPfl - In (3) 

Next let us consider two identical bodies in contact with the 
same thermostat. If we admit that each individual molecule 
is sometimes losing and sometimes gaining energy in a purely 
random manner, there will be in general a difference between 
the energies of the two bodies, and it is conceivable that by 
waiting a very long time we might, for an instant, find the system 
in a state in which this difference would be perceptible. However, 
the chance of finding a measurably uneven distribution at any 
given instant would be exceedingly small. If therefore two 
bodies at different temperatures are brought into thermal con¬ 
tact, the probability of their maintaining a measurable difference 
in temperature is entirely negligible. Indeed we know by expe¬ 
rience that in such a case energy always flows from the hot bod}^ 
to the cold until no sensible difference remains. Again we may 
look upon this irreversible process as a change in the whole system 
from a highly improbable to a highly probable condition. 

As a further illustration, let us consider a body which is in 
motion. In addition to the chaotic motion of its molecules, 
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which depends upon the temperature, each molecule will on the 
average have a component of velocity equal in direction and 
magnitude to the velocity of the body as a whole. In the 
absence of friction this state of motion will continue indefinitely, 
but if through frictional processes opportunity is given to the 
individual molecules to acquire perfectly random motion, the 
body as a whole will soon come to rest, and the average molecular 
velocity in one direction will be just as great as in another. 
In this spontaneous irreversible process the energy of translational 
motion is converted into the energy of chaotic motion, which 
we call heat. The chance of a certain velocity on the part of one 
molecule will be just as great in one direction as in another, but 
the chance that all molecules will happen to acquire a component 
velocity in a single direction so as to set the whole body in 
motion as before is extremely minute. 

Indeed if a body, initially at rest, is in contact with a reservoir 
of heat, it must from time to time, owing to the very randomness 
of the motions which are imparted to its molecules by the mole¬ 
cules of the reservoir, acquire a minute velocity as a whole, 
first in one direction and then in another. If the number of 
molecules in the body is very large such effects are entirely 
imperceptible, but in bodies of microscopic, and especially of 
ultramicroscopic size, these random jostlings become discernible 
and give rise to the phenomenon known as the Brownian move¬ 
ment. 

The distinction between the energy of ordered motion and the energy 
of unordered motion is precisely the distinction which we have already 
attempted to make between energy classified as work and energy classified 
as heat. Our present view of the relation between entropy and probability 
we owe largely to the work of Boltzmann, who, however, himself ascribed 
the fundamental idea to Gibbs, quoting,*/*‘The impossibility of an uncom- > 
pensated decrease of entropy seems to be r^uced to improbability^ 

It would carry us too far if we should attempt to analyze 
more fully this idea that the increase in the entropy of a system 
through processes of degradation merely means a constant 
change to states of higher and higher probability. The mere 

> Bolttmann, ** Vorlesungen Uber Gastbeoriei” Bartti, I.eipsig, 1912. 
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recognition that such a relationship exists suffices to give a 
new and larger conception of the meaning of an irreversible 
process and the significance of the second law of thermodynamics. 

If we regard every irreversible process as one in which the 
system is seeking a condition of higher probability, we cannot 
say that it is inevitable that the system will pass from a certain 
state to a certain other state. If the system is one involving a 
few molecules, we can only assert that on the average certain 
things will happen. But as we consider systems containing more 
and more molecules we come nearer and nearer to complete 
certainty that a system left to itself will approach a condition 
of unit probability with respect to the various processes which 
are possible in that system. This final condition is the one which 
we know as equilibrium. In other words, the system approaches 
a thermodynamic or macroscopic state, which represents a great 
group of microscopic states that are not experimentally dis¬ 
tinguishable from one another. With an infinite number of 
molecules, or with any number of molecules taken at an infinite 
number of different times, the probability that the macroscopic 
state of the system will lie within this group is infinitely greater 
than the probability that it will lie outside of that group. 

Leaving out of consideration systems, if such there be, which 
possess that element of selection or choice that may be a char¬ 
acteristic of animate things, we are now in a position to state 
the second law of thermodynamics in its most general form: 
Every system which is left to itself will, on the average, change 
toward a condition of maximum probability. This law, which is 
true for average changes in any system, is also true for any 
changes in a system of many molecules. 

We have thought it advisable to present in an elementary 
way the ideas touched upon in this chapter in order to give a 
more vivid picture of the nature of an irreversible process, and 
a deeper insight into the meaning of entropy. It is true we shall 
not, henceforth, make formal use of the relation between entropy 
and probability; nevertheless we shall always tacitly assume that 
we are dealing ^ith statistical ideas. 

For example, when calculating solubilities or vapor pressures, 
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figures are sometimes obtained which are so small as to seem 
ridiculous to the uninitiated. And yet such figures, when 
properly interpreted, have as definite a significance, and often 
as high an accmacy as others which are capable of direct measure¬ 
ment. Thus by several methods it has been shown that if a mol 
of sUver cyanide is dissolved in a liter of thrice molal potassium 
cyanide the concentration of silver ion is about 10~** mols per 
liter. This means that the number of actual molecules of silver 
ion is about one hundred per liter, or one-tenth of a molecule 
per cubic centimeter. How then, since the molecules are assumed 
indivisible, can we say that in such a cubic centimeter there is 
any concentration of silver ion at all? We mean simply that, 
while the complex ions are being dissociated and others are 
being formed, there will be at anj one instant one hundred 
molecules of silver ion per liter on the average, or the chance of 
there being one in any given cubic centimeter is one in ten. 

We shall show in the course of our work that if a suitable 
catalyzer is placed in saturated water vapor there is at every 
temperature some dissociation into hydrogen and oxygen, and 
that at 25°C the partial pressure of the hydrogen is 2.80 X 10“^® 
atmospheres, which is equivalent to the pressure exerted by a 
single molecule in a space of about a million liters. Yet this 
value has a precise significance and is certainly known within a 
few percent. 

One of the most striking results of this character is obtained 
if we calculate the vapor pressure of tungsten at 25° from experi¬ 
ments at very high temperatures.* The result, 10“**® atmo¬ 
spheres, would mean that the concentration of tungsten vapor 
would be less than one molecule in a space equivalent to the 
known sidereal universe. Such a calculation need not alarm us. 
Allowing for the possibilities of experimental uncertainty we 
may utilize such a calculated vapor pressure in our thermody¬ 
namic work with the same sense of security as we use the vapor 
pressure of water. 

^ Langmuir, Phy*. Hev.t [2], 2, 329 (1913), 



CHAPTER XII 


MISCELLANEOUS APPLICATIONS OF ENTROPY 

The Heat Engine. Every system which is not in equilibrium 
can be made to do useful work. However, in every irreversible 
process there is always some waste of opportunity in this regard. 
Let us consider the flow of heat between two reservoirs at different 
temperatures. Instead of allowing heat to flow directly from 
one to the other, we may obtain work by means of a steam engine, 
or a hot air engine, or any one of the various inventions which are 
known generically as heat engines. These are characterized 
by operating in such manner that they themselves undergo no 
permanent change; but do work at the expense of a part of the 
energy taken from a hot reservoir, while the rest of the energy 
passes into a cold reservoir. 

The ratio between the work done and the heat taken from the 
hot reservoir has not begn satisfactorily named; we may call it 
the conversion factor of the engine. The problem of determining 
.the maximum value of this ratio is the one which occupied 
Carnot* in the great monograph which laid the foundations of 
the second law of thermodynamics. 

Every actual heat engine is inefiicient because of friction or 
imperfect design; but even if all sources of degradation are elim¬ 
inated it is evident that no engine could be constructed to give 
a conversion factor of 100 percent. For if all the heat taken from 
the hot reservoir were converted into work, the cold reservoir 
might be removed altogether. The energy taken from the hot 
reservoir would then be converted into mechanical work without 
any degradation in other systems. This work could, by friction, 
be returned as heat to the reservoir, and we should thus find an 

1 Carnot, "Reflexiona aui la puiaaanco motrice du feu.” Faria, 1821. 
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irreversible process bringing the whole system back to its original 
state. 

In order to obtain the maximum possible work from a heat 
engine, it would be necessary to eliminate friction, to prevent 
direct flow of heat from hot to cold portions of the system, and 
to maintain a state of balance with respect to the mechanical 
forces. In other words, the process must be reversible. Under 
given conditions, therefore, the maximum conversion factw is 
that of a heat engine which operates reversibly in all its stages; 
and if we find the conversion factor of such an engine, we know 
the limit which may be approached by any actual engine as its 
design and construction are improved. 

If a heat engine operates reversibly, and passes through a 
whole number of complete cycles, so that it is in the same state 
at the end of the operation as at the beginning, it will itself suffer 
no change of entropy. Hence all of the entropy changes are in 
the rest of the system, and these must sum up to zero in a reversi¬ 
ble process. These entropy changes aie immediately obtained 
from Equation X-4. If q is the heat taken from the hot reservoir 
at Ty and is the heat given to the cold reservoir at T', then the 
increase of entropy of the hot reservoir is — q/T, and that in the 
cold reservoir is q*/T\ Equating the sum to zero, 

--^+ 1 ^- 0 . . ( 1 ) 

By the conservation law, 

w ==(} - q', (2) 

and combining these two equations, we find 



This important equation gives the conversion factor of a per¬ 
fectly efficient engine operating between temperatures T and T'. 
Any actual engine operating between these temperatures has 
a lower conversion factor, but one which may approach that of 
Equation 3 as a limit. Thus for a steam engine with a condenser 



MISCELLANEOUS APPLICATIONS OF ENTROPY 131 


at 27®C or 300®K, and with a boiler at 327®C or 600®K, the maxi¬ 
mum work obtainable is equal to one half of the heat taken from 
the boiler. 

The Refrigerating Machine. By reversing a heat engine it 
is possible, through the expenditure of work, to transport heat 
from a cold to a hot reservoir. This is the method employed 
in a refrigerating machine. If w is* now the work done, and q' 
is the heat withdrawn from the cold reservoir, then we find. 



Let us calculate, as an example, the minimum amount of work 
required to convert a kilogram of water at 0®C into ice at 0°C 
by an engine operating in a room at 30®C. In the operation 
heat will be given up to the room in an amount equal to the 
heat absorbed from the water, together with the work done 
by the engine. If the engine is reversible we employ Equation 
4, q' is 79800 cal. and w is 79800(30/273) = 8770 cal. (It will 
be observed that this is not the work required to convert a kilo¬ 
gram of water at 30° into ice at 0°. A problem of this more 
complex type will be considered in the next chapter.) 

The theory of the heat engine leads to a curious consequence which pos¬ 
sesses theoretical, and may ultimately acquire practical interest. In some 
localities buildings are heated by electricity, the electricity passing through 
some form of heater whose resistance converts electrical into thermal energy. 
At first sight it would appear, from the law of conservation of energy, that 
the maximum heating effect would be produced when a certain amount of 
electrical energy is completely converted into thermal energy. But this 
is very far from the truth. 

If a heat engine were constructed with the inside of the building serving 
as the hot reservoir and the outdoor air as the cold reservoir, and if by 
means of a motor the electrical energy were used to operate this engine, so 
that the heat would be taken from without and given up inside the building, 
the amount of heating thus produced would, in the limiting case of ideal 
efficiency, be given by Equation 3, where lo represents the electrical energy 
expended, q the heating effect in the builtling, and T and T' the temperatures 
within and without. If the internal temperature were 18®C or 291 ®K, and 
the external, 0®C or 273®K, the heating effect at the maximum would be 
(291/18)1/?, or more than 16 times the electrical energy expended. 
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Entropy and Heat Capacity; Change op Entropy with 
Temperature 


When heat flows between two systems of different temperature, 
the process is more nearly reversible the smaller the temperature 
difference. (When the two temperatures differ only infinitesi¬ 
mally there is, of course, a total entropy change during thermal 
flow, but in mathematical parlance this entropy change is an 
infinitesimal of higher order than the heat exchanged, q, and 
therefore is negligible in comparison with g. We then say that 
the process is reversible.) 

If a system, with heat capacity C, absorbs heat from a reser¬ 
voir of infinitesimally higher temperature, and thus rises through 


the temperature interval dT, so that 


q = CdT, 

(5) 

then, by Equation X-4, 


dT 

dS = 

(6) 


Indeed the entropy change in the system alone is the same regard¬ 
less of the temperature from which the heat flows, since the entropy 
is a property. This equation therefore is true for any infinitesimal 
rise of temperature in the system, no matter how it is produced. 

Ordinarily the heating is done either at constant volume or 
at constant pressure. Then 

ds = = Cvd In T; (7) 

dS =cj^ ^ Cpd In T; (8) 

We shall need presently two equations which are obtained from 
(7) and (8) by differentiating the former with respect to volume 
and the latter with respect to pressure. Remembering the 
definitions of Cv and of Cp, we find. 


d^S ^ ^ 

dfdV T\ fv)T f dTdV’ 

_ 1 . 
dTdP ~ T\dP Jj, t Wbp 


(9) 

(10) 
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Change of Entropy with Volume and with Pressure 

We may obtain some very useful thermodynamic equations 
by considering the common case in which the pressure within a 
system is equal to the pressure exerted upon the system from 
without. In this case an infinitesimal expansion or compression 
is a reversible process. By Equation X-4, the heat absorbed by 
the system is therefore TdS^ while the work done by the system 
is PdV. Thus by the first law of thermodynamics 

dE = TdS - PdV. (11) 

If we wish to restrict this general equation to the special case of 
an isothermal process, we may express it conveniently in the form 



Differentiating Equation 12 with respect to temperature, the 
volume being constant, 

= T-^.. . (§^\ _ fio) 

\dTjv dTdV ^\dVjr dTdV 

We note from Equation 9 that the second and fourth terms 
cancel, and (see Equation III-3), 

(Sy)r ^ (h)y ^ ~ 

In the same mariner we may employ the heat content instead 
of the energy. From Equations 11 and V-8, 

dH = dE + PdV 4- VdP = TdS + VdP, (15) 

and proceeding just as before we find the analogous equations, 



All of these equations merely express the thermodynamic 
condition that a system is in equilibrium with the external 
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pressure. They are valid for any system homogeneous or heter¬ 
ogeneous. As an illustration of their use we may calculate the 
change of the vapor pressure of a solid or liquid with the temper¬ 
ature. 

Equilibrium between a Substance and its Vapor. Let us 

apply Equation 14 to a system composed of a substance and its 
vapor, the two being in equilibrium with one another at the 
vapor pressure p, which is moreover equal to the applied external 
pressure P, In this case dS/dV is the same as AS/AF, where 
AS is the increase in entropy and AF is the increase in volume 
when one mol of the substance vaporizes. Since we arc dealing 
with an equilibrium, and therefore with a reversible process, 
AS = q/T, and q, which we may also write as A/f, is the ordinary 
heat of vaporization. Moreover, since the vapor pressure does 
not depend upon the volume of the system, we may omit the 
restriction of constancy of volume, and thus Equation 14 becomes 


dP ^ AH ^ 
df TAV 


(18) 


This is the famous equation which Clapeyron^ obtained essen¬ 
tially in this form in 1834. It was the first physico-chemical 
application of what wc now call the second law of thermo¬ 
dynamics. 


Thermodynamic Equations of State 

By combining Equations 12 and 14, and again by combining 
Equations 16 and 17, we obtain the important equations. 


- (iX' 

(19) 


(20) 


A relation between pressure, temperature, and volume we have 
called an equation of state. If either {dE/dV)^ or (dH/dP)r 
has been determined by experiment, we have in Equation 19 

* Clapeyron, J. Veeole polyteehniquet 14, No. 23, 163 (1834). 
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or 20 a thermodynamic requirement to which any empirical 
equation of state must conform. 

These equations have proved very useful in interpreting 
thermometric measurements made with gas thermometers. In 
the case of an actual gas like hydrogen or air, the volume at 
constant pressure is not proportional to the temperature. If, 
however, we have measured the Joule-Thomson effect, we may 
calculate {dH/dP)r from Equation VI-12 and make the needful 
correction. We will not pursue the intricacies of such a calcu¬ 
lation, but shall now do what we have promised to do in an 
earlier chapter, namely, prove that the thermodynamic scale 
of temperature may be identified with the scale of the ideal 
gas thermometer. 

The Perfect Gas Thermometer and the Thermod]mamic Scale 
of Temperature. It will be remembered that in Chapter X we 
postponed the proof that the thermodynamic temperature, 
could be identified with T, the temperature of the perfect gas 
scale. This proof wo may now furnish. If this identification 
had not been made, all of our thermodynamic equations would 
have contained 6 instead of T, Thus Equation 19 would have 
to be written as 

We have seen, however, that d and T obey the same qualitative 
laws, and therefore constant 6 implies also constant T, so that 
{dE/dV)e = {dE/dV)^, 

Let us now consider a system composed of a perfect gas, in 
which, by Equation \T-3, {dE/dV)j, = 0. For such a gas 



and we see that at constant volume the pressure is propor¬ 
tional to B, But also, by the definition of a perfect gas, pressure 
is proportional to T, hence 6 is proportional to T, This is all 
that we need to know in order to permit the complete identifica¬ 
tion of the thermodynamic scale with the perfect gas scale, 
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for in both scales the size of the degree may be arbitrarily chosen, 
and we have chosen the centigrade degree in both cases, so that 
B is not only proportional but equal to T. 

Difference between Heat Capacity at Constant Pressure ^nd 
at Constant Volume. By the first law of thermodynamics we 
obtained, in Equation V-13, a formula for the difference between 
Cp and Cv, namely. 


r /BE\ “\/dV\ 


This was as far as it was possible to go with the first law of 
thermodynamics alone, but now we may substitute from Equa¬ 
tion 19, which was derived from the second law, and thus obtain 
the more useful formula. 


Cp 



( 21 ) 


Since we do not ordinarily measure the pressure-temperature 
coefficient at constant volume, we may write from Equation 


iir-3. 



( 22 ) 


Hence 


Cp - Cv = 



( 23 ) 


If instead of the volume-temperature coefficient and the volume- 
pressure coefficient we wish to employ the so-called coefficient 
of thermal expansion and compressibility, a = (1/F) {dV/dT)p 
and/3 = - (1/F) {dV/dP)r, then 

aWT 

- a. ^ ( 24 ) 

p 


This is a valuable equation, for while most of the general laws of 
specific heats relate to the heat capacity at constant volume, 
this is rarely determined directly, but must be calculated from 
the measured values of Cp. Some of the results of such a calcu¬ 
lation have already been discussed in Chapter VII. 
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Reversible Adiabatic Changes 

In connection with the Joule-Thomson effect we have studied 
a process which was adiabatic. That is to say it was a process 
in which no heat entered or left the system which was under 
investigation. That process, however, was irreversible. We 
may now study a process which is adiabatic and at the same time 
reversible. If we compress or expand a substance in such a man¬ 
ner that no sensible pressure gradients develop within the system, 
and if we prevent by adequate thermal insulation any transfer 
of heat to or from the surroundings, the process is reversible and 
adiabatic. But in any reversible change a substance suffers no 
entropy change unless it gains or loses heat. Therefore in a 
reversible adiabatic change A<S - 0, and such a process is some¬ 
times spoken of as isentropic. 

In such an isentropic compression there will ordinarily be a 
change in temperature, and by measuring the ratio between 
this temperature change and the pressure change we obtain 
{dT/dP)s* By following the method of Equation III-3 and em¬ 
ploying also Equations 8 and 17, we find 

A close approach to fulfillment of the requirements for a re¬ 
versible adiabatic change occurs when sound of moderate inten¬ 
sity passes through a gas. This is the basis of one of the indirect 
methods of measuring the specific heat of gases, to which refer¬ 
ence was made in Chapter VII. 

An Indirect Method of Measuring the Heat Capacity of 
Liquids. Equation 25 suggests a method of measuring the 
specific heat of substances whose coefficient of expansion is 
known. This method, although not hitherto employed, gives 
promise of being very useful.^ 

Let us illustrate by means of the diagram (Figure 1). The 
flask A containing the liquid to be studied is placed in a ther- 

* The feasibility of this method was shown by a preliminary investigation made some years 
ago. An analogous method has recently been proposed by Barus, Publ. Cameffie InM.t No. 
249 : 4, 37 (IQIO). 
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inostat and brought to a uniform temperature, as indicated by 
the sensitive thermocouple EF. The stopcock B, which has 
been open to maintain atmospheric pressure, is now closed; and 
the stopcock C is opened to subject the liquid to the pressure 
of a column of mercury in CD. The temperature increase is 
read, and this, when divided by the applied pressure, gives 
immediately the first member of Equation 25. The time elapsed 
before reading the temperature must suffice to bring the thermo- 



Fiqukb 1. 


couple junction to the temperature of the liquid, but must not 
be long enough to allow appreciable thermal exchange between 
the middle of the flask and the walls. 

Radiation and Stefan^s Law 

Our respect for the second law of thermodynamics continually 
grows with the increasing number and diversity of phenomena 
to which this law is applicable. Indeed the laws of thermo¬ 
dynamics are not merely laws of material systems. There are 
systems which contain no substance, as the term is commonly 
used, and yet which are subject to our general thermodynamic 
equations. Thus we may employ these equations to demon¬ 
strate an important principle in the theory of radiation. 
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A completely enclosed space, which is empty of all ordinary 
matter, and is traversed by radiant energy, we may call a hollow^ 
in the same technical sense as the Germans speak of a ^‘Hohl- 
raum.” On account of the finite velocity of radiant energy, 
which is the velocity of light, a hollow will contain at any instant 
a definite amount of energy in transit between the walls. When 
the surrounding wall is at the same temperature throughout, the 
hollow will come to a state of equilibrium, and the radiant energy 
which it contains may be shown by simple thermodynamic 
reasoning to be independent of the materials of which the walls 
are composed, and of the shape of the enclosure. 

Thus suppose that a hollow with given walls has come to equilibrium, 
and by some sort of sliding partition we could put in a wall of a different 
character. If a new equilibrium were now established there would be a 
spontaneous process associated with an increase in entropy. If now the 
original wall were restored, another spontaneous process would have to 
occur bringing the system back to equilibrium, with a further increase of 
entropy. But the entropy of the hollow must now be the same as at the 
beginning, and since the changes of entropy attending the sliding of the 
partitions may be made negligible, it is evident that the spontaneous changes 
under consideration (?ould not occur and that the state of equilibrium is 
independent of the nature of the walls. Likewise it may be shown that the 
shape is inessential, for the hollow might be divided into small cells and 
these cells rearranged spatially with negligible changes in entropy. 

The energy therefore will be proportional to the volume of 
the hollow, and it may readily be shown that it is proportional 
also to the rate of emission of energy from unit surface of a 
perfect radiator (black body) at the temperature in question, 
which rate depends upon the temperature alone. 

Such a hollow at a given temperature constitutes a simple 
thermodynamic system. If it is brought in contact with a heat 
reservoir of the same temperature, and its volume is in some way 
increased or diminished, heat will be taken from or given to the 
reservoir. The case is entirely analogous to a mixture of liquid 
and vapor enclosed in a cylinder with a moving piston. Such a 
system will absorb heat from a reservoir if the piston is pulled 
out and will give heat to the reservoir if the piston is pushed in. 

When the volume of the hoUow is increased in a reversible 
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way and it absorbs heat from the reservoir, it thereby increases 
in entropy. Hence {dS/dV)T is a positive quantity; but we 
have already found the universal thermodynamic equation (14), 



Now it would be impossible to interpret this equation without 
assuming, (a) that there is a pressure exerted upon the walls 
of a hollow which is not due to any particular construction of 
the walls, but must rather be attributed to the radiation itself; 
and (b) that this pressure increases with the temperature. 
These consequences were first pointed out by Bartoli.' 

In fact Maxwell^ predicted from his electromagnetic theory 
of light that radiant energy would exert a pressure upon a body 
receiving the radiation, and his equation has been qualitatively 
and quantitatively verified by the experiments of Lebcdew® 
and of Nichols and Hull.^ As a consequence of this equation 
the pressure upon the walls of a hollow is given by the simple 
formula 



(26) 


where E is the energy of the hollow and V is its volume. At 
constant temperature, as the volume of a hollow is increased 
from zero, 


E ^ (dE\ 
V \dV/T 


(27) 


Now by Equation 19, 



and by Equations 26 and 27, 



(28) 


By integrating at constant volume we thus find 


P ~ const. X T*, (29) 

* Bartoli, **Sopra i movimenti prodotti dalla luce e dal calore.*’ Florence. 1876. 

* Maxwell, "Treatiae on Electricity and Magnetism,” Vol. II. p. 301, Oxford, 1873. 

* Lebedew, Ann. Phyaik, [4], 6. 433 (1901). 

«Nichols and Hull, Phya. Pev.^ 17, 26, 01 (1903). 
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Hence we see that the energy per unit volume, and also the 
rate of radiation from a perfect radiator (black body), are 
proportional to the fourth power of the temperature. 

This important relation was first obtained by Stefan' as a 
purely empirical equation. It was Boltzmann^ who showed it 
to be an exact consequence of the principles of electromagnetics 
and thermodynamics.® 

Exercise 1. What is the maximum conversion factor of a steam engine 
operating with a condenser at 30°C and a boiler at 200®C? 

Exercise 2. A refrigerating machine operating in a room at 30®C, is 
employed to maintain a cold storage tank at — 10°C. What is the mini¬ 
mum amount of work required to withdraw 1000 cal. from the tank? 

Exercise 3. The vapor pressure of liquid ammonia is about 7.6 atmos. 
at 17®C, and is increasing at the rate of 0.25 atmos. per degree. The specific 
volumes of vapor and liquid are respectively 165 and 2 cc. Calculate the 
heat of vaporization per gram of ammonia and compare with the slightly 
higher measured value of 296 cal. It will be noted that the measured heat 
would be expected to be the higher if the ammonia is allowed to vaporize 
against atmospheric pressure. For AH obtained by the Clapeyron equa¬ 
tion is for the reaction NHaCl, 7.6 atmos.) « NHaCg, 7.6 atmos.), and would 
therefore differ from the heat of vaporization at 1 atmos. owing to the 
Joule-Thomsen effect. 

Exercise 4. Calculate the difference, at low pressures, between V and 
T(dV/dT)p for one gram of air. Use Equations 20 and VI-12, and the 
data of Exercises VI-8 and VI-9. It is well in such a case as this (and 
Exercise 6) to express energy in cc.-atmos. 

Exercise 5. By further partial differentiation of Equations 19 and 
20 obtain the following equations and interpret their meaning: 



Exercise 6. From the preceding equation and from Exercise VI-9, 
show that for air at 60° {d^V/dT^)p * — 0.000035 per gram, where V is 
expressed in cc. Since (dV/dT) is about 3 cc. per degree for 1 g. of air 
we see that while this coefficient is not constant, it is changing by only one 
thousandth of one percent per degree. 

1 Stefan, Sitzb. Akad. Wisa. Wien., 79 : 2. 391 (1879). 

> Boltsmann, Ann. Phyeik, [2], 22. 291, 616 (1884). 

* For a further study of the application of thermodynamios to radiation, especially the 
extremely important deductions of Wien, the reader is referred to the treatise by Planck on 
the Theory of Radiation, Barth, Leipsis, 1913. 
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Exercise 7. For 1 mol of benzene &t T 298, assume v * 88.8 cc.; 
a « {l/V)(dV/dT)p « 0.00124; Cp « 33.2 cal. per degree. Bringing these 
data to consistent units, show that the rise in the temperature of benzene, 
when its pressure is suddenly increased by 1 atmos., is about 0.024°. 

Exercise 8. Lummer and Pringsheim {Ann. Phyaik, [3] 64, 582 (1898)) 
measured the specific heats of gases by suddenly lowering the pressure in 
a large balloon of gas and measuring the change in internal temperature 
by means of a very fine platinum resistance thermometer. The equation 
they employ is 



where x is Cp/Cv. Show that this equation may be derived from Equation 
25 if we assume a perfect gas. 



CHAPTER XITI 


THE NUMERICAL CALCULATION OF ENTROPY 

Unquestionably the idea of entropy appears at first sight a 
little abstruse. However, it is the universal tool of thermody¬ 
namics, and one of great power. Like other tools it cannot be 
successfully handled without some theoretical knowledge of 
its mode of operation, and some practice in its use. In the 
preceding chapters we have endeavored to make clear its theoreti¬ 
cal significance; and in the present chapter we shall make the 
concept more concrete by showing how entropy may be handled 
numerically. 

As a starting point we may recall that in any reversible process 
a system, or any part of a system, undergoes an increase of 
entropy just in so far as it absorbs heat; and that the increase 
in entropy is equal to the heat so absorbed divided by the absolute 
temperature: 

dS = (1) 

Entropy Changes in Isothermal Processes 

The Entropy Change in Fusion. Let us use this equation 
to calculate the change of entropy when a substance changes 
from one phase to another at constant temperature, and under 
conditions of equilibrium. We will consider the fusion of a 
mol of solid mercury at its melting point, which (at atmospheric 
pressure) is 234.1°K. At the melting point the two phases arc 
in equilibrium. That is to say, there is a state of balance such 
that if the external temperature is raised by an infinitesimal 
amount the solid will melt, and if it is diminished by an infini¬ 
tesimal amount the liquid will freeze. So also, at constant 
temperature, if the pressure is lowered or raised by any amount 

143 



144 


THERMODYNAMICS 


Chap. XIII 


the process will occur in the one direction or the other. Hence 
the process of fusion at the melting point is a reversible one. 

In the case of a pure substance like mercury the temperature 
remains constant during fusion, and we have from Equation 1 

AS = ( 2 ) 

If All is the heat of fusion of one mol, namely 560 cal., and 
T is 234.1, we may write, 

Hg(s) = Hg(l); AS 234.1 = 23^1 = 2.39 cal. per deg. 


Since in this process one mol of solid has disappeared and one 
mol of liquid has appeared, we may say that the molal entropy 
of liquid mercury is greater than the molal entropy of solid 
mercury by 2.39 units at the melting point. Or, 

S 234 .l(Hg, I) — S2,M.l(Hg, s) = 2.39. 


It must be borne in mind that such a calculation is based upon 
the fact that we have a state of equilibrium in which every 
process is reversible. If, on the other hand, we consider the 
difference in entropy between ice at — 10®C and supercooled 
water at the same temperature, that difference cannot be obtained 
by dividing the difference in heat content by the absolute 
temperature, 263®K. We shall revei*t to this point in Exercise 1 . 

The Entropy Change in Vaporization. In vaporization 
the change of entropy is usually much larger than in fusion. 
Ether at its boiling point, 307.7®K, absorbs 6500 cal. per mol 
by evaporation. Hence we write, 


(C 2 H 6 ) 20 ( 1 , 1 atmos.) = (C 2 H 6 ) 20 (g, 1 atmos.), 

AaS307.7 = 


6500 

307T7 


21 . 1 . 


(Wc might equally well have written, 

(C 2 H 5 ) 20 (g, 1 atmos.) ^ (C 2 Hii) 20 (l, 1 atmos.); 

A^807«7 = ““ 21.1.) 


Similarly, for benzene boiling at 353.3®K, and chlorbenzene 
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boiling at 405. the corresponding values of at the two 
boiling points are 20.7 and 20.5. 

It will be noted that these three values are nearly equal. 
An empirical principle, known as Trouton's states that the 
entropy increase per mol is the same for all so-called normal, or 
non-polar,2 licjuids at their boiling points. The constant of 
Trouton's Rule is usually given as about 21 cal. per deg. 

This rough but useful rule, when applied to liquids with a wide range 
of ))oiling points, shows a marked trend in the average value of the constant 
with the temperature, so that the “constant’* is about 50% greater for 
liquids boiling in the neighborhood of 1(XX)®C than it is for low boiling 
liquids like oxygen and nitrogen. Several attempts have been made to 
restate the rule in such a way as to obviate this trend, the most simple 
being that of Hildebrand.® His rule states that the “entropy of vaporiza¬ 
tion” is the same for different liquids, not at the boiling points, which are 
the temperatures where the several liquids have unit vapor pressure, but 
rather at temperatures where the liquids give the same vapor concentration. 
Choosing arbitrarily temperatures at which the concentration of vapor is 
0.005 mols per liter, he gives the following table for the entropy change in 
vaporization. 


Table 1.—Entropy Change in Vaporization 



AS 


AS 

Nitrogen 

27.6 

Fluorbenzenc 

27.4 

Oxygen 

27.6 

Stannic chloride 

27.2 

Chlorine 

27.8 

Octane 

27.6 

Pentane 

27.0 

Bromnaphthalene 

27.6 

Hexane 

27.2 

Mercury 

26.2 

Carbon tetrachloride 27.0 

Cadmium 

26.4 

Benzene 

27.4 

Zinc 

26.4 

Corresponding values of AiS for highly polar substances are larger, 32.4 


for ammonia, 32.0 for water, and 33.4 for ethyl alcohol, for example. 

All of these processes which we have been considering are 
reversible. Let us now consider a similar irreversible process, 
for example, the liquefaction of supercooled water vapor, at 
1 atmos. and 25°C, to form water at 25°C. The heat of vaporiza- 

1 Trouton. Phil, Mag. [5], 18, 54 (1884). 

* We can not enter here upon a diacussion of this useful classification (See Lewis, J. Am. 
Chem. Soc., 35, 1448 (1913)). To the non-polar type belong such substances as bensene and 
liquid nitrogen, while water, ammonia and fused salts arc classified as polar liquids. 

• Hildebrand, J. Am. Chem. Soc., 87, 970 (1915). 
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tion at this temperature is .10450 cal., so that if water is formed 
from water vapor at the equilibrium pressure, namely, 23.8 
mm. = 0.0313 atmos., the entropy change in liquefaction is 
readily obtained, 

HjO(g, 0.0313 atmos.) = HjO (1, 0.0313 atmos.); 

ASm = - 10450/298.1 = - 35.06. 

Now if we assume that the water vapor behaves as a perfect 
gas, then we may find the change in the entropy of the vapor 
between 1 atmos. and 0.0313 atmos. by Equation X-2, namely, 

H*0(g, 1 atmos.) = H20(g, 0.0313 atmos.); 

ASm = In (1/0.0313) = 6.89. 

If we ignore the minute difference in the entropy of liquid water 
between 1 atmos. and 0.0313 atmos. we add our two equations 
to give, 

H20(g, 1 atmos.) = HjOCl, 1 atmos.); ASm = — 28.17. 

The Entropy Change in Expansion. If in the previous illustra¬ 
tion we had desired neither to ignore the change in the entropy 
of liquid water with the pressure, nor to regard the vapor as a 
perfect gas, our calculation could have been made formally 
more precise. It would suflSce to know values of the V-T 
coefficient for liquid and vapor. Thus from Equation XII-17 

For example, let us take the F-T coefficient of one mol of liquid 
water at 25° as constant and equal to 0.00465 cc. per deg. The 
change of entropy when the pressure changes 0.97 atmos. is 
0.0045 cc.-atmos. per deg., or 0.00011 cal. per deg. In other words, 

H20(1, 1 atmos.) == H20(l, 0.0313 atmos.); ASm = 0.00011, 

and this quantity is evidently less than the experimental errors 
in the other quantities involved in the above calculation. 

The Entropy Change in a Chemical Reaction. When we con¬ 
sider a chemical reaction, such as the union of mercury and 
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chlorine to form mercurous chloride, the change in entropy 
resulting from the reaction is not to be calculated from the 
heat of reaction, since the process is a highly irreversible one. 
However, if we construct a galvanic cell in which this reaction 
is the one which occurs, and if the electromotive force of this 
cell is exactly balanced by an external electromotive force, so 
that slight changes in the latter will cause the current to pass in 
one direction or the other through the cell, the reaction is made 
reversible. 

The heat absorbed by the cell, when operating under these 
conditions, is the quantity which, divided by the temperature, 
gives the increase in entropy during the reaction. This rever¬ 
sible heat of reaction, TAS, is entirely different in magnitude, 
and often in sign, from the ordinary calorimetric heat of reac¬ 
tion, AH. 

It was the recognition of these facts by Willard Gibbs which 
permitted him to place upon a sound foundation the thermo¬ 
dynamics of the galvanic cell. We shall have in our further work 
frequent occasion to study the reversible galvanic cell, as well 
as other methods of investigating chemical reactions occurring 
under reversible conditions. 

Change op Entropy with Temperature 

We have seen in Equations XII-7 and XII-8 how the entropy 
of a substance changes with the temperature. The equations 
read, 

/ds\ ^ Cv, (^\ Cp 

\dT/v f' \dT)p t' 

Thus, if a mol of a substance is heated at constant pressure, the 
change of entropy is given by the equation, 

Cpd In r = 2.303 j Cpd log T. (4) 

If therefore Cp is known at various temperatures we may perform 
the integration by analytical or graphical methods, and find 
the change in entropy of a substance between two temperatures. 
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The simplest case is the one in which Cp is constant, when we 
find between the temperatures, T and T', 

T 

s' - s = Cp In y. (6) 

For liquid mercury in the small temperature range between 
T' = 298.1®K and the freezing point T = 234.1°K, we may 
regard Cp as approximately constant and equal to 6.7. Hence 

- 6.7 In - 1.62. 

We may next consider the case in which Cp is a linear function 
of T. If we employ Equation VII-6 for the heat capacity of 
oxygen between its boiling point 90.3®K and 298.1®K we obtain 
by integration of Equation 4, 

OQQ 1 

s' - s = 6.50 In + 0.0010(298.1 - 90.3) = 7.96. 

The analytical method becomes more cumbersome, the greater 
the number of terms in our empirical expression for Cp. On 
the other hand the graphical method of integration can readily 
be applied to a curve of any degree of complexity. 

It is evident from Equation 4 that if we plot Cp against the 
common logarithm of T, as we have done in Chapter VII, the 
area under the curve between two points, multiplied by 2.303, 
gives immediately the difference in entropy between the two 
points.^ 

We may illustrate this procedure by means of Figure 1, which 
shows the atomic heat capacity of graphite^ plotted against 
log r. If we wish to determine the difference in entropy between 
298®K (log T = 2.47), and 90°K (log T = 1.95), we merely find 
the area under the curve between A and B, multiply by 2.303, 
and obtain S 298 Sgo* 

It will be noted that when Cp is so plotted against log T, the 
curve proceeds to the left indefinitely as we approach the absolute 
zero. Nevertheless, if we assume the curve to be asymptotic 

> Here again we are following cloaely the treatment of the subject by Lewis and Gibson, 
/. ilm. Chem. 8oc„ 39, 2554 (1017). 

* For a r4tum4 of the data, see Lewis and Randall. /. Am. Ckem. Soe., 37, 468 (1015), 
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to the horizontal axis, the value of cp is falling so rapidly that 
the area to minus infinity may be estimated without serious 
error. Thus we may obtain the total area under the curve to 
the left of the point A, and find 8293 — So == 1.3, where So repre¬ 
sents the entropy at the absolute zero. 

Absolute Value of Entropy. In all of our discussions of entropy 
we have shown how to determine, not the entropy of any particular 
system, but only the change in entropy which accompanies a 
change in the system. In this respect our definition of S places 
it in the same category as the quantities E and H, of which the 
absolute values are as yet undetermined. As with these quan¬ 
tities, we might assign an arbitrary value to the entropy of some 


2.0 
1.0 
0 

1.2 1.4 1.6 1.8 2.0 2.2 2.4 

LogT. 

Fkjure 1.--Atomic Heat Capacity of Graphite. 

one substance in a given state, but this could not be done for 
all substances. Thus if we assign an arbitrary value to the 
entropy of ice at 0 °C, the entropy of water is then determined, 
since we know the entropy change in fusion. So also if we choose 
arbitrary values for the entropies of mercury and chlorine, we 
could not arbitrarily choose a value for mercurous chloride, 
since we have shown how the change in entropy in the formation 
of mercurous chloride may be determined. 

However, we might at least fix arbitrarily the entropy of each 
element, in some one state, and this we shall do by taking the 
entropy of each element in its solid state, or in some one solid 
state, as zero at the absolute zero of temperature. Thus in the 
case of graphite, which we considered above, we may write 
So = 0 , and therefore Sjos = 1-3. The reason for this procedure 
will be more fully explained in a later chapter. 

Entropy of Solid Elements of Class I. The determination 
of the entropy of an element of Class I at any temperature is, 





150 


THERMODYNAMICS 


Chap. XIII 


in the main, a matter of great simplicity, even if the heat capacity 
is not known over any wide range of temperature. But it is to 
be noted that the regularities observed in this class of substance 
hold only for the values of Cv. We shall therefore put Equation 
4 in another form by writing, 

fT rr 

s - So = J Cvd In r + / ~ (®) 

The last term is small except at high temperatures, and frequently 
may be estimated with sufficient accuracy by means of the rough 
empirical rule expressed by Lindemann and Magnus^ in the 
equation, 

Cp — Cv = (7) 


where a is a constant. Using this we find, by a simple integration, 
that at any temperature 



- cv)d In T = 


Cv), 


( 8 ) 


and the values of Table VII-1 may he used for the calculation 
of this term. 

We may therefore give our attention to the more important 
term in Equation 6, which is the entropy change that would be 
found if the substance were heated at constant volume. We 
shall therefore denote this by Sv and write, 

Sv = jTcvd In T ^ 2.Z0Z jl.d log T. (9) 


In employing this equation by the graphical method, it is 
to be noted in the first place that the area under the curve, up 
to a given temperature, is the same whether we plot Cv against 
log T or against log (T/0) = log T — logG, for in the latter 
case we merely shift the curve horizontally by a distance equal 
to log 0. We therefore see at once, from what we have said in 
Chapter VII regarding substances of Class I, that Sv must be the 
same for all of these substances at the same value of T/0. 

By using the curve of Figure VII-1, Lewis and Gibson obtained 

1 Lind^unann and Magnus, Z. BUkirochem.t 16, 260 (1010). 
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Table 2, which will give by interpolation the value of Sv as well as 
of Cv, at any temperature, for any substance of Class I whose 0 
is known. Thus for example let us consider an element with 0 = 
40, or, in other words, an element for which Cv = at 40®K. 
At 400®K, where log (T/0) = 1, Cv will be 5.79, and Sv will be 
13.40, both being expressed in calories per degree. 

Table 2.—Heat Capacities and Entropies op Substances of Class I 


log T/0 

Cv 

Sv 

log T/e 

Cv 

Sv 

-0.60 

0.11 

0.04 

0.40 

5.26 

5.59 

-0.50 

0.21 

0 07 

0.50 

5.49 

6.82 

-0.40 

0.43 

0.1.5 

0.60 

5.65 

8.08 

-0.30 

0.84 

0 30 

0.70 

5.72 

9.41 

-0.20 

1.43 

0.53 

0.80 

5.76 

10.74 

-0.10 

2.19 

0.98 

0.90 

5.78 

12.07 

0.00 

2.98 

1.62 

1.00 

5.79 

13.40 

0.10 

3.78 

2.41 

1.10 

5.80 

14.74 

0.20 

4.43 

3.37 

1.20 

5.81 

16.08 

0.30 

4.91 

4.42 





In constructing this table it was necessary to determine the 
area under the heat capacity curve to log (T/0) = - oc. This, 
however, is a simple matter for substances of Class I, for it was 
shown by Debye that at low temperatures the heat capacity is 
proportional to the cube of T/G. Whence it follows, by integra¬ 
tion of Equation XII-7, that at any low temperature, 



In Table 3 are given values of log 0 and Sv 298 thus calculated 
by Lewis and Gibson for 8 solid elements of Class I, which have 
been subjected to the most detailed investigation. We have 
given also the values of s — Sv, obtained from Equation 8 and 
Table VII-1; and the values of S 298 found by adding the two pre¬ 
ceding columns. The value given for mercury is the one which 
would be found if this element could exist in the solid state at 
25°C. (The value given for diamond should for the present be 
considered merely as s — So. For if we have already taken 
So = 0 for graphite, we have said nothing so far to justify our 
making the same assumption for diamond also.) 
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Table 3. —Entropies or Several Elements at 25°C' 



log e 

8v298 

S - Sv 


Diamond 

2.664 

0.58 

0.00 

0.58 

Aluminum 

1.980 

6.73 

0.13 

6.86 

Copper 

1.893 

7.91 

0.13 

8.04 

Zinc 

1.760 

9.60 

0.20 

9.80 

Silver 

1.730 

10.00 

0.20 

10.20 

Mercury (s) 

1.379 

14.69 



Thallium 

1.396 

14.44 

0.20 

14.64 

Lead 

1.342 

15.11 

0.27 

15.38 


Entropy of Solid Elements which are not of Class L By 

the graphical method which we have illustrated in Figure 1 we 
may obtain s ~ So for any substance whose heat capacity has 
been determined over a sufficient range. When, however, only 
a few measurements of heat capacity are available, the evaluation 
of the entropy becomes more difficult. While it takes only one 
measurement to establish the heat capacity curve and the entropy 
of a substance of Class I, it takes two data for a substance of 
Class II. The combined analytical and graphical method neces¬ 
sary in such a case is fully described by Lewis and Gibson. 

However, while it requires only two data to determine the entropy of 
a substance of Class II, it may take many more to prove that the substance 
belongs to this class. Among compound substances several have been 
found which belong neither to Class 1 nor to Class II, and in such cases 
the entropy can be reliably determined only by a scries of specific heat 
measurements extended to very low temperatures. 

Entropy of Liquid and Gaseous Elements. To illustrate the 
simultaneous use of the methods of this chapter, let us calcu¬ 
late the entropy of liquid mercury at 25®C from the entropy of 
solid mercury, and from the changes in entropy when the solid 
is melted, and the liquid is then brought to 25®C. We may 
first calculate the entropy of the solid at the melting point, 
namely, 234.1®K. We have seen that for this element log © = 
1.377, hence log (T/0) = log 234.1 - 1.377 = 0.992. By inter¬ 
polation in Table 2 we find Sv 234 .i = 13.31. In this case we have 
the experimental values of Cp obtained by Pollitzer,^ and these 

> Values differing slightly from those of the table are given in Chapter XXXII, based on 
the later calculations of Lewis, Gibson and Latimer {J. Am. Chem. Soc., 44, 1008 (1022)). 

*Pollitser, Z. Elektroehem., 19, 513 (1013). 
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values plotted against log T/O give a curve which at the higher 
temperatures is appreciably higher than the typical Cv curve for 
substances of Class I, to which mercury belongs. From the area 
between these two curves we find s — Sv ~ 0.49. Whence for 
Hg(s);S 284 .i - 13.31 + 0.49 = 13.80. 

Now we have previously calculated the entropy change in 
the fusion of mercury to be 2.39, and we have also calculated 
the entropy change in heating liquid mercury from the melting 
point to 25®C to be 1.62, whence we finally obtain for Hg(l); 
S298 ~ 17.81. 



Log of Absolute Temperature, log T. 

Figure 2.—Molal Heat Capacity of Oxygen. 


. The same method may be employed in other cases which, 
however, are frequently more complicated. Thus from the 
interesting investigations of Eucken on thermal changes in 
oxygen at low temperatures we have constructed Figure 2, which 
shows the molal heat capacity of the several forms of oxygen. 
In addition to gaseous and liquid oxygen, three solid forms 
were discovered, and the heat of each transition was determined. 
Hence, taking So = 0 for solid III at the absolute zero, we obtain 
s for gaseous oxygen at 25®C by taking the areas under the 
curves s,„, s„, s„ 1, and g (to 298®K), multiplying by 2.303, and 
adding further the entropy changes in passing from s^ to s,„ 
from s„ to Sj, from Sj to liquid, and from liquid to gas. 

We may point out in this connection that thermodynamics imposes 
certain conditions regarding the form of such heat capacity curves and the 
heats of transition. The difference in entropy between s, at a certain 
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temperature and Sm at anoUier temperature is entirely independent of the 
path by which we pass from one to the other. It might have happened 
that Sii failed to appear, in which case the Sj and Sni curves would have 
been continued until they met, at the transition point Sni-Si. Our 
calculation of the entropy of oxygen gas would then have contained dif¬ 
ferent terms, but except for possible experimental error the result would 
have been the same. 

Exercise 1 . Calculate the changes in entropy when 1 mol of water 
at - 10 ®C is heated to 0 °C, is frozen at 0 ®C, and the solid is cooled to 
— 10 ®C. The sum is equal to in the irreversible isothermal process, 
H 20 ( 1 ) = H 20 (s). Take Cp as constant for both water and ice, namely 18 
and 9 respectively; and take A //273 = — 1438. 

Exercise 2. Taking the latent heat of vaporization of oxygen per mol 
as 1600 cal. at 90.3®K, show that OjO, 90.3°) « OaCg, 298.1°); « 25.68. 

Exercise 3. We have seen in Exercise VI-6 that by starting with 
oxygen at 25°C, and at one atmos., compressing isothermally to 200 atmos., 
and then cooling by free expansion, it would require at least 27000 calories 
of mechanical work for each mol of liquid oxygen produced. It will be interest¬ 
ing now to calculate how much w’ork would be requisite if the whole process of 
liquefaction were made reversible, so as to obtain the maximum theoretical 
efficiency. In its simplest terms the process would consist in converting 
one mol of oxygen gas at 298.1°K into one mol of liquid oxygen at 90.3°K, 
in which - A/f, the energy set free, is approximately 1600 -f 6.7(298.1 - 
90.3) cal. (see Exercise VI-5). Furthermore x calories of work have to 
be provided, and q calories of heat are given up to some reservoir at 26°C. 
By the conservation law, — A// =* g — x. Since the process is to be rever¬ 
sible, the increase in entropy of the reservoir, which is 0^/298.1, is equal to 
the diminution in entropy of the oxygen, which by the preceding exercise 
is 25.68. Show from these data that x, the amount of work required to 
liquefy one mol of oxygen by a reversible process, is about 4660 cal., which 
is barely one-sixth as much as was required in the irreversible process of 
Exercise VI-6. 

Exercise 4. From Dewar^s measurements it may be shown that tin, 
which presumably belongs to Class I, has a value of log 0 « 1.632. By 
interpolation from Table 2, find the value of Cv at 100°K, and the value of 
8 v 298 - Also by means of Table VII-1 find 8298 . 

Exercise 5. Plot the following values (Nernst and Schwers, Sitzh, kgl, 
pretias. Akad. Wiss.y 1914, 355) of Cp for one mol of Pbl 2 against log T, 
and determine the change of entropy from 20®K to 100°K. 

T 22.3 26.2 38.2 50.6 62.1 89.4 95.6 

Cp 7.1 7.9 10.7 13.2. 14.8 17.1 17.3 

EIxercise 6. Employing Equation VII-9, find the difference in the molal 
entropy of carbon dioxide between 0°C and 1000°C. 



CHAPTER XIV 


CRITERIA OF EQUILIBRIUM AND OF SPONTANEOUS 
CHANGE; THE FREE ENERGY 

We have seen that any actual or irreversible process is char¬ 
acterized by an increase in the total entropy of all systems con¬ 
cerned. Therefore a system is subject to spontaneous change 
if there is any conceivable process for which dS > 0. On the 
other hand, a state of equilibrium is one in which every possible 
infinitesimal process is reversible, or one in which the total 
entropy remains constant. It is therefore a necessary condition 
for equilibrium that, for any process, dS = 0. 

This is the most general criterion of equilibrium which ther¬ 
modynamics offers. Indeed for many purposes it is too general. 
It is not always as easy to study the change in entropy of all the 
systems which may be affected by a given process, as to focus 
our attention upon some one system. It is for this reason that 
numerous “thermodynamic functions” have been invented, 
which are less fundamental and less general than the entropy, but 
are of more practical convenience in the study of some concrete 
problems. In the present chapter we are going to discuss two 
of these thermodynamic functions, one of which is of such 
importance that it will play a prominent role in all of our later 
discussions. 


Two Thermodynamic Functions 

By means of quantities which have already been employed 
let us define two new quantities through the equations, 

A - TS, (1) 

F ^ H - TS ^ iE +PV) - TS = A + PV. (2) 
155 
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Before explaining the reason for the invention of these quan¬ 
tities A and F, we may note that they are properties of a system, 
determined by its state and not by its history, since they are 
defined by means of quantities which themselves are all proper¬ 
ties. Moreover, if we consider two identical systems, since 
T and P are intensive properties, while F, V and S are extensive, 
the value of each term will be twice as great for the two systems 
as for either one, and A and F are extensive properties. 

Maximum Work. In order to illustrate the significance of 
the quantity Aj let us consider a system which changes from one 
state to another at the same temperature, so that 

AA = AE - TAS. (3) 

Now if the process is also reversible, the last term is the heat 
absorbed. Hence by the first law of thermodynamics, the total 
external work done by the system in the reversible process is 
equal to — AA = — Ab. 

In any other process leading from the same initial to the same 
final condition - AA will be the same, and if the second process 
is also a reversible one the work performed will also be — AA. 
In other words, all reversible isothermal processes, leading from 
the same initial to the same final states, perform the same amount 
of work, w = — AA. In any actual isothermal process the 
work performed is less, owing to friction and other sources of 
degradation, but we may regard — AA as the limit of the work 
which can be performed by an isothermal process, as its efficiency 
is indefinitely improved. 

As a concrete example, let us consider a process in which zinc 
acts upon aqueous sulfuric acid to form aqueous zinc sulfate and 
hydrogen, under constant atmospheric pressure, and in a ther¬ 
mostat. Evidently this process can occur in such a way as to 
perform no work except the small amount done against the 
atmosphere by the evolved hydrogen. This, in fact, is just 
what will occur if impure zinc is added directly to the acid. 
This process is highly irreversible. On the other hand, if we 
place in the thermostat the same substances arranged as a 
galvanic cell, with zinc as one electrode, and another electrode of 
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hydrogen in contact with a platinized electrode, and if these 
two electrodes are connected to a motor or other electrical system, 
in such a way as to utilize the electrical energy which is now 
available, an amount of work will be done which will depend upon 
the efficiency of our arrangements. 

The maximum work would be obtained if at every instant the 
external electrical system were arranged to exert so large a 
counter electromotive force that, when infinitesimally increased, it 
would force the current in the opposite direction, thus causing 
hydrogen to be consumed and zinc to precipitate. The process 
would then be reversible and the total work equal to A a — A b. 

In both of the processes which we have described, the system 
passes from the same initial to the same final states. Therefore 
— A A is the same in both cases. This difference — AA, is, 
in the reversible process, the work which the system has per¬ 
formed, while in the irreversible process it is the maximum work 
which might have been performed. 

As a corollary we may note that while TAS is also the same 
for both processes, it represents in the reversible process the 
amount of heat actually absorbed from the thermostat, while 
in the irreversible process it merely shows the maximum amount 
of heat which might have been absorbed; for AE is the same in 
both cases, and therefore the heat absorbed will be greater, 
the greater the amount of work performed. 

The Net Work in an Isothermal Process at Constant Pressure. 
In the case we have just considered, the total work done is the 
sum of the electrical work and the work done against the constant 
pressure of the atmosphere. The latter quantity of work is 
equal to PAV, where AF is the increase in volume accompanying 
the process, and must always be done when a process occurs at 
constant pressure, whether this process be reversible or irrever¬ 
sible. The remainder, which in a particular case we have 
called the electrical work, is alone available for external utiliza¬ 
tion. In general we may call this remainder the net work, 
giving it the symbol w', and we may write, 

w' - w -- PAV. (4) 
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If we are dealing with, a process which is reversible, is at a 
maximum and equal to - AA. In such a reversible case 

u;' = - AA - PA 7. (5) 

Or since we are taking P as constant, we have, by Equation 2 

w' = — AP = Px — Ps. (6) 

Thus, in any process occurring at constant temperature and 
pressure, Fa — Pb represents the maximum of work which can 
be obtained from a given process and applied to useful purposes. 
It is for this reason that P is known as the free energy. 

The quantities F and Ay or better, the molal or partial molal values of 
these quantities, are sometimes called thermodynamic potentials, on account 
of certain rough analogies to mechanics, which we need not stress. While 
the value of such functions was pointed out by Massieu,^ their great utility 
in the interpretation of the most diverse physico-chemical phenomena was 
first fully demonstrated in the comprehensive work of Gibbs.^ Students 
of Gibbs will observe that the quantities F and A are his functions i* and 
(We may note also that our H is Gibbs’ x and our E his e.) 

It was Helmholtz* who introduced the term free energy, and it is to be 
remarked that he applied this name to A rather than to F, Later, however, 
since AA and AF do not largely differ numerically, unfortunate confusion 
has arisen in the literature between these two quantities. Several authors* 
who have defined the free energy as A have really used the function F, 
It has therefore seemed best to retain this useful expression for the latter 
function, which has in practice by far the greater importance. 

It will be seen that F bears the same relation to A that H bears to E. 
We have previously remarked that the choice of pressure and temperature 
as the chief variables in thermodynamics, together with the fact that most 
experiments are carried on at constant temperature or pressure, makes 

i Massieu, C<mpt. rend., 69, 858, 1057 (1869). He employed —F/T and --A/T, the 
former of which has more recently been used by Planck (“Thermodynamik,” Veit, Leipsig, 
1897). 

> Gibbs, Trane. Conn. Acad. Arte. Sci., 2, 309, 382 (1873); 3, 108, .343 (1875). 

* Helmholts, Sitzb. kgl. preuee. Akad. Wise., 1, 22, (1882). 

* Thus Nemst (**Theoretische Chemie,** 6th Ed., p. 730; Enkc, Stuttgart, 1909) writes on 
the same page two equations, one connecting AA and equilibrium constant, and the other AA 
and electromotive force. Both of these equations are quite erroneous, but similar equations 
in which AF is substituted for AA are correct. Even Haber in his extraordinarily careful work 
“The Thermodynamics of Technical Gas Reactions," occasionally confuses these quantities 
thus causing a numerical error of 300 cal. on page 177 (English Ed.) and of 700 cal. on page 
320. 
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quantities like Cp, and F more generally useful than the corresponding 
quantities Ef Cv and A. 

The Driving Force of a Chemical Reaction, and a New 
Test for Equilibrium 

The difference between a process conducted reversibly, and 
the same process conducted with different degrees of irreversi¬ 
bility, is well illustrated by the study of the type of galvanic cell 
which is called a storage battery. The minimum electrical 
work required to charge the battery, from one state to another 
is equal to the maximum work obtainable in discharging from 
the second state to the first, and both of these are equal numeri¬ 
cally to the change of free energy within the cell. Stating this 
same thing in another way, the minimum electromotive force 
required for charging and the maximum electromotive force 
obtainable in discharge are both equal to the reversible electro¬ 
motive force. 

In attempting to measure such a value \^e find that the 
charging and discharging e.m.f.'s are nearer together the smaller 
the current. With modern methods of measuring potentials, 
it is sometimes possible to balance a cell so nicely that a change 
of one millionth of a volt will charge or discharge the cell, as 
shown by the deflection of a galvanometer to right or left. 
However, in order to approach so near to reversibility it is neces¬ 
sary to use a galvanometer which is sensitive to a current of the 
order of 10“® amperes. At this rate it would take a million years 
to charge a small storage battery. 

In practice reversibility is sacrificed to save time, and if we 
examine the so-called charge and discharge curves of a battery, 
we find that the electromotive force obtained in discharging the 
battery at the normal rate is smaller by several tenths of a volt 
than the reversible electromotive force. That used in charging 
is correspondingly higher. The more rapid the charging or 
discharging is, the greater is the loss in energy efficiency. This 
is somewhat analogous to the mechanical principle that frictional 
losses increase with velocity. 
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In practice different processes differ greatly in degree of irre¬ 
versibility; but it is a universal rule that if any isothermal process 
is to occur with finite velocity, it is necessary that — ^F>w'. 

Systems which are Subject to No External Forces except 
a Constant Pressure. In the preceding discussion we have 
considered a chemical process which is in some way harnessed 
for the production of useful work. We may now turn to the 
far more common case of a reaction which runs freely, like the 
combustion of fuel, or the action of an acid upon a metal. In 
other words, let us consider a system which is subjected to no 
external forces, except a constant pressure exerted by the en¬ 
vironment. In such cases w' = 0, and it follows from what we 
have said above that no actual isothermal process is possible 
unless AF<0, 

Therefore if we know the value of AF for any isothermal reac¬ 
tion, and if this value is positive, then we know that the reaction, 
in the direction indicated, is thermodynamically impossible. 
If, on the other hand, the value is negative the process is one 
which can occur, and does occur, although perhaps with no 
measurable speed. 

When water is formed from its elements at 25®C there is a very 
large loss of free energy. In our later work we shall show this 
to be given by the equation 

H 2 (g. 1 atmos.) + 3 ^ 02 (g. 1 atmos.) = H 20 (l); 

AFm = — 56560 cal. 

The reaction can therefore proceed spontaneously; and although 
ordinarily it takes place at no measurable rate, the presence of 
a catalyzer like spongy platinum permits it to proceed readily. 

We may next consider the union of oxygen and nitrogen to form 
nitric oxide. We shall find for this reaction the equation 

N 2 + O 2 = 2NO; AFm == 41700 cal. 

The large positive value of AF shows not only that the reaction 
has no tendency to proceed in the direction indicated, but also 
that nitric oxide, from a thermodynamic standpoint, is an ex¬ 
tremely unstable substance. 
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The fact that nitric oxide apparently does not dissociate into 
its elements under ordinary conditions must be ascribed to an 
extremely inert or unreactive character which it is beyond the 
scope of thermodynamics to predict or to explain. In an earlier 
chapter we have spoken of the ambiguous manner in which the 
term ^^stability'' is used. In a thermodynamic sense a system 
is stable when no process can occur with a diminution in free 
energy. By a rough analogy to mechanics we may think of the 
quantity — AF as the driving force of a reaction, while the factors 
which retard a possible process may be likened to friction. 

A Necessary Condition for Equilibrium. We have seen that 
for any isothermal reversible process — dF = w\ and since it 
is a condition for equilibrium that every infinitesimal process 
be reversible, this equation furnishes also a test of equilibrium. 
But if we are dealing with a system which can perform no net 
work, in other words, if our system is subject to no external 
forces except a constant pressure, then 0. Thus, with 
respect to any process occurring at constant temperature and 
pressure, the state of equilibrium is defined by the equation 

dF - 0. (7) 

This seems at first sight to be a criterion of very limited scope, 
until we realize that if no reaction at constant temperature and 
pressure is thermodynamically possible, no reaction whatever 
can occur. For suppose that some spontaneous process could 
occur in such a way as to produce inequalities of temperature 
and pressure within the system, or to produce a difference between 
the temperature and pressure of the system and the temperature 
and pressure of the environment; then this process could be fol¬ 
lowed by another obviously spontaneous process, consisting in 
the equalization of pressure and temperature. But these two 
processes together would be the equivalent of a spontaneous 
process occurring at constant temperature and pressure. 

It is thereforq a general criterion of equilibrium, with respect 
to every possible change^ that the free energy remain unchanged 
in any infinitesimal process occurring at constant temperature 
and pressure* 



162 


THERMODYNAMICS 


Chap. XIV 


The Effect of Pressure and Temperature upon 
THE Free Energy 


Since the free energy is to be one of our most useful thermo¬ 
dynamic instruments, we must show how it depends upon the 
important variables, pressure and temperature. By Equation 2 

F = H - TS. 

Differentiating this equation with respect to pressure, 


(^\ ^{dH\ _rp(dS\ 

\dP/T \dP/T \dP/T 
But we have already found in Equation XII-16 that 

i%X- 


( 8 ) 


whence 


- 


(9) 


This very simple and important equation may be put in conven¬ 
ient form for use in connection with an isothermal process, 
namely, 

JdF = f VdP. (10) 

Starting again with Equation 2, and differentiating with respect 
to temperature, 

but two of these terms cancel one another by Equations V-14 
and XII-8. Hence 


(irX 


- S 


F-H 


( 12 ) 


We shall further develop these equations and illustrate their 
application in the following chapter. 
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A Condensed Summary of Thermodynamic Formulae 

Even if we confine our attention to the commoner thermo¬ 
dynamic quantities T, 5, P, F, P, P, and A, the number of 
simple thermodynamic relations between these quantities is so 
great that it would be impracticable to deduce or even to state 
them all in a work of this size. Of course many of these relations 
are little used; but even the ones of frequent service are so numer¬ 
ous that it is desirable to have some sort of mnemonic or shorthand 
system by which they may be obtained. 

It has been shown by Bridgman^ how this may be accom¬ 
plished and we shall follow essentially his discussion. He treats 
both first and second derivatives, but we shall confine our atten¬ 
tion to the former. 

In a purely formal way we may write, 

\dy/z idy)z 

yfhexe z, y and z may represent any of the eight quantities given 
above. It then proves to be possible to write {dx)g equal to a 
certain expression, and {dy)g equal to another expression, so that 
the division of the first expression by the second gives in every 
case idz/dy)g. Thus if according to the following summary we 
write {dH)p = Cp and {dT)p = 1, then 



as in Equation V-14. Similarly we find (dH)r = — F + 
T{dV/dT)p and (dP)r = ~ 1, and by dividing we obtain at once 

(^\ = V - t(^\ 

\dP/T \dT/p 

which is Equation XII-20. Again we find idT)s = - idV/dT)p 
and (dP)s = - CvlT. And 

\dp/s Cv \aT/p 
which is Equation XII-25. 

> Bridgman, Phy. Ret., [2), S. 273 (1914). 
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It will be seen that in general (dx)^ =■ — (dy),. Furthermore 
it is to be noted that in addition to the fundamental quantities 
employed, certain of their derivatives must appear. Bridgman 
decided to reduce these to the three which are most readily capable 
of experimental measurement, namely, {!iV/dT)p, (3F/dP)r 
and Cp = (dH/dT)p. The summary follows: 


idT)p = - OP)r = 1. 

(aF)p = - (dP)v = (dV/dT)p. 

{dS)p = - (,dP)s = Cp/P. 

idE)p = - idP)B = Cp - P{dV/dT)p. 

idH)p = - idP)„ = Cp. 

idF)p = - (.dP)p = -S. 

(SA)P = - (dP)A = - [.s + P(dV/dr)p]. 


(av)r = - (dT)r = - (dV/dP)T. 

(dS)r = - (dr)s = (dv/dr)p. 

(dE)r = - (dT)E = T(dV/dT)p + P(aF/dP)r. 

(dH)r = - (dT)ff = - F + T{dV/dT)p. 

(ap)r = - {,dT)p = - F. 

(dA)T = - (aP)A = P{dV/dP)T. 

■ (dS)v = - {dV)s = (1/P) [Cp(dV/dP)T + P(dF/aP)V]. 
{dE)r = - (dF)fi = Cp(aF/aP)r + TidV/dTyp. 

(dH)v = - (aF);/ = Cp(aF/aP)r + 

P(aF/aP)*;> - V{dV/dT)p. 

(dF)v = - {dV)r = - [V{dV/dT)p + .S(aF/aP)r]. 
{dA)v = - (aF)x = - -S(aF/aP)r. 


(aP)s = - (as)^ = (P/P) [Cp(aF/aP)i. + P(aF/aP)*p]. 
{dH)s = - (a-S)/, = - FCp/P. 

(dP)s = - {dS)F = - (1/P) [FCp - sP(aF/aP)/.]. 

(ai4)s = -{dS)A = (i/P){PlCp(aF/aP)r+ P(aF/aP)M 

+ ST{dV/dT)p]. 

m)E = - Wh - - F[Cp - P{dV/dT)p\ - P{Cp(dF/dP)r 

+ P(dF/aP)*y.]- 
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(dF)B = - {dE)B = - V[C^ - PidV/dTyp] +S[TidV/dT)p 

+ PidV/dP)T]. 

(dA)ji = - (dE)^ - P[Cp(dV/dP)T + T(dV/dT)^pl 

(dF)H = - (dH)p = - FCCp + 5) + TSidV/dT)p. 

(dA)a = - (dHU = - [S + P(dV/dT)p] [V - TidV/dT)p] 

+ P(dV/dP)T. 

(dA)p = - {dFU = - 5[F + P(dV/dP)T] - PV(av/dT)p. 

Exbrcise 1. Consider the process of fusion of ice, namely, HjOfs) • 
HaO(l); what is the sign of AF at - 10°C, at 0°C, and at 10°C? 

Exercise 2. What is the change in the free energy (calories) of 1 mol 
of water when the pressure is increased by 1 atmos. ? 

Exercise 3. Show that 


1 

ii 

(13) 


(14) 


Check these equations also by means of the ^^Condensed Summary/' 
Exercise 4. Consider a substance under two different pressures, at 
the same temperature. Let the pressure and vollime in the first state be 
Pa and Va and in the second Pb and Vb^ Show that 

fb - ( 15 ) 

Ab - Aa = - PdV. (16) 

From Equation 2, 

{Fb - Fa) - (As - Aa) - PbVb - PaVa. (17) 

Show that this equation follows also from Equations 15 and 16, and from 
the principles of integral calculus. Furthermore, show that Equation 17 
follows from (15) and (16) if we consider the area corresponding to the four 
terms in (17) when we use a P-F diagram, as in Figure 1. 

Exercise 5. Show that for a perfect gas, in an isothermal change, 

Fb- Fa ’ RT In (18)* 
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EiXERCiSB 6. Check various equations of this chapter and of Chapter 
XII by means of the “Condensed Summary.'* 



CHAPTER XV 


THE FREE ENERGY CHANGE IN A CHEMICAL 

REACTION 

To devise various methods of calculating the change of free 
energy in chemical reactions is a task which will occupy us 
throughout the greater part of this book. Already, however, 
we have become acquainted with one or two of the important 
methods. Thus we know that whenever a condition of equili¬ 
brium is reached in a chemical reaction, the free energy change 
of the reaction is zero. For example there is a transition point 
between rhombic and monoclinic sulfur at one atmosphere and 
95®C ~ 368®K. Hence we may write, 

S(rhombic) = S(monoclinic); AFses = 0. 

So also we have seen that — AF for a reaction which occurs in a 
galvanic cell is measured by the maximum electrical work which 
that cell is capable of performing. A further study here of such 
a cell will be profitable. 

Free Energy and the Electromotive Force of a Galvanic Cell. 

Let us consider a cell composed of a lead electrode in contact 
with solid lead chloride, a mercury electrode in contact with 
mercurous chloride, and a solution of potassium chloride as 
electrolyte. When electrical contact is established between 
the two electrodes a current will pass through the cell so that 
metallic lead is used up, metallic mercury is precipitated, and 
at the same time the lead chloride increases and the mercurous 
chloride diminishes in amount according to the chemical equation, 

Pb(s) + 2HgCl(s) = PbCl 2 (s) + 2Hg(I). 

In such a case, by Equation XIV-6, 

AF = - w\ 
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where w* is the electrical work capable of being obtained, under 
conditions of maximum efficiency. Under such conditions the 
counter electromotive force of the storage battery, motor, or 
other apparatus upon which the eleotrical- work is done, must 
differ only infinitesimally from the maximum or reversible electro¬ 
motive force of the cell. This electromotive force, E, multiplied 
by the amount of electricity flowing through the cell, measures 
the maximum output of electrical work. If F is the Faraday 
equivalent, and N is the number of such equivalents passing 
through the cell when the above reaction occurs, we may write, 

AF = - - NFE. (1) 

where E is positive if the reaction as written is a spontaneous 
one. 

In accordance with the chemical equation which we have 
written, N = 2, and 

AF = — 2 X 96494E volt-coulombs. 

Or, by Equation V-25, 

AF = - 2 X 23074E calories. 

The measured va^ of the electromotive force at 25®C is 
0.5357 v., whence 

Pb(s) + 2HgCl(s) = PbCl 2 (s) + 2 IIg(l);AF 29 « = - 24720 cal. 

This is the change of free energy which results from the above 
reaction, whether the reaction occurs in the cell, or lead is added 
to mercurous chloride and the process takes place in an irrever¬ 
sible way. Any other reversible cell in which this reaction, and 
only this reaction, occurs can equally well be used to measure the 
free energy change, and since N would be the same, E would be 
the same. Thus the cell that we have described must give the 
same electromotive force independently of the particular chloride 
used as electrolyte, and of its concentration, and of the solvent; 
provided always that when the current passes through the cell 
no other process occurs than the one stated. If, for example, we 
used a very dilute solution of potassium chloride as an electrolyte. 
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the solubility of the two chlorides no longei being negligible, the 
cell process would not correspond exactly to this chemical equation, 
and the electromotive force would be slightly different. 

Free Energy and Heat of Reaction. In the early days of the 
first law of thermodynamics, before the second law was fully 
understood, it was assumed as a matter of course that the most 
efficient utilization of a chemical reaction for the production of 
work would consist in converting all of the heat of that reaction 
into work. In other words, the quantity — Aff was assumed to 
represent the limiting quantity of work which could be obtained 
under the conditions of maximum efficiency. In some quarters 
this idea has persisted to the present day. 

However, we have just seen that it is not — AH but — AF 
which measures this maximum capacity for performing useful 
work. And these two quantities are not equal unless the 
entropy of the system in question is the same at the beginning 
and end of the isothermal reaction under consideration. This 
is shown by applying liquation XIV-2 to an isothermal process, 
which gives 

~ AH = - TAS. (2) 

According to the sign of AS, the work obtainable in a given rever¬ 
sible process may be greater or less than the heat of tljie reaction. 

It is true that, according to the first law, the external work 
performed must be equal to the loss in heat content of a system, 
unless some heat is given to or taken from the surroundings, 
but this is precisely the point first clearly seen by Willard 
Gibbs. When an isothermal reaction runs reversibly, TAS is 
the heat absorbed from the surroundings, and if this is posi¬ 
tive the work done will be even greater than the heat of 
reaction. 

In the specific reaction which we have just been considering, 
AH 298 * - 22730 cal. If a mol of lead reacts irreversibly with 
mercurous chloride, as in the calorimeter, 22730 calories are 
given up. But we have seen that AP = — 24720, so that, in 
the reversible isothermal process, the work done is greater than 
the heat of reaction. Therefore, when this galvanic cell operates 



170 


THERMODYNAMICS 


Chap. XV 


reversibly in a thermostat, heat is not given to, but taken from 
the thermostat, to the extent of 1990 calories for each mol of 
lead consumed. 

Let us consider another case; namely, a cell with an electrode 
of mercury and mercurous chloride on one side, on the other 
side chlorine gas in contact with an electrode of platinum- 
iridium, and between the two electrodes some electrolyte such 
as a solution of some chloride. Here again the electromotive 
force will be independent of the electrolyte, provided that in 
the electrolyte the solubility of chlorine and of mercurous chloride 
are negligible, so that the following reaction alone occurs in the 
cell, 

Hg(l) + :^Cl 2 (g, 1 atmos.) = HgCl(s). 

The electromotive force of such a cell is found to be 1.0894 v., 
and the reaction as written involves one equivalent, hence 
= - 23074 X 1.0894 = - 25137 cal. The heat of this reaction 
has also been determined, and the value found is A //298 = 
— 31300. Here then is a case where, even in the reversible reac¬ 
tion, the work produced is smaller than the heat of reaction, and 
the cell will give up heat to the surroundings. 

In many cases it has been difficult to find an efficient method 
for utilizing the diminution of free energy for the production 
of useful work. The most important of all work-producing 
chemical reactions is the combustion of carbon. Yet, when coal 
is burned under the l)oiler of a steam engine, at best the work 
obtained is only a few percent of the maximum work calculated 
from the free energy. To obtain perfect efficiency it would 
be necessary to contrive a process in which carbon and oxygen 
at a given temperature would be consumed, carbon dioxide 
would be produced at the same temperature, and every step 
of the process would be reversible, so that by reversing the 
engine, carbon dioxide would be dissociated into carbon and 
oxygen. 

This might be done, as in the examples already given, if we 
could devise a galvanic cell with reversible electrodes of carbon 
and oxygen. But hitherto all such attempts to obtain ^^elec- 
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tricity direct from coaP’ have failed. It is however possible, 
by methods which we shall develop later, to ascertain the theoret¬ 
ical amount of work obtainable in such a process, and we shall 
find,^ 

C + O 2 = CO 2 J AiF298 = “ 94260 cal. 

This value happens to correspond almost exactly with the heat 
of combustion, for A //298 = — 94250. This is far from being 
the case in the combustion of carbon to carbon monoxide for 
which we shall find the equation, 

C + = CO; AF 298 = - 32510 cal.; Affads = ~ 26150 cal. 

It is evident here that if carbon were burned to carbon monoxide, 
and the heat of combustion were all converted into work, this 
work would still be less than the maximum possible work of the 
reaction. 

The Addition of Free Energy Equations. The same reasons 
which justified us in adding and subtracting thermochemical 
equations also permit us to combine free energy equations in 
a similar manner. We have obtained two such equations, 
namely, 

Pb(s) + 2HgCl (s) = PbCl 2 (s) + 2Hg(l); ^Fm = - 24720 cal. 
Hg(l) + ^Cl 2 (g) = HgCl(s); AF298 = - 25137 cal. 

Multiplying the latter by 2 and adding to the former, we find 

Pb(s) + Cl 2 (g) = PbCl 2 (s); AF 298 = ~ 74994 cal. 

This is the reaction which occurs in a cell with one electrode of 
chlorine and the other of lead and lead chloride. For such a cell 
therefore E 298 = 74994/(2 X 23074) = 1.625 volts. So likewise 
by combining the two equations for the combustion of carbon, 
which we have obtained above, we may write, 

CO + >^02 = CO 2 ; AF 298 = - 61750; A/7298 = - 68100. 

> The value of Af will vary according to the kind of carbon chosen. The figures given are 
for graphite. This, as well as the oxygen and the carbon dioxide, are assumed to be at atmo¬ 
spheric pressure. 
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The Free Energy Change as a Function op the 
Temperature 


It will be understood that when we speak of a free energy 
change, without further qualification, we refer to an isothermal 
process. Thus we have obtained the difference between the free 
energy of a mol of lead chloride at 25®C and the free energy of 
its elements at the same temperature. 

Such a value of will ordinarily change when we carry on 
the isothermal process at some other temperature, and it is 
evidently of much importance to be able to calculate AF at other 
temperatures when it is known at some one temperature. 

Since we apply Equation XIV-12 both to the substances con¬ 
sumed and to the substances produced, we may write 



The subscript P in the first term merely indicates that the pres¬ 
sure on each substance is to be the same whether we are working 
at one temperature or another. Thus if we know AF, at one 
temperature, for the conversion of one mol of liquid ammonia at 
one atmosphere into ammonia vapor at ten atmospheres, then 
Equation 3 shows us how to calculate AF at some other temper¬ 
ature when likewise one mol of liquid ammonia at one atmosphere 
is converted into ammonia vapor at ten atmospheres. 

Indeed, since the pressures are always stated or implied in 
our chemical equations, and quantities such as AF, AS, and A// 
pertain to the reaction as expressed in this chemical equation, 
we may henceforth without ambiguity omit the subscript P 
in Equation 3. 

The Gibbs-Helmholtz Equation. We are now led immediately 
to a valuable formula for the temperature coefficient of the 
electromotive force of a reversible galvanic cell. For combining 
Equations 1 and 3, we have 


-NF 


df 


AS 


NFE « 


(4) 
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or, in simpler form, 


E 





(5) 


Thus for the cell which we have described above, in which 
lead reacts with mercurous chloride, £293 = 0.5357 volts and this 
value increases by 0.000145 volts per degree. Hence we may 
calculate the heat of this reaction, namely, 

A^298 - 2 X 23074 (298.1 X 0.000145 - 0.5357) = - 22730 cal.. 


and this is far more accurate than any of the calorimetric values. 

The Integration of the Free Energy Equation. Equation 3 
may be put into several alternative forms, two of which will 
be useful from time to time. Thus by the use of simple methods 
of the differential calculus, we find 


d(AF/T) 

Idf 


AH 
rp i > 


d(AF/TJ __ 
'd(i/f) “ 


( 6 ) 

(7) 


Either of these equations is suitable for direct integrat-on, if 
we know ATI as a function of T. Sometimes the variation of 
AH is of such character that the integration can best be per¬ 
formed by graphical methods. Ordinarily, however, when we 
are dealing with reactions at ordinary temperatures, and at 
higher temperatures, the values of Cp are conveniently expressed 
by equations of the algebraic type, and we may express ACp 
and AH as we have previously done in Equations IX-6 and 
IX-7, namely, 

ACp = AFo + AFiT + AFzT- + • • • , 

AH = AHo + AToT -f J^AFiT^ -f J^AFaP + • • • . 

Substituting this last expression in Equation 6, and integrating, 
we find, 

-f = -f' - AFo In r - ■ +1, (8) 

or 


AF^ AHo - AVoT In T - - YAVtT* - • • • + ZT. (9) 
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The quantity I is the integration constant, and may be evaluated 
when we know AF at some one temperature. 

As a simple illustration of the use of this equation, let us 
consider again the conversion of rhombic to monoclinic sulfur, 

S(rhombic) == S(monoclinic). 

We have already seen that for this reaction AFm = 0. Now 
over a limited range, say from 0® to 100®C we may write, 

S(monoclinic): Cp = 3.62 + 0.0072T, 

S(rhombic); Cp = 4.12 + 0.0047^. 

Whence, 

ACv = - 0.50 + 0.00257, 

and 

AH = AHo - 0.507 -h 0.0012572. 

Taking' A //273 = 77.0, we find AHo = 120. Hence Equation 9 
assumes the form, 

AF = 120 + 0.507 In 7 - 0.0012572 + IT. 


Now substituting2 the value A/^ = 0 at 7 = 368, we find I = 
—2.820, whence we may calculate AF at any other tem¬ 
perature; thus AFm = 17.5. This positive value corresponds 
to the fact that the rhombic form is more stable at this tem¬ 
perature. 

When we have such expressions for AF as a function of the 
temperature for a number of different reactions, we may combine 
the chemical equations, and at the same time combine the free 
energy equations, term by term, and thus obtain new equations 
for new reactions. This procedure will be illustrated in many 
of our later calculations. 


Exercise 1. A galvanic cell in which occurs the reaction, Ag(8) + 
HgCl(s) - AgCKs) -f Hg(l), gives £293 « 0.0455. For this reaction AH 296 * 
1280. Calculate AFmt ^ 8292 , and dE/dT, (Here is a case in which AH 
and AF have opposite signs.) 

1 For the data see Lewis and Randall, J. Am. Chem. Soe.\ 36, 2468 (1914). 

* In the arithmetical operations connected with the use of such a free energy equation it is 
sometimes expedient to employ Equation 8, thus solving first for AF/T. This frequently 
gives a higher accuracy with less effort. 
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Exercise 2 . For the reaction CO(g) -f ^02(g)F«C0*(g), find from the 
data obtained in Exercise IX"4 the complete free energy equation, namely, 

AF - - 67510 + 2.75T In T - 0.00287’* + 0.000000317’* + 4.467*. 

Calculate AFmo^ What can be said regarding the stability of carbon 
dioxide at 2500^K? 

Exercise 3. A cell, operating at constant temperature and pressure, 
undergoes a change of volume aV when N equivalents pass. Show that 
if the pressure on the whole cell is changed, the electromotive force changes 
according to the equation 


dE 


AV 



CHAPTER XVI 


THE ESCAPING TENDENCY; EQUILIBRIUM BE¬ 
TWEEN TWO OR MORE PURE PHASES 

In the science of mechanics there are two kinds of methods 
of ascertaining whether a system is in equilibrium. One consists 
in determining the effect of some infinitesimal displacement upon 
the properties of the system as a whole, the other depends upon 
a more localized view of the forces operating between different 
portions of the system. Thus if a system is at rest, it is a suffi¬ 
cient condition for equilibrium either that the potential energy 
of the system is at a minimum with respect to any possible infinite¬ 
simal displacement, or that the resultant of the forces acting 
on every part of the system is zero. 

The former of these is analogous to those thermodynamic 
criteria of equilibrium which we have hitherto stated. For 
many purposes, however, it is desirable to possess also in ther¬ 
modynamics a more intimate criterion of physico-chemical 
equilibrium, such as we have already obtained for thermal 
equilibrium. 

In order that a system be in thermal equilibrium it is a neces¬ 
sary and sufficient condition that any infinitesimal flow of heat 
within the system be attended by no change of total entropy. 
However, this criterion is far less convenient than the one com¬ 
prised in the simple statement that thermal equilibrium exists 
when the temperature is the same in all parts of the system. 
The entropy criterion directs our attention to changes in the 
whole of a complicated system. The temperature criterion 
permits us to focus our attention upon the individual parts. 

The value of the temperature concept lies in the fact that two 
bodies have the same temperature if they both have the same 
temperature as a third, and that we'have a corresponding law 
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of temperature inequalities. The temperature scale is therefore 
unambiguous. If we choose we may imagine everything to 
have a certain tendency to lose heat, or we may say that heat 
has a tendency to escape from every system. Temperature is 
then a measure of this escaping tendency of heat; for if one 
body has a higher temperature than another, then the escaping 
tendency of heat can be said to be greater in that body, and 
whatever mechanism may be used to establish thermal contact, 
heat will flow from that body to the other. 

Now all that we have said regarding the distribution of thermal 
energy is true also of the distribution of a material substance 
throughout any system. If three phases of a substance are 
coexistent, let us say ice, water and water vapor, all at constant 
temperature, it would be impossible to find a state of affairs in 
which at the same time ice spontaneously goes over into water, 
water into water vapor, and water vapor into ice. For if this 
were the case we might have a complete cycle leading to a system 
identical with the original system, and therefore possessing the 
same entropy. But spontaneous processes without ‘ncrcase 
of entropy do not exist. 

It is evident therefore that if a substance X is distributed 
through some system, we may speak of the escaping tendency^ 
of X in each part, or in each phase, of the system. The condition 
of equilibrium will be that the escaping tendency of each sub- 
stance is constant throughout the system. The escaping ten¬ 
dency will thus obey the same laws of equality and inequality 
which we have found to hold for temperature. 

As an illustration we may state that the escaping tendency 
of water is the same for liquid and solid at the freezing point, 
while at lower temperatures the escaping tendency is greater 
for the liquid than for the solid. The escaping tendency of 
sodium chloride in solution is greater, equal to, or less than that 
of solid sodium chloride, according as the solution is supersatu¬ 
rated, saturated or unsaturated. If water and ether are shaken 
together to form two liquid phases in equilibrium, the escaping 
tendency of the water, and also that of the ether, will be the 

»Lewis, Proc. .4m. Aead., S6,146 (1900;; Zl physik, Chem., S5,343 (1900). 
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same in both phases. Moreover, if there is a vapor phase present, 
the escaping tendency of each substance is the same in that phase 
as in the other two phases. Lest there be any misunderstanding, 
it should be made plain that we are not comparing the escaping 
tendency of one substance with that of another; we are merely 
comparing the escaping tendency of a given substance in one 
phase with that of the same substance in another phase. 

The value of this conception is not limited to the simpler 
systems of thermodynamics. If a column of some solution is 
placed in a gravitational field, equilibrium will not be established 
until the escaping tendency of each substance present is constant 
throughout the field; if we consider the surface layer of a soap 
solution, the concentration of soap is very different in this surface 
layer and in the interior of the liquid, but the escaping tendency 
of the soap must be the same in both places. 

In adopting the concept of escaping tendency we are abandon¬ 
ing a view of the system as a whole in order to view more inti¬ 
mately the individual substance. The escaping tendency of a 
system has no meaning. We seek rather some property which 
will measure quantitatively the escaping tendency of each 
material substance, as temperature measures the escaping ten¬ 
dency of heat. 

Molal Free Energy as a Measure of the Escaping Tendency. 

Let us consider once more the equilibrium existing between ice 
and water at 0°C and at a pressure of one atmosphere. If an 
infinitesimal amount of ice be melted at constant temperature 
and pressure, then from Equation XIV-7, we see that the con¬ 
dition of equilibrium is 

dF = a 

Since equilibrium is maintained as long as both phases are 
present, we may also write for any finite amount melted, 

AF - 0. 

If we write the chemical equation, 

H 2 O (s, 1 atmos.) = H 2 O (1, 1 atmos.), 
then AF measures the increase in free energy when one mol of 
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ice is converted into one mol of water. If tfie molal free energy 
of water is Fa in the solid state and Fb in the liquid state, 

AF = Fs - Fa. 

Therefore at the melting point, under atmospheric pressure, 

Fb = Fa. 

At higher temperatures the process in the direction indicated 
is a spontaneous one, 

AF < 0;fb < Fa. 

At lower temperatures, on the other hand, the process is thermo¬ 
dynamically impossible, 

AF > 0; Fb > Fa. 

By similar reasoning we see that in general no system can 
be in equilibrium unless the molal (or partial molal) free energy 
of each substance' involved is the same in every part of the 
system. If the molal free energy of any substance io greater 
in one part of the system than in another, that substance will 
pass from the former to the latter place. 

In order to avoid any misunderstanding we must repeat a remark made 
in Chapter III regarding the meaning of the mol. If we had stated that 
a condition of equilibrium requires that the free energy of one gram or of 
any given number of grams of a substance is the same in the several phases, 
such a statement would be unquestionable. But when we state that the 
molal free energy is the same in all phases, we imply that the same formula 
is used for the substance in each phase. This is unfortunately not always 
the case. Iodine vapor at high temperatures dissociates in part into the 
monatomic form, so that we write, laCg) - 21(g), and the condition of 
equilibrium is that AF » 0, or that the molal free energy of 12 (g) is equal 
to twice that of 1(g). In the case of sulfur there are various molecular 
species known or suspected. Thus we have S(g), S 2 (g), S6(g), S8(g), and 
various liquid and solid forms. Both rhombic and monoclinic sulfur in 
all probability form crystal lattices in which the same unaltered molecule 
Sti is the primary unit. But in the absence of complete evidence we prefer 

1 In acoordance with usage determined in Chapter II, the term substance, as here employed, 
may mean a single molecular species, such as HfO, or it may mean something immediately 
obtainable from a single molecular species, such as loaUr, 
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to use the simple formula S. These special cases need not» howeveri dis¬ 
tract our attention from the points which we are now considering. 

Thus we see that the molal free energy (or the partial molal 
free energy in solutions) may serve as a quantitative measure 
of the escaping tendency. We shall not adopt exclusively this 
method of quantitative definition of the escaping tendency, for 
there are other no less convenient measures which we are going 
to introduce in later chapters. But the usefulness of the present 
definition will be seen when we now proceed to investigate, more 
systematically than we have hitherto, the equilibrium between 
two or more pure phases. 

The Effect of Pressure and Temperature upon Simple 
Types of Equilibrium 

If two phases of a pure substance are in equilibrium with one 
another, and the pressure is increased, the molal free energy 
of the substance will be increased in each phase, and to a greater 
extent in the phase of larger molal volume (Equation XIV-9). 
That phase will therefore disappear. Thus at one atmosphere 
ice and water are in equilibrium at 0®C; if the pressure exerted 
upon the two phases is now increased, the molal free energy of 
the ice, which is more voluminous, is increased more than the 
molal free energy of the water, and the former will disappear 
if the temperature remains constant. So also if the two phases 
are in equilibrium, and the temperature is changed, the two 
molal free energies will change differently in accordance with 
Equation XIV-12, and equilibrium will no longer exist. 

We may, however, change both temperature and pressure in 
such a way as to keep the two molal free energies equal to one 
another. This is the condition for the maintenance of equi¬ 
librium, which now we need only to translate into mathematical 
form. 

Change of ^‘Equilibrium Pressure”, with Temperature. If 

we have two phases of the same pure substance, in equilibrium, 
and if Pa, Va, Sa, Ha; and Fb, Vb, Sb, Hb are the molal free 



THE ESCAPING TENDENCY 


181 


energies, molal volumes, etc., in the two phases, our condition 
for equilibrium is 

F.1 = p«. (1) 

Moreover, if any change occurs and equilibrium is to be main¬ 
tained, it is necessary that 

dFx = dFs. (2) 

But the two states are completely determined by the two vari¬ 
ables P and T. Hence we have (see Equation III-l), 

By combining this with Equations 1 and 2, and substituting 
the values of the differential coefficients from Equations XIV-9 
and XIV-12, we find (since Af = 0), 

dP _ Sg — 8 a _ A5 _ Aff ... 

df ~ Vb -Va ~ AV~ TAV' 

This equation shows how the equilibrium pressure must change 
with the temperature in any two-phase system such as vapor 
and liquid; liquid and solid; or two solid forms like rhombic 
and monoclinic sulfur. 

In case we arc dealing with vapor pressure it is convenient 
to denote this equilibrium pressure by p, and Equation 4 is 
evidently identical with Equation XII-18, the Clapeyron equa¬ 
tion, which we obtained before by using the fundamental equa¬ 
tions of entropy. Indeed in this simple case that method seems 
a little less cumbrous, but the method that we have just described 
is of such general serviceability, and will be so frequently em¬ 
ployed, that its use will become almost automatic. 

Two Phases under Different Pressures at Constant Temper¬ 
ature. Strictly speaking, a system cannot be in complete equi¬ 
librium unless the pressure is constant throughout (except in 
so far as pressure differences may be produced by such an influence 
as a gravitational field). If every actual substance has a finite 
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fluidity there must be a constant, although perhaps imperceptible, 
flow toward a state of constant pressure. But as it rarely 
happens that we are fortunate enough to find a system which is 
in equilibrium with respect to every possible change, we are 
content to find the conditions of equilibrium with respect to 
certain changes, without inquiring whether there may be other 
processes which are slowly proceeding. Thus if we are studying 
the equilibrium between liquid benzene and its vapor, we are 
not at all disturbed if we are told that benzene is essentially 
unstable and tends to go spontaneously into carbon and hydrogen. 

So it will be profitable to consider the distribution of a sub¬ 
stance between two phases of unlike pressure, provided that a 
change in such distribution is rapid compared to the 
process of equalization of pressure throughout the 
system. Attention was first drawn to such systems 
B by the discovery of the so-called semipermeable mem¬ 
brane, which in turn led to the discovery of osmotic 
pressure. We shall here consider a membrane of 
C somewhat similar properties, which is chosen, not to 
^ permit the passage of a single substance in the pres¬ 
ence of other substances, but rather to permit the 
passage of a substance in one state while remaining 
Figure I i^ip^rmeable to the same substance in other states. 

In Figure 1, A will represent a piston pressing upon a 
mass of liquid mercury B, while E is another piston exerting pres¬ 
sure upon pure mercury vapor in D. The diaphragm C is of 
fine porous porcelain. Owing to the phenomenon of capillarity, 
an excess pressure can be exerted by the piston A without forcing 
the liquid mercury through the pores of the diaphragm. On 
the other hand, the vapor of mercury may pass readily through 
these pores, thus permitting a transfer of material between B 
and D. 

If the system comes to equilibrium at constant temperature, 
there will be a certain pressure in the vapor phase and another 
pressure in the liquid phase. Now if the pressure upon one 
phase is increased, the escaping tendency from that phase becomes 
greater. In order to maintain equilibrium the pressure upon 
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the other phase must then be raised until the escaping tendency 
from that phase is increased by an equal amount. 

Let us proceed, in the general case, to calculate the ratio of 
the pressure increments upon two phases of the same pure sub¬ 
stance, necessary to maintain equilibrium at constant tempera¬ 
ture. Let Pa, Vx, and Fx; Pb, Vb, and Fb be the pressures, molal 
volumes and molal free energies in the two phases in a condition 
of equilibrium. Then, if the pressure upon the first phase is 
increased by the arbitrary amount dPx, let us find the change of 
pressure, dPa, upon the other phase, which will just maintain 
equilibrium, or, in other words, which will make dFx = dFs. 
By Equation XIV-9, 

dFx = VxdPx; dPa = VadPs, 
hence for equilibrium. 



The two changes of pressure must therefore be inversely propor¬ 
tional to the two molal volumes.^ 

Two Phases under Different Pressures, and the Temperature 
of the Whole System Variable. When the system which we have 
just been considering is subjected to changes of temperature, 
there are three independent variables, Px, Pb and T, and our 
criterion of equilibrium merely gives us one relation between 
the variation in these quantities, thus 

and substituting again the values of the various partial differ¬ 
ential coefficients, 

yndPi - VAdP^ = (sb - 8x)dr = ^ dT. (7) 

> This equation was first obtained, for the special case of liquid and vapor, by Poynting 
{Phil, Mag., [4], 12, 32 (1881)); for the general ease, by Le Chatelier (Z. phytik. Chem,, 9 , 
335 (1892)). 
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The only case of much interest here is the one in which the 
pressure of one phase remains constant. Then the pressure 
on the other phase is determined at each temperature. So in 
Equation 7 let cIPa = 0. Then 



Thus if we are considering a system in which the first phase 
is liquid mercury and the second is mercury vapor, each phase 
being under a different pressure as in Figure 1, Equation 8 shows the 
temperature coefficient of vapor pressure, not when the liquid 
is under the variable vapor pressure as in Equation 4, but when 
the pressure upon the liquid is constant.^ 

Systems in which the Temperature is not the Same in All 
Parts. The study of equilibria when different parts of the system 
are at different temperatures is difficult, owing to the fact that 
the flow of heat is usually rapid compared with processes involv¬ 
ing the transfer of a material substance. When a solution is 
placed in a tube, the two ends of which are maintained at differ¬ 
ent temperatures, the system reaches a constajit state in which 
the composition varies at the two ends. This is the Soret 
phenomenon.2 It would be hard to judge, a priori, whether 
this is a case of true equilibrium, suitable for thermodynamic 
study, or whether the distribution of the solute is in part deter¬ 
mined by the irreversible process of thermal flow. In any case 
it is to be noted that the free energy function is designed primarily 
for the study of isothermal processes, and that a problem such 
as this could be better handled by means of the equations of 
entropy. 

Exercise 1. It is sometimes convenient to regard the vapor pressure 
of a substance as one of the properties of that substance. If, at a given 
temperature and pressure, p is the vapor pressure and v is the molal volume 
of the substance, and AH is its heat of vaporization per mol, show that by 

1 This equation ia due to Lewis, Proc. Am. Acad., 37, 49 (1901); Z. phytik. Chem.t 38, 206 
(1901). 

* Soret, Ann. chim. phyt., [5] 22, 293 (1881). 
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aasuming the equation of the perfect gas for the vapor, we may obtain the 
two approximate equations.^ 



Exercise 2. Taking the molal volume of benzene as 90 cc. at its boiling 
point, 80^0, find approximately the change in vapor pressure which would 
be produced if the pressure on the liquid benzene alone could be increased 
by 1 atmos. 


The Phase Rule 

When the state of a system cannot be completely determined 
until at least r data are given, we say that it possesses r degrees 
of freedom. This is only another way of saying that the state 
of the system depends upon r independent variables. The state 
of a single phase of a pure substance depends usually upon only 
two variables, let us say temperature and pressure. If we impose 
the further condition that two such pure phases are to exist 
together in equilibrium, the number of degrees of freedom is 
reduced to one. With three coexisting phases we have what is 
known as non-variant system. Thus, if water and water vapor 
are to be coexistent, we may arbitrarily fix the pressure or the 
temperature, but not both; while the condition that ice, water, 
and water vapor exist together, completely determines the state 
of the system at a so-called triple point. 

There may be other variables besides temperature and pressure 
which are requisite to determine the state of a phase. Thus 
we may have to consider the presence of an electric or of a mag- 
^netic field, or the size of particles. Especially, if the phase 
in question is a solution, the number of degrees of freedom is 
increased by one, for each component beyond the first. 

Whatever the number of variables, it still remains true that 
the number of degrees of freedom of a system as a whole is 
equal to the number of variables requisite to determine the 
state of the individual phases, less the number of phases 

> See footnote to Equation VI>3 for the aignifieanoe of the aateriek in theeo equatione. 
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in the system, beyond the first. This is the celebrated phase 
rule of Gibbs. 

This simple principle has been the starting point for the de¬ 
velopment of a large field of exact but qualitative thermo¬ 
dynamic study, into which it will be impossible for us to enter 
far, since we are presenting the science of thermodynamics with 
the primary purpose of making it readily applicable to quanti¬ 
tative and numerical calculations. While it would carry us too 
far to enter into the intricacies of phase relations in complex 
systems, it will be useful to devote the remainder of this chapter 
to a few very simple problems relating to the coexistence of 
phases. 

Continuity between Liquid and Vapor States. The dis¬ 
covery by Andrews^ of the critical phenomenon and its implica¬ 
tions contributes very greatly to an understanding of the relation 
between a liquid and its vapor. He found that while the ordinary 
condensation of a vapor or evaporation of a liquid involves a 
discontinuity between the two phases, it is nevertheless possible 
to pass from liquid to vapor, or from vapor to liquid, by a process 
in which the substance remains perfectly homogeneous. Thus, 
if a liquid under high pressure is heated above its critical point; 
the pressure then reduced isothermally to a small value; and the 
temperature finally reduced to its original value, the substance 
will have passed by imperceptible gradations from liquid to vapor. 

This idea that the liquid and vapor phases are essentially one 
state of matter is clearly brought out by an inspection of the 
isotherms on a P-F diagram. In Figure 2 each continuous curve 
shows, at a single temperature, the measured molal volume 
of a pure phase of carbon dioxide at various pressures, as de¬ 
termined by Amagat.* At the highest temperature (represented 
by the curve farthest from the axes) the gas is nearly perfect, 
and the curve approaches the regular hyperbola. As the temper¬ 
ature is lowered, deviations from the gas law become more and 
more pronounced, until at i = 31.35 a curve is reached which at 
the point C has zero slope, that is dP/dV =» 0. This is the 

^ Andrews, Phd. Mao., [4], S9, ISO (1870). 

^ Amagat, /. phynque, [3]. S. 307 (1894); [3], 8. 3S3 (1800). 
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critical point. Below this point we find two phases capable of 
coexistence, and two separate curves at the same temperature 
are experimentally determined; one for the change in volume of 
the liquid with pressure, and one for the change in volume of 
the vapor with pressure. 



However, it would be difficult to avoid the conclusion that 
these two branches are really parts of a single curve*, and that 
a truly satisfactory mathematical equation for one would also 
fit the other. Thus the two branches would be joined by some 
such curve* as the broken line QONML in the figure. 

> For the first discussion of this point, soe James Thomson, Phil. Mag.^ (4] 43, 227 (1872). 

* It is evident that the equation for such a complete curve must be of odd degree in F, for 
V increases with diminishing P at both ends of the curve. Furthermore the equation must be of 
at least the third degree in F, since a certain pressure may correspond to more than one volume. 
At lower temperatures three roots of the equation are real, at the critical point the three coin¬ 
cide, and at higher temperatures two of them become imaginary. The van der Waals equation 
satisfied these conditions and therefore has been of great use in interpreting the relations of 
liquid and vapor, in spite of the fact that at small values of F it gives only the roughest sort of 
approximation to actual curves. 
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Indeed the broken line in Figure 2 is not altogether hypo* 
thetical. Owing to the phenomena of supersaturation and super¬ 
heating it is possible to study vapors at higher pressure and liquids 
at lower pressure than the vapor pressure. At temperatures 
well below the critical point the left-hand branch of the curve 
becomes nearly vertical, and passes far below the axis of zero 
pressure. Indeed it has been found possible, by subjecting 
liquids to tension, to study their physical properties at large 
negative pressures. But the central portion of the curve has never 
been and may never be realized. Nevertheless if we assume con¬ 
tinuity of liquid and vapor, the whole curve must have physical 
reality and be subject to thermodynamic reasoning. 

It will therefore be instructive to follow the molal free energy 
along the broken curve, or, in other words, through the process 
by which hypothetically the vapor may be converted into liquid 
at constant temperature, without a second phase appearing. 
The horizontal line QNL represents the vapor pressure, and the 
molal free energy f is therefore the same at Q and at L. So also 
the total change in free energy in passing from L to Q by any 
path must be zero. Remembering that the free energy of a pure 
substance always increases with increasing pressure and dimin¬ 
ishes with decreasing pressure, we see that in proceeding from L 
to M, F increases by J*vdP, namely by the areaLMRS. From 
M to N it diminishes by the area MNSR, so that at N the free 
energy is greater than at the beginning by the difference between 
these areaS; namely the small area LMN. From N to O it 
continues to diminish by the area NOTS and from 0 to Q it 
increases by OQST, so that from N to Q it decreases by the 
area NOQ. But the free energy is the same at L and Q, and 
therefore the area LMN is equal to the area NOQ. This is a 
a well known theorem. 

Possible Continuity between Solid and Liquid Phases. We 

have seen in Chapter II that the conventional classification into 
solids and liquids is not exact. When quartz glass is heated 
it softens gradually until at high teniperatures it becomes a 
typical liquid, but there is no definite melting point. It is to 
be regarded in every sense as the same phase at all temperatures. 
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and it should be possible to pass in a continuous manner from 
quartz glass to quartz vapor. 

On the other hand, vitreous quartz bears the same relation 
to crytalline quartz that water does to ice. The question as 
to the existence of a critical point between two crystalline forms 
of a substance, or between a crystalline and a non-crystalline form, 
has been the subject of extensive experimental investigation. 
The work of Tammann* on the equilibrium between liquid and 
several solid forms of water at high pressure has been greatly 
extended by Bridgman^ who has made an exhaustive study of 
the equilibrium between water and five different forms of ice 
at various temperatures, and at pressures up to 20,000 atmos. 
So far there is nothing to indicate the existence of a critical point 
in such systems. 

Exbrcisb 3. Show the existence and find the approximate location of 
a third point on the curve QONML (Figure 2) where the free energy is the 
same as at the points Q and L. 

> TammaDn, Z. phyaik, Chem., 72, 609 (1910). 

* Bridgman, Proc. Am. Acad., 47. 441 (1912). 



CHAPTER XVII 


THE FUGACITY 

When we were speaking of the qualitative laws of temper¬ 
ature, we saw that any number of quantitative temperature 
scales might be erected which would conform to these qualita¬ 
tive laws. Thus we might have defined the temperature scale 
by means of the air thermometer instead of the perfect gas 
thermometer; or if T is the reading of the latter scale we might 
have defined temperature as or In T. It has, however, 

proved a convenience to adopt one and only one temperature 
scale. 

In the treatment of the analogous concept of escaping tend¬ 
ency, our methods are not so completely standardized. Al¬ 
though we have already seen that the molal free energy makes 
a very satisfactory quantitative measure of the escaping tend¬ 
ency, there are certain respects in which this function is awkward. 
For instance the molal free energy of a gas approaches an infinite 
negative value as the pressure approaches zero, and we shall 
see that this kind of inconvenience enters even more seriously 
in the study of the partial molal free energy in solutions. 

For such reasons another scale of measurement of the escaping 
tendency is sometimes to be preferred, and we shall not hesitate 
to employ, side by side with the molal free energy, a second 
measure of the escaping tendency, which is called the fugacity^ 

The vapor pressure has frequently been used in a qualitative 
way as a measure of escaping tendency. Thus the vapor pressure 
of ice is equal to that of water at the melting point, but less than 
that of water at all lower temperatures. So also if we have 
two forms of sulfur, at a given temperature, the one which is 
more stable must have the lower vapor pressure. 

> Lewis, Proe. Am. Acad., 37, 40 (1901); Z. phyaik. Chem., 38. 205 (1001). 
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Indeed we could with entire correctness use the vapor pressure 
also as a quantitative measure of escaping tendency, and this 
would be a very satisfactory procedure if every vapor behaved 
as a perfect gas. In the fugacity we are going to define a measure 
of escaping tendency which bears to the vapor pressure a relation 
analogous to the relation between the perfect gas thermometer 
and a thermometer of some actual gas. The fugacity will be 
equal to the vapor pressure when the vapor is a perfect gas, 
and in general it may be regarded as an ^'idear' or “corrected^' 
vapor pressure. 

We may partially define the fugacity, /, in terms of the molal 
free energy, f, through the equation^ 

F = RTlnf + B, (1) 

where B is defined no further than by the statement that it 
is a function of temperature only, or, in other words, that it is 
a constant at a single temperature. 

Between two isothermal states, this equation becomes 

-Va - ItTlJ/, (2) 

Ja 

or in differential form, 

dF = RTd In /. (3) 

We see that these equations do not determine the numerical 
value of the fugacity, but only determine the ratio of the fugaci- 
ties of a substance in two isothermal states. We may therefore 
complete the definition by assigning at each temperature a 
numerical value to the fugacity in some one state. 

The Fugacity of a Perfect Gas 

We have found in Equation XIV-18 the difference in free 
energy of a perfect gas between two different pressures, at the 
same temperature, namely, 

Fb - = RT In (4)* 

> When we return to the disousaion of eolutione we shall define the fugacity similarly with 
respect to the partial molal free energy, r. 
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and comparing this with Equation 2, we see that the fugacity 
of a perfect gas is proportional to its pressure. 

Now, at least theoretically, every substance can be brought 
isothermally into the state of a perfect gas. For, if we admit 
that every substance at a finite temperature has a finite vapor 
pressure, then if the pressure upon a substance is decreased 
without limit the substance will eventually vaporize, and with 
further diminution in pressure the vapor will approach nearer and 
nearer to the condition of a perfect gas. 

Therefore instead of completing our definition of fugacity by 
assigning to it some arbitrary value in a chosen state, such as 
the liquid state at one atmosphere, it is better to complete the 
definition by making the fugacity of a perfect gas equal to the 
pressure. Fugacity will be regarded as having the same dimen¬ 
sions as pressure, and the unit of fugacity will be the atmosphere. 

The Fugacity of an Imperfect Gas 
Change of Fugacity with Pressure. We have seen by Equa- 


tion XIV-9 that 

(iX - ’■ 


and that by Equation 3, 


/din A _ 1 

V dF Jt RT’ 

whence 

(5) 

/d In A V 

\ dP )t RT' 

(6) 


By integrating this equation at constant temperature, we may 
ascertain the fugacity of a substance at any pressure if it is 
known at some other pressure, and if v is known as a function 
of p. Let us illustrate this procedure by studying the fugacity 
of an imperfect gas. We shall begin with a graphical method. 

Calculation of Fugacity by Graphical Methods. Plotting 
pressure against molal volume in Figure 1, the curve MM' is a 
typical isotherm of an imperfect gas such as carbon dioxide. 
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The dotted hyperbola NN' is the isotherm yi^hich the gas would 
give if at all pressures it followed the equation of a perfect gas, 
Pv == RT. The two curves rapidly approach each other as P 
approaches zero and v approaches infinity. 

The points L, M and N correspond to pressure P; and L', M' 
and N' to pressure P'. Integrating Equation 6, 



Volume. 

Figure 1. 


By the gas law the area LNN'L' is equal to RT In {P/P'). The 
difference between the two is the area MNN'M' which we may 
call A. Thus, 

RT ft ji = RT In y, - A. (8) 

Now if we replace P' by a variable pressure P*, which we may 
decrease to zero, and if f* is the corresponding fugacity; then in 
the limit, when P* - 0, we know that f* = P* by the definition 
of fugacity. Equation 8 then assumes the simple form 

RT In/ = RT\nP - A*, 

where il* is the whole shaded area out to infinite volume. 


(9) 
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Therefore, whenever we have the P-F isotherm we^may 
calculate the fugacity at any pressure. The difference between 
/and P depends upon the area A*, or, in other words, upon 
the amount of divergence from the gas law. In the case of 
hydrogen and helium at ordinary temperatures, the isotherm lies 
on the other side of the isotherm of the perfect gas. In such 
a case A* is negative and RT In f is greater than RT In P. Fur¬ 
thermore it should be noted that in Figure 1 the isotherm at 
very high pressures crosses the isotherm of a perfect gas, and 
that here also regard must be paid to the sign of the area. 

In making a numerical calculation it is necessary to work with 
consistent units. If in the plot the atmosphere is the unit of 
pressure, and the cubic centimeter is the unit of volume, the unit 
of area will be the cc.-atmos. We have shown in Chapter V 
that R = 82.07 cc.-atmos. per degree. Thus we have 


In / = In P 

and dividing by 2.3026 


82.07P' 


log/ = log P - 


i89.0T‘ 


In practice the graphical method of obtaining A*, which we 
have just described, may be replaced by a method which is in 
principle the same, but which gives accurate results with less 
labor. This method consists in plotting merely the deviations 
from the gas law. If v is the molal volume of any gas and RTJP 
is the molal volume calculated from the gas law, the difference 
we may denote as a and write 


where a is in general a complicated function of temperature 
and pressure. Using the same data as were employed in con¬ 
structing Figure 1, we may now plot a against P as in Figure 2. 
We then have 

RTd Inf = \dP dP - adP.^/ 


(13) 
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Proceeding just as in the previous case and integrating between 
zero pressure and a given pressure, P, 

RT\nf = RT In P - J^adP. (14) 

The shaded area in Figure 2 is equal to the shaded area in 
Figure 1. When one of the limits of pressure is zero the area is 
equal to the last term in Equation 14, and is also equal to A*. 



Fiouru 2. 


Calculation of Fugacity from the Equation of van der Waals. 

Instead of determining the fugacity by a graphic integration we 
may choose any empirical equation for an imperfect gas, and 
integrate by the conventional methods. The most familiar of 
the various equations of state is that of van der Waals, according 
to which 



(15)* 


where a and b are empirical constants. Such an equation can be 
used for the desired integration by substituting in Equation 7 
either v expressed in terms of P, or dP in terms of v. The 
former substitution cannot readily be made in this case because 
the van der Waals equation is of the third degree in v, but we 
may obtain a value of dP by immediate differentiation of Equa¬ 
tion 15. 
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Substituting the value of dP, so obtained, in Equation 7, and 
integrating* between v and v*, we find 


(V - i>) + In (V* - b) 

_ I 

RTy RTv*' 

If V* is made to approach infinity we may write 


V* - b ,1 « * RT ^ 

—--l; = 0; V* = P* =/*. 


Then by simplification, 


P* 

t_ r ^ 2a 

In/ - In ^ _ j, + y _ j - ijy”. 


(16)* 

(17) * 

(18) * 


This equation we may use directly for calculating, at any 
temperature and pressure, the fugacity of any gas which satisfies 
van der Waals’ equation, and for which the constants a and b 
have been determined. For oxygen at 0®C the experimental 
data are well satisfied by choosing^ a = 1.009 X 10® and b -26A. 
Table 1 shows at pressures from 60 to 600 atmos., the fugacity 
as calculated from Equation 18. Column 3 gives the ratio be¬ 
tween the pressure P, and the pressure P», which would be calcu¬ 
lated from the ideal gas law, so that P/Pi = Pv/RT. Column 
4 shows the ratio of the fugacity to the pressure. Both these 
ratios, which would be unity for a perfect gas, will be discussed 
further in the following section. 

Table 1. —Pressure and Fugacity op Oxygen at 0°C 


p 

/ 

PIPi 

flP 

50 

48.0 

0.961 

0.960 

100 

92.5 

0.929 

0.925 

200 

174 

0.91 

0.87 

400 

338 

1.05 

0.85 

600 

540 

1.29 

0.90 


Carbon dioxide is a much more imperfect gas than oxygen; 
its cons^nta are a *^.1 X 10®, b ^ 34.0. Table 2 shows the 
Dehavior of this gas irtf 60®C. t ^ 

/ V \ 

j. \ 

* Since presiure is expreeaed in itmospheree Vnd volume in cubic centimeters, the unit of 
6 ia oc. and that of a ia atmoa. X oe>. 
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Table 2.—Pressure and Fuoacitt of Carbon Dioxide at 


p 

/ 

PIPi 

HP 

25 

23.2 

0.922 

0.928 

50 

42.8 

0.83 

0.86 

100 

70.4 

0.51 

0.70 

200 

91 

0.43 

0.45 

300 

112 

0.59 

0.37 


A Simple Approximate Method of Calculating Fugacity. The 

methods for calculating the fugacity of an imperfect gas, which 
we have been illustrating, arc not only time-consuming, but they 
assume more experimental familiarity with the pressure-volume 
relations than always exists. We shall therefore conclude this 
phase of our discussion by describing a remarkably simple 
approximate method which is sufficiently accurate at all ordinary 
pressures, and which requires no more than a single determination 
of the molal volume of a gas at the given temperature. 

We have seen in Equation 12 that the equation of state may 
be put in the form 

V = — - a, (19) 


where a is some function of temperature and pressure. We 
find in plotting the isotherm of an imperfect gas, as in Figure 1, 
that a always approaches a constant value at low pressures. 
In other words, at constant temperature and at low pressures 
there is a constant difference between the actual volume and 
the volume calculated by the gas law.^ 

If P is a given pressure and P* is some very small pressure, 
and if / and/* are the corresponding fugacities, we may combine 
the above equation with Equation 7, 
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When P* « 0, P* * /*. Thus simplifying, 


ln/ = 

P RT’ 

(21)* 

or 

/ - 
p=e Jtr. 

(22)* 

Hence, if we remember that when x is small e~* = 1 

- X, 

/ , «P 

P ~ ^ Pf’ 

(23)* 

and therefore from Equation 19, 


II 

(24)* 


This may be put into another useful form if once more we 
substitute for RT/v, the pressure which an ideal gas would exert 
at the given volume, the symbol P<. Then from the above 
equations, 

f P 

P = P7 ^25)* 

Thus the actual pressure lies between the fugacity and the 
pressure calculated from the gas law; and is the geometrical 
mean of the two. 

This extremely simple rule for calculating fugacity has been 
deduced for low pressures, but we see from Tables 1 and 2, 
where //P and P/Pi may be compared, that it is valid for oxygen 
up to 100 atmos., while for the much more imperfect gas, carbon 
dioxide, it is in error by 1% at 25 atmos., and by 4% at 50 atmos. 
Even for the most imperfect gas it should be possible to use this 
ssiyj^ of a few atmospheres. 
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measure, obeys the gas law, we take the vapor pressure as a 
measure of the fugacity. If the fugacity in the vapor phase 
cannot be taken equal to the pressure, it may be calculated by 
one of the preceding methods. 

We will calculate the fugacity of liquid chlorine at 25®C and 
at the pressure (7.63 atmos.) at which it is in equilibrium with 
the pure vapor. From measurements of the density of chlorine 
gas, we find at 25°C that a/RT in Equation 23 is 0.011. Hence 
at the vapor pressure, namely at 7.63 atmos., 

7 63 “ ^ ^ 

or / = 6.99 atmos. The fugacity thus differs from the pressure 
by nearly 10%. The fugacity of the liquid chlorine at 25®C 
and 7.63 atmos. is also thus found to be 6.99. 

The fugacity of a liquid or solid changes very little with moder¬ 
ate changes in pressure, and this change may therefore often 
be neglected. However, it may readily be calculated by means 
of Equation 7. For ordinary purposes the molal volume may 
be regarded as constant, and 

KTln = v(P - P') (approx.). (26) 

The molal volume of liquid chlorine (based on the formula CI 2 ) 
is about 51 cc. Substituting this value in Equation 26 and 
using P = 1, P' = 7.63, we find the fugacity of liquid chlorine 
at 25®C and one atmos. to be 6.90 atmos. 

To this calculation it may be objected that liquid chlorine 
cannot exist at 25®C under a pressure of one atmosphere. As a 
matter of fact, owing to the phenomenon of superheating, it can 
so exist, but this is not important. We shall often, for con¬ 
venience, make calculations for substance^ in states which are^ 
incapable of actual existence. Thus we shall not hesitate to 
use the fugacity and the free energy of ice at 25®C, or of rhombic 
sulfur at 150®C. 

Since the fugacity is defined with reference to the gaseous state at low 
pressure, it is the molal weighVin that state which we must use consistently 
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in our fugacity equations. Thus in the case which we have just considered, 
the molal volume in any phase is to be based upon the formula Cls, and is 
the volume of 2 X 35,46 grams. There remains a slight possibility of am¬ 
biguity when a substance may appear in more than one molecular species 
in the gaseous state. At high temperatures chlorine dissociates into the 
monatomic form. Therefore at high temperatures, and indeed theoretically 
at all temperatures, an indefinite diminution in pressure would mean com¬ 
plete dissociation of chlorine into the monatomic form. If we had accurate 
volume measurements at all pressures down to those corresponding to 
nearly complete dissociation, we could state fugacities with respect to either 
of the two formulas Cl 2 or Cl, but it would be necessary to specify the one 
chosen. 


Change of Fugacity with Temperature 

We have seen that at least theoretically any substance may 
be converted isotherrnally into a vapor and that this vapor 
may be made to approach the perfect gas, without limit, as the pres¬ 
sure is indefinitely diminished. Suppose now that we have a 
substance in a given state and compare its molal free energy f 
with the molal free energy f*** in the vapor state, at some very 
low pressure and at the same temperature. We are to consider 
the increase in free energy when one mol of the given substance is 
converted into the highly attenuated vapor. By Equation 2, 

F* - f = RT In (27) 

Differentiating this equation with respect to temperature, 
while the pressure upon each of the two states remains constant, 

{w)r -«•” f+(-ifO,- 

In the gas at very low pressure the fugacity is equal to the 
pressure. Hence /* does not change with the temperature 
at constant pressure, and the next to the last term disappears. 
Also by Equation 27, R In (/*//) = (f* - v)/T, whence 

/ dr*\ /dF \ F* F pm /d In A 

\W}p “ \dT)p “ 3P \ dT 


(29) 
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Now employing Equation XIV-12 wc obtain the simple equation 



The important quantity h* — h has been called the ideal heat 
of vaporization. It is the increase in heat content when the 
substance escapes into a vacuum. 

Equations 6 and 30, which are exact, lead to the approximate 
formulae of the last chapter (Equations XVI-9 and XVI-10), 
if the vapor of the substance in question is assumed to be a 
perfect gas, and if the vapor pressure is substituted for the 
fugacity. 

Obviously Equation 30 can be applied not only to a solid or 
liquid phase, but to a gas at any finite pressure. In the latter 
case H* — H is the total Joule-Thomson heat. We have pre¬ 
viously considered the heat of free expansion of oxygen at 0®C 
from 200 atmos. down to 1 atmos. and found it to be 340 cal. 
per mol. This is the same as the heat of free expansion to zero 
pressure if we neglect the small heat of expansion from 1 atmos. 
to zero pressure, and we may write h* — h = 340 cal. We must 
then express R in calories per degree (1.9885), and write T = 273. 
Hence {d In f/dT)p at 0®C and 200 atmos. is 0.0023, and the 
fugacity is increasing at the rate of 0.23% per degree. We 
have seen in Table 1 that under those conditions the fugacity of 
oxygen is about 15% less than the pressure. Therefore, with 
rising temperature, the fugacity at 200 atmos. is approaching 
more nearly to the gas pressure, and at the above rate would 
reach it below 100°C. However, the Joule-Thomson heat 
itself diminishes with increasing temperature, so that as the 
temperature is increased the fugacity approaches the pressure 
more slowly.^ 

Exercise 1. From the following table of Amagat for hydrogen at 0®C, 
find, by the second graphical method, the fugacity of hydrogen at 1000 
atmos. 

^The fugacity may eventually reach and somewhat surpass the pressure, for we believe 
that other gases at high temperatures would behave os hydrogen and helium do at ordinary 
temperatures. 
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Table 3 


p 

Pv 

P 

Pv 


RT 


RT 

100 

1.069 

600 

1.431 

200 

1.138 

700 

1.504 

300 

1.209 

800 

1.577 

400 

1.283 

900 

1.649 

500 

1.356 

1000 

1.720 


Exercise 2. Plot very roughly a of Equation 12 against P, from the 
data of Table 1, and find approximately the pressure at which //P is a 
minimum. 

Exercise 3. Show that at moderate pressures Equation 10 is consist¬ 
ent with van der Waals’ equation, by expanding the latter in series, and 
omitting terms of higher order with respect to P or to 1/v. 

Exercise 4. Using van der Waals’ equation, integrate Pdw between 
V and v'. Then by Exercise XIV-4 show that 

In / - In 1, (31) 

and further show that this is identical with Equation 18. 

Exercise 5. The fugacity of liquid water at 25®C is approximately 
0.0313 atmos. Taking the ideal heat of vaporization as 10460 cal. per mol, 
calculate the fugacity at 27®C. 

fbcERCisE 6. Assuming the constants used in obtaining Table 2, show 
that at 0°C and 5 atmos. the fugacity of carbon dioxide is about 4.88 atmos. 

Exercise 7. If / and In / depend upon temperature and pressure alone 
we may write 

Jl./ - 

for any pure phase. If two phases are in equilibrium, In / » In and the 
condition that equilibrium is maintained during some infinitesimal change 
is that d In / - (i In /. By the method thus suggested repeat the proof 
of Equations XVI-4, XVI-5 and XVI-8, using In / instead of P. 



CHAPTER XVIII 


APPLICATION OF THE SECOND LAW TO SOLUTIONS 

Since the beginning of our study of the second law of ther¬ 
modynamics there has been such a variety of subjects demanding 
consideration that we have been obliged to postpone any separate 
and detailed treatment of solutions. Of course our fundamental 
laws and equations have been obtained for any sort of system, 
and it only remains to consider the special forms which they 
assume when a phase contains more than one constituent. Such a 
phase is ordinarily a liquid, but the same thermodynamic equa¬ 
tions are also valid for gaseous solutions and for solid solutions. 


The Escaping Tendency from Solutions 


Partial Molal Free Energy and Entropy. Let us consider 
any solution containing mols of Xi, Uz mols of X 2 , etc. The 
free energy of the solution is related to the heat content and the 
entropy by Equation XIV-2, 

F = H -TS, 


Now if we wish to ascertain the effect produced by adding a 
small quantity of one of the constituents at constant tem¬ 
perature and pressure, we differentiate this equation with respect 
to the number of mols of that constituent. For example, 


dF\ 

,dni/ T,p,nt, •.. 



( 1 ) 


Now we recognize dH/drii as fli, the partial molal heat content. 
In the same manner we denote the other two coefficients by 
Pi and Si and so define the partial molal free energy and the 
partial molal entropy. Thus, 


Pi = fl, - rsi. 

203 


(2) 




204 


THERMODYNAMICS 


Chap. XVIII 


To illustrate the meaning of these quantities, let us consider a 
system composed of solid sodium chloride and its saturated 
aqueous solution. It is a condition for equilibrium that if any 
infinitesimal quantity of solid phase passes into the solution, 
dF = 0. Hence if F 2 (s) denotes the molal free energy of the solid 
salt, and fz, the partial molal free energy of the salt in solution, 

P 2 = F2(s). (3) 

This transfer of an infinitesimal quantity of salt, at the point 
of equilibrium, is reversible; and if the heat absorbed, per mol 
of salt dissolved, is divided by the temperature, we find the partial 
molal entropy § 2 , less the molal entropy of the solid salt S 2 (s). 

Change of Partial Molal Free Energy with Pressure and 
Temperature. Starting again with some solution of fixed com¬ 
position, we have the important Equations XIV-9 and XIV-12, 
namely, 



In the same way that these equations wcie obtained, we may 
derive the analogous equations for the partial molal free energy 
by differentiating Equation 2 with respect to pressure and tem¬ 
perature. More simply, we may differentiate Equations XIV-9 
and XIV-12 with respect to the number of mols of some consti¬ 
tuent. Performing this differentiation, and remembering that 
by Equation 111-5 the order in which two partial differentiations 
occur is immaterial, we find,^ 



and here we notice that while the escaping tendency of a pure 
substance must increase with the pressure, this is not true for 
a substance in solution, where V may be negative. 

Likewise we find. 



> The u«e of the second subscript in the partUl differential coefficient will denote constancy 
of composition. 
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In the same manner, we may show that all of the equations 
of our recent chapters have identical form when the partial 
molal quantities are substituted for molal quantities. Indeed 
the study of free energy changes in systems which involve 
solutions introduces nothing essentially new, as we may show by 
a simple example. 

Let us see how we may determine the change in free energy, 
at 40®C, when a mol of sodium chloride dissolves in a large 
amount of 6.12 M solution, according to the equation, 

NaCl(s) = NaCl(6.12 M). 

At this composition, the solution is saturated at 25®C, at which 
temperature therefore AF = P 2 — F 2 (s) = 0. In order to cal¬ 
culate AF at another temperature we use the data of Chapter 
VIII. Thus from Table VIII.5, AHm = - 702 + 1019 = 317 
cal. The molal heat capacity of solid sodium chloride is about 
12, hence, by Table VIII-2, ACp = 25 — 12 = 13. Assuming 
ACp constant over the small temperature range from 25® to 
40®C, we have now the material for calculating AF at 40®C, by 
means of Equation XV-9 (see Exercise 1). 

The Fugacity of a Dissolved Substance. Proceeding as in the 
case of a pure substance, we may partially define the fugacity 
of a solution constituent by the equation 



or 

Pi = RT In U +Bi, (7) 

where Bi is a constant for a given substance at a given tem¬ 
perature. 

The statement that a system is in equilibrium when, and only 
when, the fugacity of every susbstancc is constant throughout, 
holds also for systems which contain solutions. The numerical 
value of the fugacity of any constituent of a solution may there¬ 
fore be obtained, just as in the case of a pure solid or liquid, if 
we can ascertain the fugacity of the constituent in the vapor 
phase over the solution. 
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Also by methods identical with those used in deriving Equa¬ 
tions XVII.6 and XVII-SO, we find, 



and 

( = Hi* - ^1 .QX 

\ ST/p,^ RT^ ' ^ ^ 

where Hi* — fii is the heat absorbed per mol when a small quan> 
tity of the constituent Xi evaporates from the solution into a 
vacuum. 

It is of interest to combine two or more equations of the type 
of (8) or (9) by means of Equation IV-15, thus obtaining, 


and 



y 

Rf' 


H* - H 

~Rt^ 


( 10 ) 

( 11 ) 


where v is the volume and h* ~ h is the ideal heat of vaporiza¬ 
tion of one mol of the solution.^ 


Exercise 1. From the data given in the text, complete the calculation 
of AF at 40®C for the dissolving of sodium chloride in 6.12 M solution. 

Exercise 2. Show that the change of entropy when one mol of sodium 
chloride is dissolved in its saturated solution, at 25^C, is about unity. Cal¬ 
culate AS when sodium chloride dissolves in 6.12 M solution at 40°C. 

Exercise 3. The molal volume of sodium chloride in the solid state 
is greater than its partial molal volume in a saturated solution. How does 
the solubility change with the pressure? 

Exercise 4. Combining the data of Exercise XVIl-5 and of Table 
VIII-7, and assuming that water vapor obeys the gas law, calculate, at 
25°C, the percentage change per degree in the vapor pressure of water 
above 50 mol percent sulfuric acid. 

Exercise 5. Let dnt mols of X 2 be added to a system composed of 
two or more phases; let the total free energy be taken as the sum of the 
free energies of the several phases of the system, F « F' + F" + • • • , 

> Substituting the vapor pressure for the fugacity in Equations 9 and 11. we may obtain 
two approximate equations which are simplifications of an ^uation obtained by Kirchhoff 
(Ann. Phyikt (2). 104, 612 (1868)). and of one obtained by Nernst (‘*Theoretiache Chemie/* 
Enke, Stuttgart, 1900>. See Lewis iProe. Am. Aead.^ 43, 259 (1907); Z. phytik. Chem., 61, 
129 (1907)). 
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The partial molal free energies ft equal. Let dn% •> drit + 

dn%' + * * *1 where driz is the amount going into the fitst phase, and so on. 
Show that here, as in the case of a single phase, dF/dm « Pt - P*" » • • •. 

Change op Escaping Tendency with Composition 

In treating the effect of pressure and temperature upon the 
escaping tendencies of the components of a solution, we have 
obtained equations which are identical in form with those found 
for pure substances. We turn now to a problem which has no 
analogy in a system of pure phases. 

In every realizable case the escaping tendency of any constitu¬ 
ent of a solution increases with the mol fraction of that con¬ 
stituent. Perhaps we should only say that this is true in all 
cases hitherto realized. It is conceivable that an exception 
might be found in a solution of highly viscous or glassy character. 
Indeed our first statement is not a thermodynamic one, and 
we shall discuss hypothetical cases in which this statement is not 
true. It is analogous to the statement that in every realizable 
case the volume of a system diminishes with increasing p’-essure. 
This fact has not prevented us (Chapter XVI, Figure 2) from dis¬ 
cussing thermodynamically a hypothetical case of the opposite 
kind. 

In order to obtain an exact expression for the effect of change 
of composition upon the escaping tendencies of the various con¬ 
stituents of a solution, we may employ the general equation for 
partial molal quantities (Equation IV-21) which we have already 
used in studying partial molal volume and partial molal heat 
content. Introducing the free energy into this equation, we obtain 
a formula of fundamental importance, first obtained by Gibbs, 



The equation does not permit us to determine in any case how 
the escaping tendency of each constituent changes with its mol 
fraction, nor is this possible from thermodynamics alone. But 
if we have experimentally solved this problem for one constituent 
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of a binary mixture, then it is solved for the other constituent 
by Equation 12. 

What Elquation 12 tells us is that when the two mol fractions 
are equal, the slopes of the two curves are equal and opposite 
in sign; when Hi = 14 and n* » dPj/flNi = - M dfi/dHi, 
and so on. In general, if one of the curves is known, and we know 
a single point on the other curve, the slope of the second curve is 



Figure 1. —Partial Molal Free Energies in Solutions of Carbon Bisulfide and 

Acetone. 

determined at that point. Hence it is possible, by graphical 
or by analytical methods, to build up the second curve through 
the range of composition over which the first curve is given. 

The trend of the partial molal free energy of each constituent 
in a mixture of carbon bisulfide and acetone is shown* in Figure 1. 
The mol fraction is plotted horizontally so that the left-hand 

1 Since we never attempt to obtain the numerical value of frira energy, but only its change 
when we pass from one condition to another, each curve can be shifted vertically at will. The 
ordinates give therefore in each case r-f const. 
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axis of ordinates represents pure acetone; and the right-hand 
axis of ordinates, pure carbon bisulfide. 

The curves in Figure 1 suggest that f is one of the partial 
molal quantities, mentioned in Chapter IV, which numerically 
approach infinity as the corresponding mol fraction approaches 
zero. That this is the general characteristic of partial molal 
free energy is demonstrated by a consideration of the fugacity 
and its relation to vapor pressure. 

Writing as before, 

= RT In/i + Bi, 

we see that if, in any given condition, and /i have finite values, 
Bi also is finite. Now the vapor pressure of any constituent 
of a solution must approach zero as its mol fraction approaches 
zero. But as the vapor pressure approaches zero, it becomes 
equal to the fugacity. Therefore, when Ni *= 0, /i = 0. Hence 
RT In /i = — cx), and Pi = — oo. 

We have not explained how we obtained the values of P plotted 
in Figure 1. In fact, of the various methods which are employed 
in the determination of partial molal free energy, the’*e are 
several which we arc not yet in a position to discuss; but the 
simplest and one of the most useful of these methods consists in 
determining the vapor pressure, and thence the fugacity, of the 
constituents of a solution. 

If we use fugacity in place of free energy. Equation 12 becomes 



In a binary solution, where dNi = — dN 2 , this equation becomes 



When the vapors are nearly perfect gases we may substitute 
partial pressures' for fugacities, and obtain the approximate 
equation 



> The Bignificance of ‘‘partial presaurca'* will be made more precise in the next chapter. 
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This approximate equation was found by Duhem,‘ and it is in this 
form that these fundamental relations between escaping tendency 
and composition have received their most extensive experimental 
verification; especially in the work of Zawidzki,^ who determined, 
over the whole range of concentration, the partial vapor pres¬ 
sures from numerous binary liquid mixtures. We will reproduce 
in Figures 2-5 his curves for the four pairs, propylene bromide- 
ethylene bromide, carbon bisulfide-acetone, acetone-chloroform. 



0 0.2 0.4 0.6 0.8 1.0 0 0.2 0.4 0.6 0.8 1.0 

Mol Fraction of Propylene Bromide. Mol Fraction of Carbon Bisulfide. 

Figure 2. Figure 3. 


and pyridine-water. No discernible iliffercnce would be made in 
these figures if wc plotted the actual fugacity in place of the 
partial pressures. 

Although a reference to Zawldzki’s original paper will show 
better the excellence of the quantitative agreement, an inspection 
of the curves shows that their slopes conform to Equation 15, 
which may also be put in the alternative form, 


= V\ /P?. 

3n/ aNs Ni N2’ 


(16)* 


One of the simplest corollaries of this equation is that, if one 

I Dufaem, Compl. rend.f 102, 1449 (1886;. 

*Zawid»ki. Z, phynk. Chem., 38. 129 (1900). 
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of the curves is a straight line through a certain range of com¬ 
position, the other is also a straight line through the same range. 
For if the first curve is straight, dpi/dNi = Pi/ni, whence 
dps/dNt • P 2 /N 2 . Such a case is illustrated in Figure 2. 

The Critical Mixing Point. If we study, over a range of 
temperature, the fugacity-mol fraction curve of one of the com¬ 
ponents of such a mixture as that represented in Figure 3, we 
often find that as the temperature is lowered the curvature 


h 

9 

£ 

I 

> 

*3 

0 ^ 




Figure 4. Figure 5. 


becomes more pronounced, as illustrated in Figure 6. Finally 
a temperature T' is reached, where the curve is horizontal at a 
point C. If the solution at C is further cooled, it breaks into 
two phases. The whole phenomenon is closely analogous to 
the phenomenon of the critical point in the case of a pure sub¬ 
stance, and therefore the temperature at this point is known as 
the critical mixing temperature,' and the composition as the 
critical composition. 

At this critical point, since the curve is horizontal. 


= 0 ; = 0 . 

3Ni 3Ni 


(17) 


> In peculiar cases, we find two substances which are miscible in all proportions below a 
certain critical mixing temperature, and form two phases above that temperature. 
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Hence for the other component, by Equations 13 and 12, 

I&.-0; 1^-0. (18) 

dNi dNi 

If, below the critical mixing temperature, we could prevent 
the separation into phases, we should expect to obtain for both 
constituents something like the dotted portions of the two 
curves T", each having a maximum and a minimum, and a 
certain region in which the escaping tendency would diminish 
with an increase in mol fraction. In practice, however, except for 



Fiourb 6. 

a small degree of possible supersaturation, separation into two 
phases occurs. This separation must occur in such measure 
as to make the escaping tendency of either constituent the same 
in both phases. 

Exercise 6 . Show that the partial molal entropy in a solution ap* 
proaches an infinite positive value with increasing dilution. 

Exercise 7. Show that in the curves T* of Figure 6 the maximum in 
the curve for one constituent must come at the same composition as the 
minimum in the curve for the other. 

Exercise 8 . Show diagrammatically the sbrt of fugacity-composition 
curves which would characterize a solution possessing two critical mixing 
temperatures^ between which separation into two phases occurs. 
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Exercise 0. A constant boiling solution is one in which evaporation 
causes no change in the composition of the liquid. In other words, the 
composition of liquid and gaseous phases must be identical. If the vapors 
may be assumed to be perfect gases, then the ratio of the two partial pres¬ 
sures is equal to the ratio of the mol fractions in the liquid. Hence show 
that 


dpi , dpi - 
dNi dNi 


(19)* 


and that the total vapor pressure, P » pi -f pi, is a maximum or minimum. 
This is an important principle in the theory of distillation. 


Osmotic Pressure 

Upon adding a solute to any solvent, as the escaping tendency 
of the solute increases that of the solvent diminishes, as shown in 
Equations 12 and 13. This lowering of the escap¬ 
ing tendency of a solvent by the dissolved sub¬ 
stance is evidenced in numerous ways. Thus the 
vapor pressure of water from a salt solution is 
lower than the vapor pressure of pure water at 
the same temperature; or, again, if such a salt 
solution is brought into contact with ice at 0®C, 
equilibrium does not exist, and the ice disappears. 

However, it is possible to increase the pressure 
upon the solution until the escaping tendency of the solvent is 
the same in the solution as in the pure state. ^ This increase in 
pressure, which ordinarily is greater the higher the concentration 
of the solute, is known as the osmotic pressure. 

The botanist Pfeffer^ discovered the phenomenon of osmosis 
when he found certain membranes, known as semi-permeable 
membranes, which permit the free passage of water, and which 
do not permit the passage of certain substances dissolved in 
water. In Figure 7, A represents such a semi-permeable mem¬ 
brane between the space AB, which contains an aqueous solution, 
and the space AC, which contains pure water. If the pressures 
are the same on both sides, the escaping tendency of the water is 

* In the rare caae in whicli the partial mola! volume of the solvent is negativst its escaping 
tendency is increased when the pressure is lowered. 

• Pfeffer, '*Osinotische Untersuchungen,*’ Leipsig, 1877. 
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less in the solution, and the phenomenon of osmosis will occur; 
that is, water will flow through the membrane from left to right. 
But if the pressure upon the piston B is increased (or that upon 
the piston C is diminished) to the point where the escaping 
tendency of the water is the same on both sides, then equilibrium 
prevails, and water will pass through the membrane in neither 
direction. If P® is the pressure upon the pure solvent, and P is 
the pressure upon the solution when osmotic equilibrium is 
maintained, P — P® is the osmotic pressure. 

In the early study of the theory of solutions, van’t Hoff^ made 
important use of the conception of osmotic pressure to obtain 
results of great value. Except, however, for its historical sig¬ 
nificance, the osmotic pressure is not a phenomenon of primary 
importance; it will suffice here to show the simple relation be¬ 
tween the osmotic pressure and the escaping tendency of the 
solvent. 

Let Fi® be the molal free energy, and f° the fugacity, of a 
pure solvent at pressure P°, and let and /i be the partial 
molal free energy and the fugacity of the solvent in some solution, 
also at pressure P®. Now the Pi may be made equal to Fi®, 
and/j to /i®, by changing the pressure on the solution isothermally 
from P^ to P. Hence by Equations 4 and 8, 


PjO - Pi == RT In 




( 20 ) 


For dilute solutions, in which the osmotic pressure is small, 
Vi may be regarded as constant and e(iual to Vi, the molal volume 
of pure solvent. Hence as an approximate equation we write. 


Fi® - Fi = RT In 


fjl 

fi 


Vi (P - P"). 


( 21 )* 


The osmotic pressure thus furnishes a method of determining 
the escaping tendency of the solvent from a solution. In 
practice, however, it is a method which is far more cumbrous 
and inaccurate than numerous others which we shall have 


lvaa*t Hoff, Z. phy$ik, Chem.^ 1, 481 (1887). 
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occasion to employ. In theoretical work, the osmotic pressure 
has been used as a thermodynamic function, but here again it 
proves an awkward substitute for such quantities as the free 
energy and the fugacity. However, in the infinitely dilute 
solution the equations of osmotic pressure assume a simple form 
which we shall discuss in Chapter XX. 

Equilibrium between Phases which may be Solutions 

The types of equilibrium in systems containing two or more 
substances are so numerous and so complex that we must content 
ourselves here with a few simple illustrations. 

The properties of a given amount of a binary solution are 
determined by temperature, pressure and composition, the 
latter being fixed when the mol fraction of either constituent is 
given. When two phases in equilibrium are present, for example 
solid water and brine, or the two liquid phases obtained by mixing 
ether and water, or aqueous hydrochloric acid and its vapor, the 
system is restricted to two degrees of freedom, and in thk respect 
resembles a single phase of a pure substance. 

Change of Eutectic Temperature with Pressure. With three 
phases in equilibrium the case is analogous to two phases of a 
pure substance, with one degree of freedom. Thus the whole 
system is determined when we choose the temperature, or the 
pressure, or the composition of one phase which contains both 
constituents. As an example of such a system, we may consider 
a solid salt, ice and a saturated solution, at the eutectic point. 
If the temperature is changed, the pressure, as well as the com¬ 
position of the solution, must change by a fixed amount, in 
order to maintain equilibrium. 

In this very simple case the rate of change of the eutectic 
pressure with the temperature may be immediately ascertained 
by the methods of Chapter XII. But it will be instructive to 
go through the more complicated calculation in which we investi¬ 
gate the escaping tendency of each substance in the several 
phases. If we denote by f/ the molal free energy of water in 
the solid state, and by I'l its partial molal free energy in the 
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solution, the first condition of sustained equilibrium is that 
Ti * Pi, and dp/ - dPj. But we may write 

dp. -||dr + ||dP + ||.|dNi, (22) 

and for the ice, since it is a pure phase, 

dp/ = |^dT+^P. (23) 

Equating these two expressions, and substituting the values 
of the temperature and pressure coefficients, by means of Equa¬ 
tions 4 and 5, and the corresponding equations for the pure 
substances, wc find 

(8/ - S.) dT -I- (P, - v/) dP + III dN, = 0, (24) 

and likewise for the second constituent, 

(8/ -e,)dT + (Pi - ViO dP + III dN, = 0. (25) 

Now the remaining differential coefficients are eliminated, in 
accordance with Equation 12, if we multiply the first equation 
by N, and the second by Nj, and then add. . Hence 

(N,s/ - NiS, + NiSi' - N*S2)dT = 

(niVi' — N,P, -b NaVi' - NjP*)dP. (26) 

But we recall that, by Equation TV-18, NiS, and n»S» together 
equal s, the entropy of one mol of the solution, while N,s/ + 
NtSi' give the entropy of the corresponding amounts of the two 
solids. The algebraic sum of all these terms is therefore AS, 
the increase in entropy when one mol of the solution is formed 
from the two solids. Similarly the volume terms together 
give AV in the same process, and we obtain an equation which 
we might have taken directly from Equation XII-18. It is 
identical with the equation for the change of pressure with 
temperature when only one component is present and only two 
phases, namely. 


dP AS AH 
dT “ AF “ TAV * 


(27) 
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The Solubility Curve of a Dissociable Solute. Let us consider 
one further case in which we deal simultaneously with an equi¬ 
librium between phases and an equilibrium in a chemical reac¬ 
tion. We may select for such a study the solubility curve of 
a hydrated salt such as CaCls-6HtO. 

If we are dealing with a system of two components, and one 
of our variables is fixed, as when the pressure is kept constant 
at one atmosphere, a system of two phases has one remaining 
degree of freedom, and either temperature or composition may 
be arbitrarily varied, but not both. Thus, if the two components 
are CaCl* and HjO, and the two phases are CaCU • 6HjO and a 



0.130 0.135 0.140 0.145 0.150 0.155 

Mol Fraction of CaCl*. 

Figure 8.—Solubility of CaCb-611*0. 


solution, the relation between the temperature and the com¬ 
position of the solution may be represented by a continuous 
curve, as in Figure 8, where temperature is the ordinate, and the 
mol fraction N 2 of CaCU in the solution is the abscissa. 

At the maximum point of the curve, where the composition 
of the solution is the same as that of the solid, any finite addition 
of either H 2 O or CaCU will lower the equilibrium temperature. 
But if in the solution there is any appreciable dissociation of 
CaCU'fiHaO into its constituents, an infinitbsimal addition of 
either component does not change the equilibrium temperature. 
In other words, the point in question is a true maximum of a 
continuous curve, and not a cusp, or a point of intersection of 
two curves. This theorem, due to Lorentz and Stortenbeker,* 
may be demonstrated as follows: 

< Stortenbeker, Z. ph^tik, Chem., 10. 183 (1802). 
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Although this system is one of two independent constituents, 
we may, if we choose, consider three constituents present in the 
solution, namely, ni mols of H 2 O, n 2 mols of CaCU, and n^ mols 
of CaCl 2 - 6 H 20 , with the partial molal free energies Pi, P 2 , and Pa. 
At the melting point of the pure hydrate, its composition is that 
of the solution, and therefore Ni = 6 N 2 (however far dissociation 
may occur according to the equation CaCU -GHoO = CaCU + 
6H,0). 

Let us now find the effect of adding dui mols of water. By 
Equation 12 (put into the alternative form of Equation IV-17), 
we have at constant temperature and pressure, 

nidPi 4- n2df^ + wadPa = 0, (28) 

or 

?i 2 (GdPi 4“ ^^Pa) 4* 'ftidPz — 0. (29) 

Now CaCL - 6 H 2 O, CaCla and H 2 O are in equilibrium and must so 
remain. Therefore, by Equation XIV*7, 

AF == P 3 — 6 P 1 — P 2 =0^ dPs = GdPi 4“ dPa. 
Combining this with Equation 29, we find 

n2dP3 4 - nzdfz == 0; dPs = 0. 

In other words, the escaping tendency of CaCU-61120 in the 
liquid phase is not changed by an infinitesimal addition of water, 
and it will therefore remain in equilibrium with the solid CslCU • 
6 H 2 O without change in the equilibrium temperature. 

Of course thermodynamics is unable to predict how flat such 
a curve as that of Figure 8 will be. This must depend upon 
the extent to which the compound dissociates, for, if there were 
no dissociation at all in the solution, adding one of the components 
would be like adding some foreign constituent, and the contin¬ 
uous curve would be replaced by two curves intersecting at the 
melting point, as illustrated by the dotted lines in the figure. 

There is an interesting field in which a serious error crept 
into the literature owing to the neglect of the principle that the 
freezing point of a dissociable substance is not affected by a small 
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addition of one of its components. Several authors, who in¬ 
vestigated the lowering of the freezing point of salts by the 
addition of other salts, found that the freezing point of a sub¬ 
stance like potassium chloride is lowered no more by a small 
addition of sodium chloride than it would be by the same number 
of mols of a substance incapable of dissociation. They therefore 
concluded that sodium chloride dissolved in fused potassium 
chloride was undissociated. 

This unexpected conclusion was discussed in a seminar in 
Boston, and it was pointed out by one of the present authors 
that the experimental facts could be quite otherwise interpreted, 
and that they spoke rather for a large dissociation of the solvent 
than for a small dissociation of the solute. Thus, if fused potas¬ 
sium chloride, at its freezing point, is largely dissociated (KCl = 
K+ + Cl“), then a small addition of one of these ions will not 
lower the freezing point. If then a small amount of sodium 
chloride is added, the dissociation of one mol will not produce 
two mols which are capable of lowering the freezing point, but 
only one, namely Na"^. 

It was then suggested by Professor W. C. Bray that a decision 
could be made between the two interpretations by studying 
a pair such as PbBr 2 and PbCb. If the former is dissolved in 
the latter at its freezing point, the complete dissociation of one 
mol of PbBr 2 would give two mols of the foreign substance Br“. 
Therefore, if dissociation occurs, the molal lowering of the freezing 
point should be greater than that calculated for an undissociated 
solute. Goodwin and Kalmus^ performed this experiment and 
found the molal lowering to be about 70% greater than that 
calculated, thus indicating a very large dissociation of the solute. 

Exercise 10. The vapor pressure of water over a certain solution is 
0.95 times that over pure water. Assuming the partial molal volume of 
water to be equal to the molal volume in the pure solvent, calculate approxi¬ 
mately the osmotic pressure at 25®C. 

Exercise 11 . Show from the phase rule that, under constant atmos¬ 
pheric pressure, a sodium chloride solution in the presence of the solid salt 
has one degree of freedom. Let us calculate in this case the change in the 
fugacity of water from the saturated solution os the temperature varies. 

* Qoodwio and Kalmus, Phyt. Hev.t 28,1 (1900). 
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Let fi be the fugacity of water from the solution^ /*' that of solid salti and 
/i that of the dissolved salt. We write d In /a » d In /a^ and further 

dln/« 

din/,' - ^^dT. 

From these equations show that 

liH/' fl j , Na Ha' - fta 

dr “ 


where the numerators of the two last fractions are the negative of the dif¬ 
ferential heats of solution of attenuated water vapor and of solid salt. 

Exercise 12. Find numerically the percentage change in the fugacity 
of water, per degree rise in temperature, from a saturated solution of sodium 
chloride at 25®C, using the data of Table VlIl-5 and of Exercise XVII-5. 



CHAPTER XIX 


THE PERFECT SOLUTION 

When two liquids are mixed it is often possible to predict 
with close approximation the properties of the solution, when 
the properties of the pure constituents and the amounts of the^ 
constituents are given. Thus, if we are dealing with an extensive 
property like the volume, it may frequently be assumed that the 
volume of a solution is the sum of the volumes of the pure sub¬ 
stances of which it is composed. But when water and alcohol 
are mixed there is a large diminution in total volume. So also 
the internal energy is sometimes far from additive, as illustrated 
by the large evolution of heat when water and sulfuric acid 
are mixed. 

Nevertheless the fact that these phenomena excite comment 
shows that we consider them as exceptions to the noi mal results 
of mixing. Indeed it is a fact of observation that two liquids 
which are similar in chemical composition and in physical prop¬ 
erties, especially if they are of the less polar type, mix with little 
change in volume or energy. 

Moreover, a pair of such liquids approximates to Raoult's 
law,^ that is to say, it gives the linear type of curve shown in 
Figure XVIII-2, where the vapor pressure is proportional to the 
mol fraction. Such a result might be predicted from the kinetic 
theory, for, if the molecules of the two components are so closely 
identical that the forces between unlike molecules are the same 
as those between like molecules, it would result from the laws 
of chance that the number of molecules of either constituent 
escaping into the vapor phase would be proportional to the rela¬ 
tive number of those molecules in the liquid. 

« Rftoult, Compt. rend., 104, 1430 (1887); Z, phyik. CAem.. 3. 353 (1888). 
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Among organic isomers pairs of substances may be found 
whose properties are so nearly identical that we may expect 
no measurable departure from linearity in the curves of vapor 
pressure against mol fraction. An even closer approach to 
identity is furnished by the recently discovered isotopes, which 
resemble one another so closely that the separation of a solution 
of two isotopes into its components presents a problem of the 
greatest difficulty. 

We are thus led to the conception of an ideal or 'perfect^ solu¬ 
tion with properties which are not perhaps possessed by any 
actual solution, just as in the perfect gas an ideal substance 
was invented with properties not possessed by any real substance. J 

In order to focus our attention upon the solution itself and 
not upon another phase in equilibrium with it, let us consider 
the fugacities rather than vapor pressures/yand define the perfect 
solution as one in which the fugacity of each constituent is pro¬ 
portional to the mol fraction of that constituent! Indeed we 
go still farther and require that this proportionaUxy shall exist 
at every pressure and at every temperature. 

This generalized statement of Raoult^s law is more compre¬ 
hensive than may be evident at first sight. It implies, among 
other things, that the volume and the heat content are additive, 
or, in other words, that the partial molal volume and the partial 
molal heat content of each constituent remain constant over 
the whole range of composition; otherwise, according to Equations 
XVII-6 and XVII-30, the fugacity might be proportional to 
the mol fraction at one temperature and pressure, but would not 
be at all temperatures and pressures. 

In accordance with our definition, we therefore write for any 
component of a perfect solution, 

/l =/i“Ni, (1) 

where /i° at a given temperature and pressure is a constant. 

If we can proceed over the whole range of concentration to 
Ni = 1, /i* appears as the fugacity of the pure constituent. In 
the ordinary case where the solution in question is a liquid, fi° 

> Lewis. J. Am. Chm. Soc., SO, 6«8 (1008). 
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represents the fugacity of the pure component in the liquid 
state. 

In terms of the partial molal free energy, Equation XVIII-6 
shows that for a perfect solution 

dFi = RTd In/i = RTd In Ni, (2) 

or 



Integrating between two compositions, 

Pi' -Pi =Rrin?-L. (4) 

Nt 

Benzene and toluene form nearly perfect solutions. Suppose 
that we have two reservoirs containing such mixtures; one, 
in which N 2 , the* mol fraction of the benzene, is 34; the other, 
in which it is We may then calculate the increase in free 
energy when a mol of benzene is removed from the first reservoir 
and added to the second: 

CcHeOn toluene, N 2 = 34) == CeHeCin toluene, N 2 = ?4) i 

AF = RT In 3. 

These equations will frequently be useful in approximate 
calculations when we may assume a perfect solution, in default 
of any definite information. Even when we know the deviation 
from Raoult's law, it will frequently be convenient first to 
assume a perfect solution and then to introduce these deviations 
as a correction to the first calculation. 

The types of deviation from the law of the perfect solution 
have already been illustrated in Figures 2, 3, 4 and 5 of Chapter 
XVIII. In the second of these cases the fugacities are all 
above those calculated from Raoult's law; it is in such mixtures 
that separation into two phases may occur. Indeed when two 
liquids are very nearly immiscible the deviations from the law of 
the perfect solution must be extremely great. Thus if mercury 
and benzene are brought together, the amount of either substance 
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which dissolves in the other is very smalh but the escaping 
tendency of each must be the same in both phases. 

As a rule, in case of incomplete miscibility, one phase consists 
chiefly of one of the constituents and the other chiefly of the 
other constituent. But this is not always the case. Kraus* 
has shown that a solution of sodium in liquid ammonia separates 
at low temperatures into two liquid phases, of which even the 
more concentrated contains not more than 10 mol per cent of the 
metal. Numerous peculiarities appear in the study of electro¬ 
lytes dissolved in water, where we shall find many cases in which 
the deviations from the law of the perfect solution are very great. 

We know that the mol fraction of a solution is determined, 
not merely by its composition by weight, but also by the chemical 
formulae which we ascribe to the individual components. Thus 
in a mixture of benzene and toluene, if we should give toluene 
its ordinary formula, but write benzene as CitHia, and reckon 
the mol fractions on this basis, the vapor pressures would no 
longer be proportional to the mol fraction. In many cases we 
have reason to believe that pure liquids and solutions contain 
more molecular species than there are independent components 
in a thermodynamic sense. This is usually due to the combina¬ 
tion of like or unlike molecules to form heavier molecules, the 
relative amounts of which vary with temperature, pressure and 
composition. 

In such cases we expect, and we find, large deviations from 
Raoult’s law. Some scientists have gone so far as to attribute 
all deviations from the perfect solution to the phenomenon of 
chemical combination or dissociation, but this view is certainly 
not tenable. Neither mercuiy nor benzene gives evidence of 
being an associated liquid, nor do the two form compounds 
with one another, yet their solutions deviate enormously from 
the pierfect solution.^ 

> Kraus, J. Am. Chem. Soe., 29, 1667 (1007). 

*van der Waals (Arch. Nierland, 24, 1 (1S90); Z. phynk. Chem., 5, 133 (1800)) developed 
an extensive theory of solutions in which a'^count was taken of the mutual attractions between 
like and unlike molecules. See also van Laar, '*Sechs Vortr4ge Ober das thermodynamische 
Potential," Vieweg, Braunschweig, 1006. The whole problem of the departure of solutions 
from Raoult’s law is discussed fully in a paper by Hildebrand (/. Am, Chem, Soc., M, 1462 
(1916)), 
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Gaseous Solutions 

As far as is known, all gases are miscible with one another 
in all proportions. The gaseous solutions so formed have been 
subjected to little detailed investigation, either from a theoretical 
or an experimental standpoint. Indeed, except at high pres¬ 
sures, no great error is introduced by assuming that each gas in 
the solution behaves the same, and exerts the same pressure, 
as it would if the other gases were absent. Hitherto this has 
been our own procedure, but sometimes we shall have occasion 
to deal with cases in which the experimental accuracy is so high, 
or the pressures are so great, as to warrant a more careful analysis 
of the escaping tendency of the constituents of a gaseous solu¬ 
tion, than the mere assumption of the perfect gas law affords. 

If a mixture of hydrogen and carbon dioxide, at 100 atmos., 
is contained in a vessel which is separated from another vessel 
containing pure hydrogen by a palladium plate, this plate will 
act as a semipermeable membrane, allowing hydrogen to pass 
through, in one direction or the other, until its fugacity is the 
same in both vessels. If the fugacity of the pure hydrogen 
is obtained by the method of Chapter XVII, that of the hydrogen 
in the solution is determined at the same time. 

Let us consider what meaning can be given to the partial 
pressure of a gas in such a mixture. It would seem at first 
sight that the partial pressure could best be defined as equal 
to the pressure of the pure hydrogen in the apparatus just de¬ 
scribed. However, this would be awkward, for if another 
membrane, permeable only to carbon dioxide, were added, and 
the equilibrium pressure of pure carbon dioxide then determined, 
the sum of the two pressures would not be equal to 100 atmos., 
the pressure of the mixed gas. For this reason it seems to us 
best to define the partial pressure of each constituent of a gaseous 
solution as the product of the total pressure by the mol fraction 
of that constituent. If the total pressure is P, each partial 
pressure wiD then be defined by such an equation as 


pi =- NiP, 


(5) 
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When a gaseous solution is at so low a pressure that each 
constituent may be regarded as a perfect gas, it evidently obeys 
the laws of the perfect solution. Sometimes, however, it is 
necessary to know how the escaping tendency of a constituent 
of a gaseous solution, under high pressure, changes with the 
composition. ’ Thus, when we consider the free energy of sulfur 
compounds, we shall see that one of the methods of attack has 
been to study the equilibrium in the reaction by which sulfur 
and sulfuric acid give sulfur dioxide and water vapor, at a 
total pressure of several hundred atmospheres. Before such 
results can be interpreted, it is necessary to estimate the fugacity 
of each gas. 

It seems reasonable to suppose that the solution of a given 
pair of substances will be more nearly perfect when the density 
of the solution is less, or, in other words, when the average dis¬ 
tance between the molecules is greater. We shall therefore 
expect gaseous solutions to be much more nearly perfect than 
corresponding liquid solutions, and since we find even among 
liquids numerous cases in which there is a close approach to the 
perfect solution, it is likely that almost any gaseous solution may 
be regarded as nearly perfect. 

This important question has not, as far as we know, been the 
subject of any theoretical or experimental investigation. Until 
further experiments have been made we shall assume that every 
gaseous solution is a perfect solution, and therefore that, at a 
given temperature and total pressure, the fugacity of each con¬ 
stituent is proportional to its mol fraction or to its partial pres¬ 
sure. Thus in the experiment of Zawidski, in which he meas¬ 
ured the vapor pressure, and the composition of the vapor phase 
in equilibrium with the solution, he obtained the partial pres¬ 
sures as we have defined this term. Assuming the vapor to 
be a perfect solution, these partial pressures would be exactly 
proportional to the fugacities if the total vapor pressure were 
constant. 

In considering the gaseous mixture as a perfect solution, 
we assume that the fugacity of each constituent is equal to its 
mol fraction multiplied by the fugacity which it would exhibit 
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as a pure gas, at the same temperature and the same total 
pressure. Supposing we know the approximate equation of 
state of pure carbon dioxide, we could then calculate its fugacity, 
say at 100°C and 100 atmos., as in Chapter XVII. We should 
then assume that in a mixture of carbon dioxide and air at the 
same temperature, having a total pressure of 100 atmos., and 
in which the mol fraction is 0.10, the fugacity of carbon dioxide 
would be one-tenth of that calculated for the pure substance. 

Equilibrium between a Pure Solid and a Perfect Liquid 

Solution 

Sometimes a binary solution, which might be expected to 
behave throughout as a perfect solution, cannot be studied over 
the whole range of composition, owing to the appearance of a 
new phase of one of the pure constituents. Thus, if benzene is 
gradually removed from a solution of benzene and naphthalene, 
it might be possible with care to proceed to pure liquid naph¬ 
thalene in a supercooled condition; and the solutions over the 
whole range would undoubtedly obey very nearly the law of the 
perfect solution. 

Ordinarily, however, before reaching the highest concentra¬ 
tions in naphthalene, that substance will separate out in the 
crystalline state. The resulting system, of pure solid naphtha¬ 
lene and a solution of naphthalene in benzene, furnishes an in¬ 
teresting study. We will assume that the solution is a perfect 
one, and therefore that the partial molal volume and the partial 
molal heat content of the dissolved naphthalene are equal to 
the molal volume and the molal heat content of supercooled 
liquid naphthalene. If / 2 ° is the fugacity of the latter, then for 
any mol fraction of naphthalene /2 = / 2 °N 2 . 

Let us now see how the solubility of naphthalene in benzene 
changes with the pressure and temperature. We have discussed 
such problems qualitatively in Chapter XVIII. Here we are 
in a position to make the calculation quantitative, after assuming 
the law of the perfect solution. We may deal first with a change 
in pressure at constant temperature. 
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Change of Solubility with Pressure. If /» and /*' represent the 
fugacity of the naphthalene in the solution and in the pure solid 
state, then if any change in condition occurs which leaves the 
solution saturated, these two quantities must remain equal, or 
we may write, d In /j = d In /s'. Since the temperature is con¬ 
stant, In /s' depends only upon the pressure, while In /s depends 
upon pressure and composition. Therefore 

dP = dP + - dNs. (6) 

BP BP ^N2 

Substituting for the first two differential coefficients from Equa¬ 
tions XVII-6 and XVIII-8, and writing Equation 1 in the form; 


we find 


dln/2^ 1 
dN2 N 2 ’ 


^dP 


dP + 
RT ^ 


(7) 

( 8 ) 


or, expressing in the equation the constancy of temperature, 



Since N 2 may be used as a measure of the solubility, this equation 
shows how we may calculate the change of solubility with the 
pressure, in the case of a perfect solution. 

For the system under consideration N 2 is about 0.50 at 323®K. 
The molal volume of solid naphthalene is about 115 cc., while 
^ 2 , which is also the molal volume of pure supercooled liquid 
naphthalene, may be calculated to be 128 cc. by extrapolating 
the values given for liquid naphthalene at higher temperatures. 
Since R = 82.07, {B In N2/5P)f = — 0.0004. Thus the solu¬ 
bility diminishes with increasing pressure, N 2 changing by 0.04% 
per atmos. In such a system, which involves only liquids and 
solids, the effect of pressure upon an equilibrium is so small as 
to be ordinarily neglected, except when we deal with very large 
changes in pressure. 

Change of Solubility with Temperature. A much more impor¬ 
tant equation is obtained when we consider the change of solu- 
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bility with temperature, at constant pressure. Proceeding 
precisely as before, and using Equation 7 with Equations XVII-30 
and XVIII-9, we find, 

/a In N 2 \ 

\dT )p ' Rf2 ^ ^ 

Here is the differential heat of solution, but it is also the 
heat of fusion of naphthalene at the same temperature, since 
fla, by the law of the perfect solution, is equal to the heat content 
of the supercooled liquid naphthalene. Over a small range of 
temperature Aff may be taken as constant, in which case a 
simple integration gives 




AH 

RT^ 


dT 



This equation was first obtained by Schroder^, who also made 
a thorough experimental investigation of solubilities of sub¬ 
stances of this type. According to his figures, naphthalene 
melts at 80®C. Therefore, at this temperature T', the solid is 
in equilibrium with pure liquid naphthalene and N 2 ' = 1. In 
contact with benzene at 61° C, naphthalene dissolves until 
N 2 = 0.689. Substituting these values and solving for AH^ the 
value 4600 cal. was found. This value he showed to be in agree¬ 
ment with the experimental determination of AH within the 
limits of experimental error. If a more thorough investigation 
should show some slight departure from Equation 10, it would 
prove that the naphthalene solution is not an entirely perfect 
solution. 


So also if we know the heat of fusion of both constituents of a perfect 
solution, the solubility of each in the mixture may be calculated. Wash* 
burn and Read* have shown how this method may be employed to calcu* 
late the eutectic point, namely the temperature at which both solids are 
in equilibrium with the liquid solution. The comparison of their calcu¬ 
lated and observed eutectic temperatures for these pairs of substances 
follows: 

1 Schrdder, Z. phyaik. Chem.t 11, 449 (1893). 

* Waahburn and Read, Proe. Nat. Acad. Sci., 1.191 (1915). 
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Calc. 

Obs. 

Benzene-naphthalene. 

. -3.56® 

-3.48‘ 

Benzene-diphenyl. 

. -6.1 

-5.8 

Diphenyl-naphthalene. 

. 39.4 

39.4 


It is interesting to note that in these considerations the specific 
properties of the solvents do not enter. Indeed it is evident 
that at a given temperature and pressure the solubility of a 
substance (expressed as the mol fraction) must be the same in all 
solvents in which it forms a perfect solution. For let us consider 
a temperature at which solid naphthalene has one-half as large a 



Mol Fraction of p-dibrombenzene. 

Figure 1. 

fugacity as the pure supercooled liquid. Then in any perfect 
solution of mol fraction 0.50 the fugacity in the solution will also 
be one-half that of the supeicoolcd liquid, and therefore the 
solution will be saturated with respect to the solid. Schroder 
found in fact that naphthalene has nearly the same solubility 
in benzene, chlorbenzene and carbon tetrachloride. He also 
obtained similar results with p-dibrombenzene, and found the 
curve of solubility and temperature almost identical in benzene, 
brombenzene and carbon bisulfide, but quite different in the 
alcohols, which, like all hydroxyl compounds, are in general ab¬ 
normal. Some of his results are given in Figure 1, where the 
points may be interpreted as expressing the solubility of p-dibrom- 
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benzene in the several solvents, or the lowering of the freezing 
point of p-dibrombenzene by the same substances. The con¬ 
tinuous curve represents values calculated by Equation 11. 

In this chapter we have gone rather fully into the theory 
of the perfect solution, notwithstanding the fact that in the 
ordinary calculations of thermodynamic chemistry we do not 
often meet with solutions which can be regarded as perfect. We 
have, however, presented in such detail the properties of these 
solutions, partly because the perfect solution is in some sense 
the norm with respect to which we may classify solutions in 
general; partly because in dealing with a solution whose proper¬ 
ties are unknown, we may, as a first approximation, apply the 
simple law in anticipation of later experimental investigation 
of the solution in question; but especially because in certain 
respects every solution whatsoever approaches the perfect solu¬ 
tion as a limit, as it becomes more and more dilute. This im¬ 
portant theorem will be the subject of the next chapter. 

Exercise 1. Assuming a perfect solution, what is the ratio between 
the fugacity of pure ether and the fugacity of ether in a solution containing 
10 g. of ether, 10 g. of benzene, and 10 g. of carbon bisulfide? 

Exercise 2. Employing Table XVII-2, find the fugacity of carbon 
dioxide in an equimolal mixture of carbon dioxide and oxygen at 300 atmos. 
and 60°C. 

Exercise 3. It will be noted that while V and fl arc constant in a 
perfect solution at constant temperature, this is not the case with F and s. 
Obtain the equation for (c)Si/dNi) 7 »p for a perfect solution, and the equa¬ 
tion for the change of entropy when a mol of Xi is transferred from a solu¬ 
tion of mol fraction Ni to a solution of mol fraction Ni'. 

Exercise 4. Employing Equation XVIII-21 as a first approximation, 
obtain the equation for the osmotic pressure of a perfect solution, 

/> _ p° = _ In N,. (12) 

Exercise 5. We have seen in Chapter XVII that chlorine gas, at 
25°C and 1 atmos., has a volume 1.1% below that calculated by the gas 
law. In a mixture of chlorine with air, in which the total pressure is 1 
atmos., and the partial pressure of Cb is 0.01 atmos., calculate the fugacity 
of the chlorine. 




CHAPTER XX 


THE LAWS OF THE DILUTE SOLUTION 

In the development of physical chemistry the dilute solution 
has played a very important rAle. Consequently, both in theory 
and in experiment, the study of very dilute solutions has been 
given a prominence perhaps even greater than it intrinsically 
deserves. The various laws of the dilute solution are really 
laws of the infinitely dilute solution, and it is purely an experi¬ 
mental problem to determine how far into the range of finite 
concentration these laws may be employed without material 
error. 

There are several of these laws which, although discovered 
independently, may be shown to be thermodynamically deducible 
from one another. We may mention vanH Hoff's law of osmotic 
pressure, the laws for the lowering of the vapor pressure and of 
the freezing point of a solvent obtained by Raoult and van't Hoff, 
and Henry's la^ for the vapor pressure of the solute. Because 
they are thermodynamically related, we shall see that if any one 
of these laws is assumed as an empirical fact the others necessarily 
follow. But they cannot all be obtained from thermodynamics 
alone, without some empirical ))asis. 

It is, however, astonishing to find what a small basis of experi- 
npiental fact is necessary for the development of the whole theory 
of dilute solutions. Let us consider a solution in which the mol 
fraction of the solvent is Ni, and that of the solute is N 2 . If N 2 
is infinitesimal we call the solution infinitely dilute. Plotting / 2 , 
the fugacity of the solute, against N 2 , as we did in Chapter XVIII, 
the slope of this curve at the point N 2 * 0 might be infinite, 
finite, or zero. We shall assume as an experimental fact that 
this slope is finite; namely, that when N 2 « 0, dft/ds% is finite.* 

> See Story, Z, phynik, Chstn., 71,120 (1910). When the solute dissociates, as when hydro¬ 
chloric acid is dissolved in water, we have the only known type of exception to the above rule. In 
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From this one assumption all the laws of the dilute solution 
may be deduced. 

Henry’s Law. In the first place, we may show that this as¬ 
sumption leads directly to the exact formulation of Henry’s 
law. It is an elementary proposition in calculus that in the 
immediate neighborhood of the point where x = 0 and y = 0, 
dy/dx = y/x. We have shown that fz = 0 when N 2 = 0, and 
therefore in the immediate neighborhood of this point, that is, 
in the region of the infinitely dilute solution, 


dN2 


= const., 
N2 


( 1 ) 


or 


fz = fcNi. 


( 2 )* 


In other words, at constant pressure and temperature, the 
/ 2 -N 2 curve starts out as a straight line, and in the infinitely 
dilute solution the fugacity of the solute is proportional to 
its mol fraction. By the nature of the proof, it is evident that 
this equation holds whether the solvent is a pure substance 
or is itself a solution. Thus in a mixture of any number of con¬ 
stituents, if one of these constituents is present in very small 
amount, its fugacity is proportional to its mol fraction. 

In this respect, therefore, any infinitely dilute solution has 
the character of a perfect solution. But the value of the con¬ 
stant k cannot be predicted. It depends upon the nature of both 
solute and solvent, and only in the special case of a solution which 
is perfect over the whole range of composition does the/ 2 -N 2 curve 
remain a straight line. It is therefore only in this case that k 
can be identified with the fugacity of a pure phase of the solute. 

We have seen in Chapter IV that when a solution becomes 
very dilute the mol fraction of the solute becomes proportional 
to the concentration c, and to the molality m. Hence, with dif¬ 
ferent constants, 

fi = Kc; ft = (3)* 


such OHM when Nt*0. If, however, we take the products of dissociation as our 

solute, instead of the dissociable substance, then the rule as stated holds for these cases also. 
However, since we are going to devote a later chapter to this problem of dissociation in solution, 
we will proceed now with the understanding that the laws of the infinitely dilute solution will 
not be applied, without further explanation; to cases in which the solute dissociates. 
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Equations 2 and 3 express in exact form the idea of Henry’s 
law, and are entirely true at infinite dilution. Henry’s law in 
its original form states that the vapor pressure of the solute is 
proportional to its concentration, or 

P2 = Kc, (4)* 

This is also true at infinite dilution, where fz and p 2 are both 
infinitesimal, and therefore equal to one another. If then at a 
finite concentration we find deviations from Henry’s law, it 
may be that the concentration is too high for Equation 3 to 
hold, or the vapor pressure may be high enough to depart meas¬ 
urably from the fugacity. 

Nemst’s Law of Distribution between Two Solvents. If a 

very small amount of alcohol is added to a two-phase mixture, 
such as benzene and water, so that the alcohol solution in each 
phase may be regarded as infinitely dilute, the fugacity of the 
alcohol in each phase is proportional to its mol fraction in that 
phase. For equilibrium the fugacities in both phases must be the 
same, and therefore, as the amount of solute is varied, the mol 
fraction in one phase must remain proportional to the mol frac¬ 
tion in the otheB phase.^ Also the concentration or molality 
in one phase will be proportional to the concentration or molality 
in the other. 

In mathematical form, we have for the solute in the first phase 
/2 = fcN 2 , and in the second ^ fc'N 2 ^ Then for equilibrium, 

= const. (5)* 

N2 fc 

Raoult’s Law. We have previously found for constant tem¬ 
perature and pressure the general equation (XVIII-14) 

dNi ON* 

Now in the infinitely dilute solution, since df 2 /dti 2 is finite, the 
second member of this equation becomes unity, by Equation 1. 
Therefore 

dlnfi = d In Ni, 

1 Nernst, Z. phyaik. Chem., 8« 110 (1881). 


(6)* 
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and by integration 

A (7)* 

where /i® is the value of /i when Ni = 1, and is therefore the 
fugacity of the pure solvent. Thus we see that in the infinitely 
dilute solution, regardless of the nature of the solute, the fugacity 
of the solvent is proportional to its mol fraction. Hence in this 
respect every infinitely dilute solution is a perfect solution. In 
so far as the vapor of the solvent behaves like a perfect gas, we 
may substitute vapor pressure for fugacity, and write 

pi = Pi°Ni. (8)* 

This is Raoult's law.^ It is well illustrated by Figures XVIII-2 
to XVIII-5, which show that the vapor pressure of the solvent is 
always lowered by a small addition of the solute just as though 
the mixture were going to behave as a perfect solution, although 
large deviations from the perfect solution may appear at higher 
concentrations. 

We may put Equation 6 in other forms, for example, 

A 

dNi Ni* 

Since we are dealing with an infinitely dilute solution, N 2 is 
negligible compared to Ni, and therefore Ni = 1. Hence we may 
write this equation in the form 

dlnfi = dNi = - dNs, (10)* 

or, expressing in the equation itself the constancy of temperature 
and pressure. 



van^t Hoff’s Law of Osmotic Pressure. The escaping ten¬ 
dency of a solvent is always lowered by the addition of a solute, 

> Raoult iCompt. rend., 104, 130 (1887); Z. physik. Chem., 2, 353 (1888)) put this in a 
dififerent form. Writing ni 1 - ni, Equation 7 becomes 
Pi , Pi** —Pi 

o - 1 - Nt; o * Nt, (9)^ 

Pi Pi 

blowing that the fractional lowering of the vapor pressure of the solvent is equal to the number 
of mols of solute in a mol of solution. 
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at constant temperature and pressure, but we have seen that it 
may be restored to the value for the pure solvent by the appli¬ 
cation of pressui’e, so that if P® is the pressure on the solvent and P 
is that on the solution, P — P® is the osmotic pressure. If the pres¬ 
sure upon the solution is increased as solute is added, so as to 
maintain osmotic equilibrium, then fi (and therefore also In /i) 
remains constant. Hence we may write 

d In/j = 0 = ^ dP + ^ I"i‘dN2, 

or^ aN2 

and substituting by Equations 11 and XVIII-8, 

~ P"") ^ RT 

dN2 dN2 ^1 * 


( 12 ) 

(13)* 


Now P =0 when N 2 = 0, and therefore by the rule that we 

used in obtaining Equation 1, d(P- P®)/dN 2 = (P- P®)/n 2 . Fur¬ 
thermore in the infinitely dilute solution is equal to Vi, the molal 
volume of the pure solvent; and N 2 , the number of rnols of solute 
in one mol of solution, is also the number of mols of solute in one 
mol of solvent. Thus we have the familiar equation of van^t 
Hoff, 

p - = ^"2 RT * 


van't Hoff himself used the equation 



where 1 x 2 is the number of mols of solute in the volume F of the 
solution. This is identical with Equation 14 in the infinitely 
dilute solution, but diverges at finite concentrations. In any 
actual case it is for experiment to determine which equation 
better fits the experimental facts at finite concentrations. Morse, ^ 
in studying sugar solutions, found a far better agreement with 
Equation 14 than with Equation 15. Indeed the former comes 
nearer than the latter to the equation found in Exercise XIX-4 
for the osmotic pressure of a perfect solution.* 

* Morse. Am. Chem. J., 34. 1 (1905). 

Uwis, J, Am. Ch$m, Soe., 30, 608 (1908). 
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van’t Hoff’s Law of Freezing Point Lowenng. If a mixture 
of ice and water is placed in a thermostat at and a certain 
amount of solute is added to the water, the escaping tendency 
of the water becomes less than that of the ice, and the ice will 
disappear. If the same thing is done, not in a thermostat, but 
in a thermally insulated vessel, a part of the ice will melt and 
thus the mixture will be cooled, until once more the escaping 
tendency of the ice will be the same as that of the water in the 
solution; for by Equation XVII-30 ice, having a smaller heat 
content than water, will suffer the greater diminution in escaping 
tendency as the temperature is lowered. 

We may put this into quantitative form, using the fugacity 
as a measure of escaping tendency. If // is the fugacity of the 
ice, and /i that of the water, and if we add solute, lowering the 
temperature at the same time, so that/i and In /i remain equal 
to/i' and In/i'; then In // will change only because of the change 
of temperature, while In/i changes both because of the change of 
temperature and because of the addition of solute. Thus 

^ dT = dT + riN„ (16) 

and substituting the values of the partial differential coefficients, 
by Equations 11, XVII-30, and XVIII-9, we find 


dT ^ _ _RT^_ 
dN2 ill — 


(17)* 


and, in such dilute solution, fli — n/ is the heat of fusion of 
the pure solvent. 

This is the familiar formula^ for the lowering of the freezing 
point in a dilute solution.® It shows that the freezing point 
depends only upon the molal composition, and not upon the 
nature of the solute. All solutes, whether they give perfect or 
imperfect solutions at higher concentrations, produce the same 
lowering of the freezing point per mol, at high dilution.* This 

> van't Hoff, Z. physik, Chem.^ 1, 481 (1887). 

* While Ni is the number of mols of solute in one mol of solution, it may also be regarded 
here as the number of mols of solute in one mol of solvent. 

* Always excepting the type of solute mentioned in a previous footnote, and to be discussed 
later, namely, the solute which dissociates. 
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is well illustrated in a diagram which we have already given in 
Figure XIX-1 while discussing the lowering of the freezing 
point of p-dibrombenzene by benzene and alcohol. It will be 
noticed that the molal lowering of the freezing point caused by 
these two substances is very different when they are present in 
large amount, but becomes identical for the two as their concen¬ 
tration diminishes. 

The Freezing Point Lowering when a Solid Solution Appears.^ 

Equation 17 was derived on the assumption that the solid phase 
of the solvent was practically pure. This is the usual case, 
but there are instances, which incleed become very numerous at 
high temperatures, in which the solute proves to be appreciably 
soluble in the solid phase of the solvent. Let Ni and N 2 be the 
mol fractions of solvent and solute in the liquid solution, and 
n/ and N 2 ' the corresponding mol fractions in the solid solution. 
Since the properties of the solid phase now depend upon the 
composition as well as upon the temperature, we may repeat 
the operation which gave us Equation 17, merely adding one 
term, and find 

- dN»'), fi8)* 

assuming that both solid and lu|uid solutions are infinitely 
dilute. 

Now by Equation 5, if k/k^ is the distribution coefficient of the 
solute between the solid and liquid phases, fc/fc' = dN 2 VdN 2 , 
which, with Equation 18, gives a result which is the same as 
that of Equation 17, except that a numerical coefficient is in¬ 
volved which becomes unity when the solute remains entirely 
in the liquid solution, namely, 



Here again fii — fl/, for an infinitely dilute solution, is the same 
as the heat of fusion of the pure solvent. 

Let us once more emphasize the fact that such equations are 
derived only for the limiting case of an infinitely dilute solution, 

1 See van*t Hoff, Z. phynik. Chem., 5, 322 (1800). 
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and thermodynamics does not predict how far they will maintain 
their validity in the range of finite concentrations. It may well 
be that, in the solid solutions which we have been discussing, 
marked deviations from the laws of the dilute solution appear 
at much lower concentrations than they ordinarily do in liquid 
solutions. 

Dilute Solution in a Mixed Solvent. If, instead of a pure 
solvent, we consider a solvent of two (or more) constituents in 
fixed proportion, a dilute solution of another substance in this 
mixed solvent will have many of the characteristics of a dilute 
solution in a pure solvent. Thus if the two constituents of the 
solvent are called Xi and X2, the fugacity of the solute X3 may 
be assumed, at infinite dilution, to be proportional to its mol 
fraction N 3 . The general equation for a ternary mixture (Equa¬ 
tion XVIII-13) is 



( 20 ) 


If X 3 is infinitely dilute. 


/, = A:n 3 ; d In In n,; , 

«N3 N 3 


+nY»>!'^=') --1, 

\ aNs /T,P \ wNs /T,p 


or, more simply, 


Nid In /i + N 2 d In /2 = — rfxs. 


( 21 )* 

( 22 )* 

(23)* 


As this equation shows, it is impossible from thermodynamics 
alone to calculate how much the fugacity of each constituent of 
the solvent is lowered by the addition of solute; in fact, one of 
the two fugacities might actually be increased. 

This indeed happens, especially when the solute is very insoluble 
in one of the constituents of the solvent. Thus in a mixture of 
nearly equal parts of water and alcohol the fugacity of the water 
is increased by the addition of a small amount of benzene. It is 
an interesting experiment to bring such a mixture of alcohol and 
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water in contact with ice in a well insulated vessel, and observe 
the rise of the freezing point upon the addition of benzene. 

If in the experiment just mentioned the mixture had been 
contained, not in an insulated vessel, but in a thermostat, the 
increased escaping tendency of the water in the solution would 
have manifested itself by a separation of ice, until the change in 
composition thus produced led to a new state of equilibrium. 

We may obtain an interesting general formula for such a case. 
Let us consider the mixed solvent of Xi and X 2 in equilibirum with 
solid X 2 in a thermostat. Since the temperature is constant, 
and since therefore /2 is constant because of the equilibrium with 
the solid, the result of adding a solute is given by a simplified 
form of Equation 23, namely,^ 

Nidln/i = -dNa. (24)* 

Since in this equation Ns/ni is the number of mols of solute to 
one mol of the first solvent, the expression is very similar to that 
for the lowering of the fugacity of a single solvent (Equation 10). 
The meaning of Equation 24 may bo illustiated as follows. 
If a saturated solution of salt in 1000 grams of water is in contact 
with solid salt in a thermostat, and a small amount of sugar is 
added, the fugacity of the water is lowered by the same per¬ 
centage as when the same amount of sugar is added to 1000 grams 
of pure water. 

Exercise 1. Derive an expression for the change of solubility (mol 
fraction of solute) with the temperature, for a case in which the solubility 
is small. 

Exercise 2. When an infinitesimal amount of solute is added, find the 
lowering of the freezing point of water (a) per mol of solute added to 1 mol 
of water, (b) per mol of solute added to 1000 g. of water. The heat of 
fusion of ice is 1438 cal. per mol. 

hbcERciSE 3. Show again the analogy between a solution at its eutectic 
point, and a pure liquid at its freezing point, by obtaining an equation for 
the lowering of the eutectic point of a binary solution through the addition 
of an infinitesimal amount of a third substance. Thus may be obtained 
an expression identical in form with Equation 17. (See Lewis, Proc, Am, 

^This equation was fint obtained by Lewis (Proe. Am. Acad., 43. 259 (1907); Z. phytik, 
Cham., 61, 129 (1907)). 
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Acod., 43, 269 (1907); Z. physik. Chem,, 61, 129^(1907)). The method 
used will be analogous to that used in deriving Equation XVlII-27. 

Exercise 4. Derive an exact equation for the rise in the boiling point 
of a solvent caused by an infinitesimal addition of a non-volatile solute. 

Exercise 5. *Thc boiling point of a constant boiling mixture is changed 
by the addition of a non-volatile solute according to the same law as that 
which applies in the case of a simple solvent’’ (Lewis, Proc. Am. Acad., 43. 
259 (1907); Z. physik. Chem., 61, 129 (1907)). Demonstrate this theorem 
in the following manner. Let /i and /a be the fugacities in a binary liquid 
solution, and /i' and /i' in the gaseous phase. Let Ni and N 2 , Ni' and N 2 ' be 
the mol fractions. For equilibrium din /i « d In /i', and d In f 2 * d In ft'. 
In a constant boiling mixture Ni = Ni' and = n^'. Whence, multiplying 
and adding, 

Nid In fi + N 2 d In fi ~ Ni'd In /i' + Hz'd In fz. (25) 

This is true for any sort of change. If an infinitesimal amount of a non¬ 
volatile solute X* is added at constant pressure, and if the temperature is 
changed also to maintain equilibrium, then the first member of Equation 
25 is due to changes in T and n,, while the second member is due to changes 
in T alone. By means of the fundamental equation of partial differentia¬ 
tion, substitute for the several terms in Equation 25, and then simplify by 
using Equation 22 and the values of the several differential coefficients. 



CHAPTER XXI 


SYSTEMS INVOLVING VARIABLES OTHER THAN 
PRESSURE, TEMPERATURE AND COMPOSITION 

In most thermodynamic calculations it can be assumed, as 
we have usually assumed hitherto, that the thermodynamic 
state of a substance is determined solely by temperature, pressure, 
and composition; but there are instances, and sometimes impor¬ 
tant ones, in which it is necessary to consider other independent 
variables. We shall therefore devote the present chapter to a 
brief illustration of the methods employed in handling such 
cases. 


Gravitational and C-entrifugal Fields 

If a mol of substance of molal mass, w, is situated in a gravi¬ 
tational field, the free energy depends upon the position. If 
the substance is lifted in a reversible manner, the increase in the 
free energy of the substance is equal to the work done upon it.^ 
If h is the height above some arbitrary level, and g is the gravita¬ 
tional force per gram, 

dp = wgdh, (1) 

or 



This is the fundamental equation for the change of free energy 
due to a change in position in a gravitational field, when all 

1 As far as we are aware, there is no thermal effect, and therefore no entropy change, in such 
a reversible lifting in a constant gravitational field. This is no longer the case when a body is 
lifted through a field in which g is not constant. A study of such phenomena led Langevin 
to his theory of paramagnetism. (Ann. ehim. phj/a., [8], 5, 70 (1905)). 
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other variables which might affect the thermodynamic properties 
are constant. 

Consider a vertical column of a pure liquid in a state of equili¬ 
brium. Then the molal free energy must be constant throughout 
the tube. In the lower part the molal free energy is diminished 
on account of the influence of gravity, but it is increased by the 
hydrostatic pressure; and if our equations are correct these two 
influences must just offset one another. The molal free energy 
being affected only by the position in the gravitational field, 
and by pressure, we write 

(3) 

or, by Equations 2 and XIV-9, 

y^gdh + vdP = 0. (4) 

But the change of pressure with the height is determined by 
the density p, so that 

- - «■ ® 

and since p is evidently equal to w/v, Equation 4 is satisfied. 

A more interesting case is furnished by a solution. Here the 
composition will vary with the height after equilibrium is estab¬ 
lished. ^ The addition of a small amount of one of the constituents 
to a solution (at a given pressure, temperature, and composition) 
will produce the same heat effect at different positions in a 
gravitational field. Therefore here also the entropy is inde¬ 
pendent of the height, and the change of partial molal free energy 
with the height is equal to the work done in raising a mol of the 
pure constituent. Thus, 



Now consider a vertical column of the solution after it has 
reached equilibrium. At different heights the pressure and 

> See Gouy and Chaperon. Ann, ehim. phy».t [6], 12, 384 (1887). 



244 


THERMODYNAMICS 


Chap. XXI 


composition may vary, but the partial molal free energy must 
be constant. So for any constituent 


But 


s'" 


dP = - ^gdh, 


(7) 

( 8 ) 


where w is the mass and v is the volume of one mol of the solution. 
Hence, substituting from Equations 6 and XVIII-4, we find 

^Wi - gdh + |^‘ dNi = 0. (9) 

Therefore if we know experimentally the value of dPi/dNi we 
may calculate the change in composition with the height. 

As a simple case we may consider a perfect solution, when, 
by Equation XIX-3, 



(If g is expressed in e.g.s. units, R must be also.) 

Expressions identical with Equations 9 and 10 arc obtained 
for a solution which is placed in r, centrifugal machine. It is 
only necessary to replace g by the centrifugal force per gram, 
and h by the distance toward the center of rotation. How¬ 
ever, while the change of composition through gravity is always 
minute, the corresponding effect in a powerful centrifugal 
machine is enormously greater,^ and may have practical im¬ 
portance. 

Exercise 1. Although the differential equations are the same for the 
gravitational and the centrifugal field, in integrating we may ordinarily re¬ 
gard the gravitational force as constant, while the centrifugal force changes 
rapidly with the distance. Obtain an expression for centrifugal force as 
a function of distance with n^speet to the center of rotation, and of the 
rotation frequency, and employ this expression in integrating Equation 
10 . 


* See, for example, Tolman, J. Am. Chem. Soe.^ SS, 121 (1011). 



SYSTEMS INVOLVING OTHER VARIABLES 


245 


Exercise 2. A tube, closjsd at both ends, and filled with an equimolai 
mixture of benzene and carbon tetrachloride, is rotated about its center. 
The total length of the tube is 10 cm., and it is given a constant speed of 
10000 revolutions per minute; calculate the composition at the center, and 
at one end of the tube, when equilibrium is reached; namely when the 
partial molal free energy of each constituent is the same throughout the 
tube. The solution may be regarded as perfect and the partial molal 
volumes may be taken as constant, 89 cc. for benzene, and 97 cc. for carbon 
tetrachloride, at about 20°C. 

Exercise 3. From Figure IV-1 it is evident that the partial molal 
volume of magnesium sulfate, at 18®C, is zero at about 0.07 M, or n* » 
0.0013. The solution is far from perfect, but by employing data which 
we are going to obtain in a later chapter, we may find dPt/dHt » 400000, 
where the free energy is expressed in calories. Change the subscripts in 
Equation 9, and solve for dsi/dh. Take g « 981 dynes per gram. 

The Electric Field; Change of Dielectric Constant with 
Pressure and Temperature 

The thermodynamic properties of a substance will change 
when it is placed in an electric field. 

It is rare, however, that such effects 
need be considered, and we shall only 
pursue the subject far enough to show, 
by an example of a new type, how 
far-reaching arc the consequences of 
the laws of thermodynamics. 

Let us consider a condenser of paral¬ 
lel plates, at such distance and of such 
dimensions as to give unit capacity in 
vacuo. If these plates arc placed in 
a dielectric fluid, as illustrated in 
Figure 1, the properties of the whole 
system will depend upon the potential 
E which is applied. If Q is the charge 
on the condenser, the change in the 
free energy of the whole system, due to infinitesimal charging or 
discharging, is given by the equation 

dF = EdQ. 



Figure 1. 


( 11 ) 
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Now by precisely the same methods that we have employed 
in obtaining Equations XV-5 and XV-10 we find 


/dE\ ^ (dV\ 

\dP/Q,T \^Q/r.T 

(12) 

t(~\ 

\dT/Q^P \^Q/t.p 

(13) 


Here dH/dQ is the change in the heat content of the system, 
with the charge on the condenser; and dV/dQ is the correspond¬ 
ing change in the volume of the system, or, if we neglect the 
condenser plates, it is the change in volume of the liquid di¬ 
electric per unit change in the charge on the condenser. These 
quantities may therefore be calculated if we know the change 
in dielectric properties with temperature and pressure. For if 
D is the dielectric constant, and we are dealing with unit con¬ 
denser, 

E = Q/D, (14) 

and substituting this value in Equations 12 and 13 we have 



where dD/dP is the change of dielectric constant with the 
pressure, other things being con.stant. Likewise, 



where dD/dT is the change of dielectric constant with tem¬ 
perature, when other things are constant.' 

These equations are fundamental to the whole theory of 
dielectrics. They may be put in several different forms, for 
example in such form as to exhibit the heat and volume changes 
attending a change in the strength of the electric field, rather 
than a change in the condenser charge. But such transforma¬ 
tions, together with the selection of th.e units most suitable for 

^ In a cursory search we have been unable to find Equations 15 and 16 in the literature. 
The subject was discussed in a way which was partly thermodynamic by Koenigsberyer (Ann. 
Physik, [4]. 5, 113 (1901)). 
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numerical calculations, we may leave to the reader who is 
interested in this subject. An entirely similar treatment may 
be applied to the properties of a substance in a magnetic field. 

Thermodynamics op Surfaces 

The boundary between two contiguous phases, which is 
known as a surface or an interface, is not a mathematical 
boundary of only two-dimensional extension. There is a 
minute though finite region in which the properties differ ap¬ 
preciably from the properties in the interior of either phase, 
and vary from point to point. 

Thus neither molal volume nor molal heat content is the 
same within the surface region as in the body of a phase; nor 
is it in general the same at two points within the surface region. 
But it is to be noted that when equilibrium exists, the escaping 
tendency of each substance present must be the same in every 
part. 

Without attempting to investigate the different parti of the 
surface layer, it is an interesting thermodynamic study to ex¬ 
amine the volume and heat changes when the extent of the 
surface layer is changed, and to show the relation between these 
changes, and the influence of pressure and temperature upon the 
surface tension. 

Change of Surface Tension with Pressure and Temperature. 

When a system is in equilibrium it is possible, by familiar mechan¬ 
ical means, to increase the extent of the surface between two 
phases. The work required per unit increase in surface is called 
the surface tension. Equating this mechanical work to the in¬ 
crease in the free energy of the system, we write 

dF = yd<T, (17) 

where 7 is the surface tension and cr is the extent of the surface 
in question. 

We meet an apparent paradox when we consider, on the one hand the 
molal free energy of a substance, and on the other hand the total free energy 
of a system of which it is composed. We often assume that the total free 
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energy of a substance is equal to its molal free energy multiplied by the 
total number of mols. But we may now see that this is not strictly correct. 
If we start with a given amount of a liquid and increase its surface, the 
molal free energy in the body of the liquid does not necessarily change, and 
if we maintain equilibrium the molal free energy in the surface formed must 
be the same as in the body of the liquid. Therefore the molal free energy 
multiplied by the total number of mols remains constant, but the total 
free energy is increased by ydc. 

Let us now consider a two-phase system, for example water 
and mercury. Any infinitesimal change in the extent of the 
surface between the two phases will in general produce a change of 
volume, and the ratio of these two changes, dF/d<r, is thermo¬ 
dynamically connected with the change of surface tension with 
pressure. Indeed if we keep temperature constant, and thus 
make the state of the system depend upon pressure and surface, 
the dependence of the free energy of the system upon these two 
variables may be expressed in accordance with Equation III-5, 

and inserting the values of the two coefficients by Equations 
17 and XIV-9, we see that 

(fp). - (fX- 

Thus if 7 is found to diminish with increasing pressure, it shows 
a contraction at the surface between the two phases.^ In other 
words a diminution in total volume would accompany the emulsi¬ 
fying of the two phases. 

In just the same way we may proceed if the pressure is con¬ 
stant and the free energy depends only upon temperature and 
surface. In this case 

' Equation 19 was developed by one of the authors in 1004 in connection with an experimen¬ 
tal investigation of the surface tension between ether and air at high pressures. The experi¬ 
ments, which were not concluded, showed a very marked change of surface tension with pressure. 
In such a case as this the pressure not only changes the density of each phase, but changes 
the vapor pressure of ether and the solubility of air in ether. However, regardless gf such 
complexities. Equation 19 must hold. 
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or, by EquationH 17 and XIV-12, 

--[©,-(“) J 

or 

<fr). * - Of)/ 

This equation, which is entirely analogous to the Gibbs-Helmholtz 
equation for electromotive force (Equation XV-5), was first 
obtained by Lord Kelvin.' It connects directly the temperature 
coefficient of surface tension and the heat change accompanying 
the change of surface; for example, the heat of emulsification. 

BbcERCisE 4. Derive an equation for the change of 7 /T with the tem¬ 
perature. A large amount of heat is evolved when finely divided silica, 
after thorough drying, is brought in contact with water. Considering the 
surface tension between silica and water, does y/T increase or diminish 
with rising temperature? 

Change of Surface Tension with Composition. Even at 
constant temperature and pressure the surface tension between 
two phases may be altered, through a change in composition of 
either phase. Keeping all constituents of the system constant 
in amount, and only varying rity the number of mols of the sub¬ 
stance X 2 present in the whole system, the properties of the 
system depend upon the two variables uz and a. Once more, 
therefore, we may represent the total free energy as a function 
of two variables, by the equation, 

1 ( 23 ) 

L3n2\3(r/flj Vdns/ffJ„2 ’ 

or, by Equation 17 and by the definition of partial molal free 
energy (see Exercise XVIII-5), 

This equation shows the effect on the surface tension between 
two phases, caused by the addition of the substance X 2 , regardless 
of the way in which the added substance is distributed between 

> Thomson, PhU. Mag.. [4], IT. 61 (1858). 


( 21 ) 

( 22 ) 
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the two phases. Now, since temperature and pressure are 
constant, jP 2 i which is constant throughout the system, cannot 
be changed in the body of either phase merely by the extent of 
surface, unless this change of surface causes some change of 
composition in the body of each phase. 

This important generalization of Gibbs may be more clearly 
understood if we focus our attention upon one phase, say a 
liquid solution which is in contact with its vapor, and consider 
the change in its composition accompanying a change in the 
extent of its surface. If an increase in surface diminishes the 
concentration of one constituent in the body of the solution, 
that constituent is said to be adsorbed on the surface. Let us 
consider a solution containing Ui mols of Xi and mols of X 2 , 
and let us increase the surface by da. This will in general change 
the composition of the body of the solution, and thus will change 
the various properties which depend upon composition, such as 
the partial molal free energy. In order to restore such properties 
to their original value, it will suffice to add (or withdraw) one 
of the constituents X 2 by the amount dn 2 . In other words, 
bn%lba shows the amount of X 2 which has to be added per unit 
increase of surface in order to maintain the original composition 
in the body of the solution. It may be called the adsorption 
coefficient of X 2 and be denoted by U 2 . It is the excess of X 2 
in the surface layer, above that required to give the surface 
layer the same composition as the body of the solution. 

We may now put Equation 24 into a more usable form. 
By Equation III-3, 

and noting by our definition that = u%y we find 

This important theorem of Gibbs shbws that if we know the 
change of surface tension with composition, and the change of 
escaping tendency with composition, we may calculate the 



SYSTEMS INVOLVING OTHER VARIABLES 


251 


coefficient of adsorption. There are not, as yet, sufficiently 
accurate data to illustrate quantitatively this exact equation; 
but qualitatively it has been of the greatest aid in the study of 
emulsions, foams, and other systems in which surface phe¬ 
nomena play an important r61e. 

Perhaps we have been less precise in our explanations than in our equa¬ 
tions. The fact is that, if we are dealing strictly with a two-phase and two- 
component system, Equation 26 does not apply; for, by the phase rule (re¬ 
gardless of any considerations relating to the boundary surface), we cannot 
maintain equilibrium between the two phases at constant temperature and 
pressure if we vary the composition of either phase at all. We must have 
at least one more component present in one or both of the phases, in order 
to make the equation significant. 

Most commonly we deal with the surface between a liquid and its vapor, 
or between the same liquid and air. Indeed we find that the surface tension 
of a liquid is approximately the same in contact with any gas at moderate 
pressure, and for convenience this is called the surface tension of the liquid. 
So Equation 26 may be applied to the surface tension of a two-component 
liquid solution against a gaseous phase of any number of components, pro¬ 
vided that these components are not sufficiently soluble in the liquid to 
affect materially its thermodynamic properties. However, Equation 26 
itself may be applied rigorously and without limitation to any system, 
however complex, as follows. 

If we have a system of any number of components, and any number of 
surfaces between various phases, the rate of change of surface tension at 
any one surface, with a change in the partial molal free energy of any one 
component, is equal to the adsorption coefficient of that component at that 
surface. But the adsorption coefficient must be defined as the amount of 
that component which has to l)e added to the whole system (per unit change 
of surface in question) in order to keep the escaping tendency of that com¬ 
ponent constant. Keeping the escaping tendency of one component at a 
constant value will usually imply, in this general ease, a change in the com¬ 
position of the several phases. 

The Escaping Tendency from Curved Surfaces. Hitherto we 
have considered cases of surface layers in equilibrium with large 
bodies of the contiguous phases. Conditions are different when 
wq consider, for example, a small drop of water and a large 
body of water, both in contact with air or vapor. The two 
together do not give a system in equilibrium, for water tends 
to go over from the small drop to the large body. 
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Let us consider the change in free energy in this process. 
Assuming the drop to be spherical, with a radius r, its volume 
is % nT*. If n is the number of mols in the drop, and v is the 
molal volume, 

V = nv = % a-r®. (27) 

Upon changing the contents of the drop by dn mols, the radius 
changes as shown by differentiation of Equation 27, 

dn=^^-dr. (28) 

V 

The surface of the drop, a = 4xr2, changes at the same time, 

da = STrrdr. (29) 

Now if F is the molal free energy in the drop, and F® that in 
the large body of liquid, the change of free energy in a transfer 
of dn mols is 

dF = (f - F®)dn. (30) 

But this is also equal to the change in surface energy, by 
Equation 17; whence (assuming that the change in surface of 
the body of liquid is negligible) 

yda = (f - F®)dn. (31) 

Substituting the above values of da and dn, 

F - F° = RT la I = (32) 

J r 

Thus the escaping tendency is greater the smaller the radius. 
By substituting vapor pressure for fugacity, we have an ap¬ 
proximate equation for the vapor pressure as a function of 
the size of the drop.' 

Such effects, which are ordinarily quite negligible, become 
important when we deal with matter in a state of fine sub¬ 
division. When gypsum is finely ground, its solubility in 
water may be increased by 20 percent.^ The important 
phenomenon of adsorption on a substance like charcoal doubt- 

1 W. Thomson. Phil. Mag ., [4], 42, 448 (1881). 
a Hulett. Z, phyaik. Chem., 47, 357 (1904). 
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less depends, not only upon the amount of surface, but also 
largely upon the degree of curvature of the small cavities in 
the surface. 

Exercise 5. Since a condition of equilibrium establishes itself within 
a small drop, the escaping tendency must be the same in the interior 
as at the surface. The escaping tendency must therefore be greater in the 
interior of a drop than in the interior of a large mass. Show that this is 
due to the increased pressure within the drop caused by the surface tension, 
and by this means derive Equation 32 from Equation XIV-9. The pres¬ 
sure may most simply be calculated by considering the surface tension as a 
force, normal to a great circle, tending to pull together two hemispheres of 
the drop. The force therefore is 2irr7, and this, divided by the area of a 
great circle, gives the pressure. 

Exercise 6. Derive an equation for the escaping tendency of one com¬ 
ponent of a solution which forms a spherical drop. 

Exercise 7. The critical mixing temperature of phenol and water is 
68.4°C. At this temperature the composition may be varied at will, with¬ 
out producing two liquid phases. At the particular composition which is 
known as the critical mixing composition, show from Equation XVIII-17 
that a small change of composition will not change the surface tension be¬ 
tween the liquid and air, regardless of the amount of surface adsorption of 
either constituent of the liquid. 
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A USEFUL FUNCTION, CALLED THE ACTIVITY, 
AND ITS APPLICATION TO SOLUTIONS 

Our task of presenting the basic ideas and methods of ther¬ 
modynamics is nearly completed. There are a few matters 
of fundamental importance which it has seemed expedient to 
postpone until after the classic methods of thermodynamics 
have been fully treated. But in the main we shall henceforth 
direct our attention more particularly to the questions which 
arise in the application of the fundamental principles to specific 
numerical calculations. 

Of all the applications of thermodynamics to chemistry, 
none has in the past presented greater difficulties, or been the 
subject of more misunderstanding, than the one involved in 
the calculation of what has rather loosely been called the free 
energy of dilution; namely, the difference in the partial molal 
free energy of a dissolved substance at two concentrations. 
We shall therefore, in this and in subsequent chapters, give 
much attention to the various special methods whereby this 
important quantity may be simply and precisely determined. 

/If we consider one constituent of a solution at two different 
concentrations, but at the same temperature, and if by some 
method we determine for this constituent AF = F - P' between 
these concentrations, then we have also determined the ratio 
of the fugacities. For by Equation XVIII-7, 

f-f' = RT\nL. (1) 

Now we often have occasion to determine and to use such a 
ratio of fugacities when it is impossible or inexpedient to deter¬ 
mine the numerical value of either fugacity; for example, we 
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may be dealing with an almost involatile substance. It has 
therefore proved advantageous to consider, at a given tempera¬ 
ture, the ratio between the fugacity / of a substance in some 
given state, and its fugacity/® in some state which, for temporary 
convenience, is chosen as a standard state. This relative fugacitv^ 
is called the activity, and denoted bv a . Thus in the standard 
state the activity is unity, a® = 1, while in any other state it is 
given by the equations, 

— jo* F — F® = RT In a, (2) 

where, at a given temperature, the molal free energy in any 
state is f, and in the standard state f®. 

Since in any state the activity at a given temperature is always 
proportional to the fugacity, we may write d In a = d In /. Thus 
for the change of activity with pressure we write from Equation 
XVII-6, 

Now if for the purpose of some calculation we choose any 
one state of a substance as the standard state, for example 
liquid water at atmospheric pressure, we shall consider this the 
standard state at different temperatures. Thus in the example 
chosen, if we should take the activity of liquid water as unity, 
the activity of water in any solution would be given by the 
ratio of its fugacity to that of liquid water, at each temperature. 

It would evidently avoid confusion if once for all we should 
choose for a given substance its standard state. This con¬ 
sideration, however, is outweighed by the practical advantage 
of being able at any time to choose the standard state or states 
best adapted for a particular problem. For reasons which will 
become more apparent when we enter upon free energy calcula- 

1 Sometimes called also the relative activity; for I^ewis first defined the absolute activity, as 
he defined the fugacity, by reference to the attenuated gaseous state, in which the activity was 
taken as equal to the concentration. (Proc. Am. Acad., 43, 269 (1907); Z. phyaik. Chem., 
61, 129 (1907)). More recently, however, it has become the general custom to use the term 
activity in the sense of the relative activity, or relative fugacity, and it is in this sense that we 
shall \ise it henceforth. 
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tionS; we shall choose as standard now one state and now another, 
as convenience dictates, although to avoid confusion this choice 
must in each case be clearly stated. For, as we proceed, we shall 
find it desirable to choose different standard states for a substance, 
not only in different problems, but even in a single problem. 
However, we may in advance lessen the arbitrariness of our 
procedure by setting down certain rules for choosing the standard 
state to which we shall almost invariably adhere. 

Choice of a Standard State 

1. For a Gas: a =/; that is, a/P = 1 when P = 0. Since 
the activity of a substance at a given temperature is always 
proportional to its fugacity, it will be convenient in the case 
of a gas to make the activity equal to the fugacity; in other 
words, we choose at each temperature as standard state the one 
in which the fugacity is unity. For a perfect gas this is the 
same as making the activity unity at unit pressure;^ but in 
general the activity will not be exactly equal to the pressure. 
It is therefore to be borne in mind that while the standard 
state of a liquid or solid is always taken at unit pressure, the 
standard state of a gas is one in which not the pressure, but the 
fugacity, is unity. 

As a matter of fact we wish to go a little farther than this. 
The standard state, as we shall use the term, implies not only 
that the fugacity is unity, but that the heat capacity, heat 
content, etc., are those of the gas at infinite attenuation. Our 
standard state therefore is a hypothetical one and corresponds 
to no real state of the gas. 

2. For a Liquid or Solid which may Act as a Solvent: a/N =: 1 
when N - 1. If a pure liquid, or a pure solid, Xi, at atmospheric 
pressure, be chosen as the standard state, or state of unit activity, 
at each temperature, we may change the activity of such a 
liquid or solid by dissolving in it a very small amount of another 
substance. Then by Raoult^s law, the fugacity, and therefore 

* In the case of a mixed gaa we aball alao make the activity equal to the fugacity for each 
constituent. 
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the activity a is proportiooal to the mol fraction Ni. But 
by definition, o = 1 for the pure solvent when n = 1. Thus for 
the solution, 

^ = 1, (4)* 

Nl 

an equation that is valid for the infinitely dilute solution, and 
as far into the range of finite concentrations as Raoult's law 
is obeyed. In a region where it is not obeyed a series of values 
of Oi/ni shows immediately the degree of departure from that 
law. 

By our definition of Ui, the activity of the solvent is equal to 
Now if the solvent has a measurable vapor pressure, 
we may let pi be the measured vapor pressure of the solvent from 
the solution, and pi® be the vapor pressure of the pure solvent. 
Then if we may assume that the vapor behaves as a perfect 
gas. Pi *= /i and pi® = /i®, so that 


a, = 


(5)* 


and this equation, as we shall see, furnishes one of the most 
useful means of calculating activities. If the vapor is not a 
perfect gas we may still determine ai = /i//i® by the methods 
of Chapter XVII. 

Let us make sure that there is no misunderstanding of the way in which 
we are to use the term activity. We have seen in a previous chapter that 
in a state of equilibrium the fugacity of a given substance is the same in 
every phase, or in every part of a system. Since the activity is defined 
as the relative fugacity; if we should choose, for the whole system, a single 
standard state of the given substance, its activity would be the same in 
every part of the system. On the other hand, since we have decided to use 
for the substance in question different standard states in different phases, 
its activities in the several phases which are in equilibrium will not be equal, 
but will nevertheless remain proportional to one another as long as equi¬ 
librium persists, the factor of proportionality depending upon the choice 
of standard states. 

Thus in the case, which we have just cited, of a solvent in equilibrium 
with its vapor, the activity in the vapor phase being defined as in the pre- 
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ceding section) and that in the liquid phase being defined as in this section, 
the ratio of these two activities remains constant no matter how the con¬ 
centration of solute changes (and this ratio is equal to/i°, the fugacity of the 
pure liquid). We shall meet a similar case when we discuss the distribution 
of a solute between two solvents. 

When the vapor pressure of the solvent is not measurable, 
numerous other methods of determining the activity are avail¬ 
able. Thus if we should measure the electromotive force of 
some galvanic cell with a silver electrode, and then substitute for 
the silver a solid solution of gold in silver, the electromotive 
force would be found to change, owing to the fact that the gold 
lowers the escaping tendency of the silver. A careful investiga¬ 
tion of this sort would enable us, by methods which we shall 
illustrate later in this chapter, to determine the activity of the 
silver in a series of gold-silver alloys. 

3. For a Solute: a/N = 1 when n = 0. Turning now to the 
activity of the solute in a dilute solution, we enter a field in 
which the concept of activity has proved most fruitful. In 
the typical case of a solution at infinite dilution, we have Henry's 
law, which states that the fugacity of the solute, and therefore 
its activity, is proportional to its mol fraction. It is therefore 
usually convenient to choose the standard state of a solute X 2 so 
that at infinite dilution a 2 /N 2 = 1. 

Thus in any range in which Henry’s law js obeyed, remains equal to 
unity; and if the solution happens to be one which is perfect over the whole 
range of composition, the standartl state which we have so chosen is simply 
pure X 2 . Then the present definition of the standard state coincides with 
that of the preceding section. Ordinarily, however, this is not the case, 
and the chosen standard state of the solute depends upon the solvent em¬ 
ployed. The only danger of confusing this definition of the standard state 
with that of the preceding section is in concentrated solutions where either 
substance might be regarded as solvent or solute. In such a case it will be 
necessary to state very plainly which definition is being used for each sub¬ 
stance. 

We offer no general rule for fixing the standard state of a solute in a mixed 
solvent. If in any problem the constituents of the mixed solvent remain 
in the same relative amounts the case can be ‘treated just as though the 
solvent were pure. In other cases it will usually be best to use as standard 
state one defined with respect to a solution in one of the pure solvents. 
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4. For a Solute in Aqueous Solution^ when the Composition 
is Expressed by Molality: a/m = 1 when m ~ 0. Unfortu¬ 
nately in aqueous solutions, where most of the available data 
have been obtained, it has been customary to express composition, 
not by mol fraction, but by molality, namely the number of 
mols in 1000 g. of water (or by concentration). But since in 
the dilute solution these are proportional to one another, Henryks 
law requires the activity at infinite dilution also to be propor¬ 
tional to the molality. In this case we choose the standard 
state of a solute X 2 by taking a 2 /ni 2 = 1, when m 2 = 0. 

As in the case of gases, we shall here use as our standard state 
of the solute, not any real solution, but a hypothetical one in 
which the activity is unity, and one furthermore in which the 
partial molal volume, heat content, and heat capacity are those 
of the solute at infinite dilution. 

In dilute solution the deviation of a%/m2 from unity measures once more 
the departure of the solution from the perfect solution, but in concentrated 
solutions, where the molality is not proportional to the mol fraction, this is 
no longer the case. For nearly every purpose the mol fraction furnishes 
the most advantageous method of measuring composition, and tne employ¬ 
ment of this measure in aqueous as well as in non-aqueous solutions is to be 
encouraged. In the meantime, however, most existing data in aqueous 
solutions are expressed in terms of molality (or what is very nearly the same, 
the concentration), and unless otherwise stated our unit of activity in aque¬ 
ous solutions will be the one defined in this section. 

The Numerical Calculation of Activity 

The Activity of a Solvent, from its Vapor Pressure over a 
Solution. In most cases where vapor pressures of solutions have 
been measured the vapor may be assumed, within the limits of 
experimental error, to be a perfect gas. This is true for the 
thallium amalgams, which have been studied by Hildebrand and 
Eastman^ at If Ni is the mol fraction of mercury in 

the amalgam, ai its activity, pi its vapor pressure from the 
amalgam, and if pi® is the vapor pressure of pure mercury, then, 
since the activity of pure mercury is taken as unity, ai =pi/pi^ 

' The case of electrolytes will be discussed in a subsequent chapter. 

• Hildebrand and Eastman, /. Am. Chem. Soe., 37, 2462 (1916). 
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Table 1 gives the values of pi/pi“ found by Hildebrand and 
Eastman at several values of the mol fraction Ni. The third 
colunm gives Oi/ni, a quantity whose difference from unity 
shows the degree of departure from the perfect solution. This 
ratio is useful for the interpolation of activities at round mol 
fractions, as well as for another purpo.se which we shall discuss 
presently. 

Table 1.— Activity op Mercohy in THAi.Lin.M Amalgams at 325®C 


Ni 

ai * pi/pi® 

ai/Ni 

0.957 

0.955 

0.998 

0.942 

0.938 

0.996 

0.915 

0.901 

0.985 

0.893 

0.875 

0.980 

0.836 

0.803 

0.961 

0 742 

0.690 

0.930 

0.664 

0.602 

0.907 

0.614 

0.548 

0.893 

0.497 

0.433 

0.871 

0.347 

0.293 

0.844 

0.202 

0.166 

0.822 


Activity of a Solute from its Vapor Pressure. When a solu* 
tlon is in equilibrium with the vapor of the solute Xj, we may 
measure the vapor pressure of Xj over a range of concentration, 
and by knowing the fugacity of the vapor at each pressure we 
may obtain the activity of the .solute in the solution. When we 
may assume that the vapor is a perfect gas, 02, the activity in 
the solution, may be taken as proportional to pi, the vapor pres¬ 
sure of the solute. Hence, as we pass from some mol fraction 
N2 to an infinitely dilute solution of mol fraction N2*; 02/^2 = 
ai*/pi*- Now by Henry’s law N2/P2 approaches at infinite dilu¬ 
tion a constant value, which may be denoted by Vit*/pi*. But by 
definition of our standard state a^* = N2*, and therefore at any 
concentration. 


Pi* N2 N2 N 2 * 


( 6 )* 


Lewis and Storch' measured the vapor pressure of bromine 

> l>wia and Stnroh, J. Am. Chem. Soc., 39, 2544 (1017). 
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from solutions of bromine^ (Br 2 ) in carbon tetrachloride (CCU) 
ranging from N 2 =» 0.004 to N 2 = 0.025, and they found, over 
the whole range, a constant value of P 2 /N 2 , namely, 0.539. 
Thus over this limited range the activity of bromine in carbon 
tetrachloride is equal to the mol fraction, and there is no depar¬ 
ture from the law of the perfect solution. However, if we should 
attempt to extrapolate to N 2 = 1, we should find for the vapor 
pressure of pure bromine 0.539 atmos., while the actual vapor 
pressure of pure bromine is 0.280 atmos. Thus we see that the 
standard state which we have chosen for bromine, in its dilute 
solutions in carbon tetrachloride, differs materially from the 
standard state of pure liquid bromine. 

0 .^ 


1 0.4 


^ 0.2 


0 

0 0.2 0.4 0.6 0.8 1.0 

Mol Fraction of Bromine* 

Figure 1. —Vapor Pressure of Bromine from Carbon Tetrachloride Solutions. 

This is illustrated in Figure 1, where the line A shows the 
values that would be calculated from the vapor pressure of 
pure bromine, assuming a perfect solution. The line B is an 
extrapolation of the straight line experimentally obtained in the 
dilute solutions; while the actual curve for the whole range would 
be of the form of C. In other words B represents the extrapola¬ 
tion given by Henryks law from dilute solutions of bromine in 
carbon tetrachloride; while A represents the extrapolation by 
Raoult^s law from dilute solutions of carbon tetrachloride in 
bromine. The ratio of 0,539 to 0.280, which is also the ratio 

^ It must constantly be borne in mind that the mol fraction is ambiguous unless the chemical 
formulas are stated. The mol fraction of bromine in a solution containing 160 grams bromine 
and 164 grams carbon tetrachloride is if wc are considering the formula Brt, but % if we 
are considering the formula Br. While theoretically thermodynamics is not concerned with 
the way in which the molecular species or the formula is defined, in practice it would produce 
awkward complications to use any formula except Bri for bromine solutions. This is equivalent 
to eaying that bromine is found empirically to have the molal weight 160 in solution. 
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of the slopes of B and A, gives us at once the ratio of the fugacity 
of bromine in the two standard states; the first of which being 
the one we have chosen for bromine in dilute solution in carbon 
tetrachloride, and the second (pure bromine) being the one we 
would have chosen if we had taken bromine as the solvent. 

If the vapor of the solute cannot be regarded as a perfe(;t gas, our pro¬ 
cedure is not seriously complicated. Let us consider the vapor pressure of 
CO* from aqueous solutions (or the solubility of CO* in water). At a given 
temperature let a* be the activity, and m the molality, of CO* in the aqueous 
phase. Let p* be the vai)or pressure of CO*, and /* the fugacity, which is 
the same in both phases. Then since a* is always proportional to /*, 

fl* _ a** 

h'72* 

The second member represents the values in a very dilute elution, where 
/**, being small, is equal to ;>/; and «** by definition of the standard state 
may be taken equal to m*. Hence 


(7) 


(H 

fi 



( 8 ) 


Here the second member is the limit approached at infinite dilution by the 
‘Wubility coefficient,^’ m/p*. In the present case, at 0°C, m*Ip* » 0.076, 
and a* = 0.076/*. 

Thus, consider a solution which at 0®C gives a pressure of CO* amounting 
to 5 atmos. By Exercise XVII-6 the fugacity is 4.88 atmos. and the ac¬ 
tivity of CO* in the solution is 0.076 X 4.88 « 0.371. 


Determination of Activity from the Distribution of a Solute 
between Two Solvents. Instead of finding the distribution of a 
substance between a solution and a gaseous phase, in which its 
activity is known, we may study the distribution of a solute 
between two immiscible solvents, so that if its activity at dif¬ 
ferent concentrations is known in one solvent it may be calcu¬ 
lated in the other. 

Thus, when a very small amount of bromine, Br 2 , is shaken up 
with carbon tetrachloride and water^ (slightly acidulated to 

> Strictly speaking we measure the distribution not between pure water and pure carbon 
tetrachloride, but between water saturated with carbon tetrachloride and carbon tetrachloride 
saturated with water. In the present case the difference is not important, but this is by no 
means always true. In the interesting case studied by I^wis and Burrows (/. Am. Chem. 
Soe.t 34, 1515 (1912)) where urea was shaken up with the two>phase system of ethyl acetate 
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prevent the hydrolysis of the bromine), it was found by Lewis 
and Storch (loc. cit.) that the molality m in the aqueous phase, 
divided by the mol fraction N 2 of bromine in the carbon tetra¬ 
chloride phase, is 0.371 at 25®C. In other words, at infinite 
dilution mVN 2 * = 0.371. If we denote by a® the activity of 
bromine in the water phase and by o/ its activity in the other, 
these two activities must be proportional to one another, and 
since we define the standard states so that at infinite dilution 
= m*, and a* = N 2 *, 


Ow _ cLw* _ rn* 

at at* N2* ’ 


(9) 


Thus, a^ = 0.371 a,. But we have seen, earlier in this chap¬ 
ter, that in the carbon tetrachloride phase, up to N 2 = 0.025, 
a>t = N 2 , and therefore in this range a^ = 0.371n 2. If then we 
wish to know the activity of bromine in any dilute aqueous solu¬ 
tion, we find its mol fraction in a carbon tetrachloride solution 
which maintains equilibrium with the aqueous phase, and mul¬ 
tiply this mol fraction by 0.371. 

If iodine (I 2 ) is shaken with glycerine and carbon tetrachloride, 
and if its mol fraction in the former phase is and in the latter 
N„ then ^g/^t should be constant in very dilute solutions. At 
the moderate concentrations studied at 25®C by Landau' this 
constancy no longer holds. He found that when varies 
from 0.0001 to 0.002, n^/n, changes from 0.50 to 0.40. If we 
assume that for iodine (as for bromine) the activity in carbon 
tetrachloride is equal to n<, we may find in the glycerine phase 
the ratio of activities at the two concentrations. Or if, in the 
glycerine phase, we consider the ratio of the activity ag to the mol 
fraction n^, this ratio evidently increases 20% in going from the 
more dilute to the more concentrated solution. 

Activity from Measurements of Electromotive Force. In 
most galvanic cells the electromotive force depends upon the 

and water, the results would have been vastly different if the distribution between urea in pure 
water and urea in pure ethyl acetate could have been obtained, for the escaping tendency of 
urea from ethyl acetate solutions varies greatly with a small change in the water content of the 
ester. (Indeed the solubility of solid urea in ethyl acetate containing water was found to be 
nearly proportional to the water content.) . 

> Landau, Z. phyaik. Chem., 7S. 200 (1910). 
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composition of the electrolyte. Deferring consideration of 
such cells until we have more fully studied the thermodynamic 
properties of electrolytes, there is still an important class of 
cells, of which the electromotive force depends solely upon the 
condition of the electrodes. 

If two electrodes of the same metal in the same condition are 
placed in the same electrolyte, a small current results in the 
transfer of a certain amount of metal from one electrode to the 
other,' but this is a process which is attended by no change in 
free energy and the reversible electromotive force of the cell is 
zero; as might have been foretold also from the symmetry of its 
construction. If, however, the two electrodes differ from one 
another, thus if the electrodes are in different states of strain, 
or if one of the electrodes is of pure copper and the other is of 
•copper containing some impurity such as silver in solid solution, 
the activity of the copper will not be the same in the two elec¬ 
trodes, and the cell will have an electromotive force. 

Thus in the second of these cases, the process which occurs in the cell 
and the change in free energy accompanying this process may be expressed 
by the equation 

Cu(s) * Cu (in the solid solution); aF * RT In {a/a*) = RT In a, 

if a is the activity in the solid solution, and if o', the activity of pure copper, 
is taken as a° or unity. Hence from Equation XV-1, 

- NEF = «7Mii a; E = - — In o. (10) 

NF 

Ordinarily in a case of this kind the electromotive force is entirely inde¬ 
pendent of the particular electrolyte which is employed. But in the present 
instance it is interesting to note that the nature of the electrolyte may 
affect £ by determining the value of N; for if the electrolyte is a pure cupric 
salt, N « 2, but if it is a pure cuprous salt, N « 1. With given electrodes 
E is therefore twice as great in the latter case as in the former. 

A more common type of cell is furnished when the electrode 
is a metallic solution in which the more electropositive metal 
is the solute. Let us consider a cell whose electrodes are two 

> At the same time a certain amount of electrolyte, determined by the traneferenoe number, is 
carried from one pole to the other, but here also, aince the transfer is between two regions of 
equal concentration, the free energy change is sero. 
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thallium amalgams of different composition^ both immersed in 
the same solution of electrolyte. Now when a current passes 
through such a cell, the only thing of thermodynamic significance 
which occurs in the cell, is the carrying of a certain quantity of 
thallium out of one amalgam into the other, a process which may 
be expressed as follows: 

T1 (in T1 amalg; N 2 O = T1 (in T1 amalg; N 2 ). 

If a 2 and a 2 ' are the activities of the thallium, when the mol 
fractions of the thallium are N 2 and N 2 ', 


Af = RT\xi -NEF. (11) 

02 


Introducing the numerical values of F and iJfrom Appendix II, 
and using common logarithms, 


Tj. 0.000198447, 02 

E-log-. 


( 12 ) 


If we fix N = 1, by using a pure thallous salt, it is evident that 
the electromotive force is independent of the partic ilar salt 
chosen, and also indepiendent of its concentration, and of the 
solvent in which it is dissolved. In fact, at a given temperature, 
it is determined completely by the properties of the two amalgams. 

In very dilute amalgams, where the activity is proportional 
to the mol fraction, we may predict the electromotive force of 
the concentration cell by means of the equation 

E- -‘’-»2<'‘98«Xl„gg. (13)« 


On the other hand, in the concentrated amalgams we may 
use the measured values of E to find how the activity varies with 
the composition. 

In order to illustrate this method we may employ the data 
obtained for such cells by Richards and Daniels^ at 20®C. At 
this temperature Equation 12 becomes 

> Riohardt and Daniels, J. Am. Chem. Soc., 41, 1732 (1919). In discussing, h^e and else¬ 
where, the thermodynamic properties of thallium amalgams, we follow the paper of Lewis and 
Randall, J. Am. Chem. Soe., 43 , 233 (1921). 
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Now we may let N 2 be the mol fraction and 02 the activity of 
thallium in any amalgam, and N 2 ' and a 2 ' the corresponding 
values in some particular amalgam chosen for reference. Then 
E is the electromotive force of any concentration cell of which 
one electrode is the amalgam of fixed mol fraction n^', and the 
other is an amalgam of any mol fraction N 2 . 

While this equation permits the immediate calculation of 
the ratio of activities between two amalgams which have been 
studied experimentally, it is frequently desirable to obtain this 
ratio by interpolation between two compositions that have not 



0 0.1 0.2 0.3 0.4 

Mol Fraction of Thallium, n,* 

Figure 2. 


been directly investigated. Especially it is desirable to obtain 
not merely such ratios of activities, but also the value of each 
activity, which can be found if we are able to extrapolate our 
data to infinite dilution, where a* = N 2 . For such purpose of 
extrapolation and interpolation we shall once more employ 
the expedient of plotting the difference between the experimental 
data and a function chosen with regard to simplification at 
infinite dilution. 

Thus subtracting log Nj from both sides of Equation 14, 

’"“S'(0:85®“'°*"’)'^ 

If now we plot the quantity in parenthesis, against Nj, as in 
Figure 2, we note that when Nj » 0 we have by definition os/ni 
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*= 1, or log (a 2 /N 2 ) = 0. The value of the ordinate where the 
curve cuts the vertical axis is therefore equal to — log 02 '. Thus 
we determine the activity in the reference amalgam. The 
value of the limiting ordinate, subtracted from the ordinate at 
any other value of N 2 , gives at once the corresponding log (a 2 /N 2 ). 

The curve is drawn from the experimental data given in Table 
2. We have chosen N 2 ' = 0.00326, so that — E is equal to the 
value of the e.m.f. given by Richards and Daniels. The first 
column gives the mol fraction of thallium; the second gives 
- E (the e.m.f. between an amalgam of the mol fraction given and 
one in which N 2 ' = 0.00326). In the next column is given 
(— E/0.05816 — log N 2 ), plotted as ordinate in Figure 2; the fourth 
gives the values of a 2 /N 2 obtained from the plot by the method 
just described. Namely, log a 2 /N 2 is obtained by subtracting 
the intercept on the axis of ordinates (— log = 2.4689) from 
the values in Column 3. The last column gives the values of 02 . 


Table 2.—Activity of Thallium in Amalgams at 20®C 


N2 

-E 

-E 

.. — log Nx 

0.05816 ^ 

a2 

N2 

at 

0 

- 00 

2.4689 

1 

0 

0.003259 

0 

2.4869 

1.042 

0.003396 

0.01675 

0.04555 

2.5592 

1.231 

0.02062 

0.03723 

0.07194 

2.6660 

1.574 

0.05860 

0.04856 

0.08170 

2.7184 

1.776 

0.08624 

0.0986 

0.11118 

2 9177 

2.811 

0.2772 

0.1680 

0.13552 

3 1045 

4.321 

0.7259 

0.2074 

0.14510 

3.1780 

5.118 

1.061 

0.2701 

0.15667 

3.2610 

6.196 

1.674 

0.3361 

0.16535 

3.3159 

7.031 

2.363 

0.4240 

0.17352 

3 3558 

7.707 

3.268 

0.428 (sat.)^ 

0.17387 

3.3580 

7.75 

3.316 

T1 (liquid, supercooled) 


8.3 

8.3 


* The next to the last value of as is for saturated amalgams containing an excess of solid 
thallium. It is to be noted that I^ewis and von Kndc {J. Am, Chem. »S«c., 32, 732 (1910)) 
assumed the potential of solid thallium to be the same as that of a saturated thallium amalgam, 
since at ordinary temperatures thallium and mercury had been shown by Kurnakov and Pusch* 
kin to form no compound, and since Sucheni had shown that mercury does not dissolve appre¬ 
ciably in solid thallium. Richards and Daniels find by preliminary experiment that the 
saturated amalgam has a lower potential than pure thallium by 0.(X)26 volts. Hence the state¬ 
ment of Sucheni must be incorrect, and Solid thallium must dissolve several percent of its 
own weight of mercury. It is, however, this thallium in contact with mercury, and possibly 
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Calculation of the Activity op One Component op a Solu¬ 
tion WHEN THE Activity of the Other is Known 

When we know any partial molal quantity for one constituent 
of a binary mixture over a range of compositions, we have seen 
in previous chapters how it is possible to find the change in the 
corresponding partial molal quantity for the other constituent 
over the same range. Thus for changes in partial molal free 
energy, due to isothermal changes in composition, we have by 
Equation XVIII-12 


dfi = - 

N. 

(16) 

or by integration 

Pl - P/ = - 

(17) 

A*' N, 


The only difference between the use of this equation and of 
similar equations which we have used for Cp, ii, etc., is that P 
of a solute, instead of approaching a finite value at infinite 
dilution, approaches — oo. For this reason it is a great con¬ 
venience to replace the free energy by the activity, according 
to the differential form of Equation 2, 

d¥ = RTd In a. (18) 

Then Equation 16 becomes 

d In ai = — din a*, (19) 

Ni 

or 



Now by plotting N 2 /N 1 against log az we could integrate this 
equation graphically, merely by determining the area under the 

containing come mercury dissolved, that we shall call solid thallium for the purposes of this 
and the following chapter. 

It will be observed that in the higher concentrations the values of at/nt are rapidly ap¬ 
proaching a constant value, about 8.3. This value will give at/st for pure supercooled liquid 
thallium, a quantity which we would have taken as unity if we had chosen to regard liquid 
thallium as the solvent. Thus between the two standard states, one of which makes oi/ns >- 1 
when Nt » 1, and the other of which makes os/ns •« 1 when Ns 0, the ratio of fugacities is 8.3. 
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curve between two limits. We have, however, observed before 
that, of two exact equations which are mathematically identical, 
one may give far more accurate results than another, when 
employed in practice in an arithmetical or graphical computation. 
The method we have just suggested of integrating Equation 19 
does not in fact, without the expenditure of an undue amount 
of labor, permit a very accurate calculation of the change in 
log a\ between two finite limits of concentration, and still less 
does it lend itself to an extrapolation to infinite dilution. 

A Graphical Computation of the Activity of the Solvent. We 
may, however, by a simple expedient, turn this equation into 
another which is equally simple, and which is extremely well 
suited for use in our graphical methods. 

Noting that by Equation IV-3 

dNi = — dN 2 ; Nid In Ni = — ^ 2(1 In N 2 ; 

d In Ni = - --d In N 2 , (21) 

Ni 

we may subtract the last equation from Equation 19 and find 


rfln = -5!dlnf?, 
Ni Ni N2 


or, using common logarithms and integrating, 

iog^-iog^Li: = - r*5?rfiog-2?. 

Ni Ni' L.' Ni N2 


( 22 ) 


(23) 


If now we integrate graphically, by plotting N 2 /N 1 as ordinates 
against log (a 2 /N 2 ), the area under the curve between the points 
corresponding to the two compositions gives immediately the 
difference between the two values of log (ai/Ni). 

If one of the two compositions be taken at infinite dilution, 
that is if N 2 ' = 0, then by definition Oi'/ni' = 1 and its logarithm 
is 0. Hence 


log^ 

Ni 


= - raiioB*, 

yo NI N2 


(24) 


where the integral now is the whole area under the curve from 
the origin (where log (oi/n*) = 0) to the given composition. 
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We shall now illustrate the use of this equation by determining 
the activity of mercury in thallium amalgams, by means of the 
activities of thallium which were obtained in Table 2 from mea¬ 
surements of electromotive force. Figure 3 shows Nj/ni plotted 
against log (oi/Ns). By measuring the areas to ordinates which 
correspond to round mol fractions (illustrated in the figure by 
ordinate corresponding to Nj = 0.25, Nj/ni = 0.333) we obtain 
the values of oi/ni given in the last column of Table 3. The 



Figure 3. —Activity of Thallium in Thallium Amalgams at 20®C. 


approximate interpolated values of are also given for 

later reference. 

Table 3.—^Activity of Mercury (and of Thallium) in the Amalgams 

AT 20* C 


Nj 

Na/Ni 

aa/Ni 

Gi/Ni 

0 

0 

1 

1 

0.006 

0.00502 

1.06 

0.9998 

0.01 

0.0101 

1.15 

0.999 

0.05 

0.0526 

1.80 

0.986 

0.1 

0.111 

2.84 

0.950 

0.2 

0.260 

4.98 

0.866 

0.3 

0.428 

6.60 

0.790 

0.4 

0.667 

7.57 

0.734 

0.6 

1.000 

7.98 

0.704 
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Calculation of the Activity of the Solute: (I) An Analytical 
Method. More frequently we have the problem of determining 
the activity of the solute when that of the solvent is known over 
a range of composition. The equations are identical with those 
which we have already employed, with the subscripts inter¬ 
changed (except in the limits of integration). Thus 


log 


Na 


T'-idlog^. 

Jo Na Ni 


(25) 


We shall illustrate the use of this equation by means of the data 
of Table 1. 

In performing such an integration as is indicated in Equation 
25, we have the option of employing such a graphical method as 
we have just illustrated, or some analytical method. In the case 
before us, Hildebrand and Eastman have used an analytical 
method for the interpretation of their results, and we may make 
use of the empirical equation, which they found to reproduce 
their experimental results in a very satisfactory manner, namely, 


, v^ . 00960 , ai 

log ^ - log N, = - y -- S = log ^ . 

(l + 0.263^^i) 


(26) 


Substituting in Equation 25 and integrating/ 


loe 0^960/ 

07263 


1 


1 + 0 . 2637^1 2 

Nj 


+0.263 5)) 


(27) 


From Equations 26 and 27 we have obtained the values given 
in Table 4. The last figures in parentheses are the extrapolated 
values for N 2 = 1, in other words 2.32 is the activity of pure 
molten thallium, and 0.80 is the value of ui/ni in a very dilute 
solution of mercury in thallium, when the standard states have 
been chosen with reference to dilute solutions of thallium in 
mercury. 


^ The fundamental equation for the integration (B. O. Pieroe, 
Ginn and Co., Booton, 1899) is, 

xdx 1 / - 1 1 


'Short Table of Integrals,” 


__i_Y 

; U + MJ» f* \I + cx 2(1 + «)«/ 
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Table 4. —Activities of Mercury and Thallium in Amalgams at 325^0, 
From the Empirical Equation 


Ni 

qi 

as 

Ni 

Ns 

0 

1 

1 

0.10 

0.98 

1.53 

0.20 

0.95 

1.86 

0.30 

0.92 

2.05 

0.40 

0.89 

2.17 

0.50 

0.87 

2.23 

0.60 

0.85 • 

2.28 

0.70 

0.83 

2.30 

0.80 

0.82 

2.31 

(1.00) 

(0.80) 

(2.32) 


(II) A Graphical Method. If in using Equation 25 we had 
employed the graphical method and plotted N 1 /N 2 against log 
(oi/ni), we should have obtained the plot illustrated in Figure 4. 
It is evident at once that this case presents formidable difficulties 
which we did not encounter when working with Figure 3. For 
our curve is now asymptotic to the vertical axis, and must be 
extrapolated to infinity in order to obtain the area under the 
curve between a given ordinate and the ordinate axis.^ 



Log (oi/ni). 

Figure 4.—Activity of Mercury in Thallium Amalgams at 326®C. 

That part of the area which lies to the right -of the measured points and 
represents the range of extrapolation will vary with any change in the method 

* It will be observed that the total area under the curve, to the point where it meets the 
horizontal axis, gives the value of log at/Kt, or log at, for pure moUen thallium. 
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of extrapolation. This will not produce any change in the ratio between two 
values of (h/vit in the range of the measurements, but will result in a multipli* 
cation of every value of a*/N* by a constant factor. Thus, if we plot in Figure 4 
the rounded off values of Hildebrand and Eastman, and extrapolate our curve 
with the aid of their empirical equation, we obviously must obtain the same 
values of Oj/nj as those given in Table 4. C)n the other hand, if in drawing 
the figure and in making the extrapolation we should give full weight to the 
experimental values of pi/pi° at the two lowest concentrations, namely, 
0.955 and 0.938, instead of the rounded-off values 0.952 and 0.935, this small 
change would have a large effect qpon our extrapolation, and would diminish 
all the values of 01 /N 2 by 10% or more. 

It is evident that in cases of this kind, which show so pronounc>ed a deviation 
from the perfect solution, accurate data for (Zi/ni in dilute solutions are neces¬ 
sary to exact evaluation of 02 /N 2 by this method.‘ If we had experimental 
values of the activity of thallium, in dilute solutions of mercury in thallium, 
we could, by the present method, determine the activity of the mercury with 
a relatively high percentage accuracy; for we see in Table 4 how much more 
nearly the amalgams behave like perfect solutions when there is an excess of 
thallium than when there is an excess of mercury. 

(Ill) A Special Graphical Method. Various means could be 
devised whereby the graphical method, which we have just 
employed for extrapolation to infinite dilution, might be ren¬ 
dered less laborious, or more exact with a given expenditure of 
labor, at the cost of a small amount of additional arithmetical 
work. For such a purpose we shall invent a function which 
rapidly approaches zero at infinite dilution, namely, 

h = + 1, (28) 

where we write for convenience, ?' = N 2 /N 1 . Hence 

dh = . (29) 

r 

Combining with E(]|nation 19 gives 

— d In (12 = dh + {h - 1) d In r, (30) 

* If we should have values of ai over a range of (imposition, without sufficiently accurate 
data in dilute solutions to permit the evaluation of the activity of the solute with respect to 
the standard state referred to infinite dilution, we might depart from our rule, and choose for 
temporary convenience the solute in some pure form as standard. But this expedient also 
might in many oases be difficult or impossible as in the case of a solute which is not stable in 
any pure form. In such a case we might take at » n*, or at « m, at some arbitrarily chosen 
concentration. In all such cases it is necessary, if we are to avoid misunderstanding, to make it 
perfectly clear that an unusual definition of the standard state is being employed. 
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and adding d In r to both sides, 

_ d In ?* = dA + M In r. (31) 

r 

When N 2 = 0, and Ni = 1, ln(a 2 /r) = 0, and it may also be 
easily shown from Raoult's law that A = 0. Therefore, inte¬ 
grating to infinite dilution, 

In ^ - Ar^dr. (32) 

r Jo r 

In aqueous solutions we write N 2 /N 1 = r = 7n/55.51, whence^ 

In ^ = 2.303 log ^ = - A - dm, (33) 

m m Jo m 

where A, for the purpose of numerical calculation/ may be 
written 

A = S^lnji, j ^35) 

m 

We may then plot A/m against m, without great care, and, by 
making a rough estimate of the area, obtain a high accuracy 
in ai/m. 

The plot is so sensitive that even minute defects in the experi¬ 
mental measurements are very noticeable. In fact there are 
no existing data for dilute solutions which are of sufficient accu¬ 
racy to warrant the full application of this method. The most 
precise measurements of this sort are those of Smits^ and of 
Frazer, Lovelace and Rogers.* The latter investigation we shall 
consider in Exercise 9. The measurements of Smits on solutions 
of sugar in water at 0®C are reproduced in Table 5, where the 
first column gives the molality, the second the relative lowering 
of the vapor pressure, while the third, fourth and fifth give the 
values of In ai, of A, and of A/m calculated from these data. 

1 Defining at now as on i>age 260. 

* In working with dilute solutions it is preferable to retain the natural logarithm, since it 
may readily be shown by expansion in series that 



and in dilute solutions the first term is the only one of consequence. 

« Smits. Z. phytik. Chem., 89. 386 (1901). 

* Fraser. Lovelace and Rogers, J. Am^ Chem. 8oe., 42,1703 (1020). 
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Table 5.—Vapor Pressure op Aqueous Sugar Solutions at 0®C 


m 

Vi" - Pi 

Pi** 

In Oi 

h 

A 

m 

0.050 

0.00053 

-0.00053 

0.413 

8.26 

0.172 

0.00323 

-0.00324 

-0.044 

-0.255 

0.454 

0.00867 

-0.00871 

-0.065 

-0.143 

1.009 

0 01982 

-0.02002 

-0.101 

-0.100 


In spite of the care with which the measurements were made, 
it is evident that h has quite an absurd value in the most dilute 
solution. But even eliminating this point and plotting the 
other three, we should obtain a result which is probably erroneous. 
In fact, when we consider the more exact determinations afforded 
by freezing point measurements, we are going to point out an 
empirical rule, according to which a quantity, nearly identical 
with hj is proportional to m in dilute solutions of non-electrolytes. 
Therefore according to this view the observed variations in 
A/m are due solely to error of experiment. 

Adopting such a rule. Equation 33 assumes the simple form 

In ^ - 2A, (36)* 

m 

an equation which in a case like this presumably holds without 
sensible error, to concentrations higher than molal. Applying 
it to the data for the molal solution, where the chance of experi¬ 
mental error is least, we find 2.303 log = 0.2, or = 

1.22. In making a similar calculation with a more dilute 
solution we should not employ the experimental value of A, 
but rather one which is proportional to the one just used. Thus 
at O.IM, we would write 2.303 log = 0.02. 

Exercise 1. Assuming it to be incompressible, calculate the activity 
of liquid water at 25®C and at 100 atmos. pressure. 

Exercise 2. What is the activity of water at 100°C in a solution from 
which the vapor pressure of water is 700 mm.? 

Exercise 3. For the process, Hg(l) « Hg(in T1 amalg., N2 * 0.60), 
calculate aF6m. 

Exercise 4. We may show that the activity of bromine in aqueous 
solution is nearly proportional to the molality, up to the saturated solution. 
First show, from data given in this chapter, that, for the vapor pressure of 
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bromine from a dilute aqueous solution at 25°C, p « 1.46 m. IC this pro¬ 
portionality continued up to the point where p » 0.280, which is the vapor 
pressure of pure bromine, we could calculate the molality of a solution which 
would be in equilibrium with liquid bromine, or, in other words, the solu¬ 
bility of bromine. Compare with the value thus obtained the solubility 
at 25°C, measured by Jakowkin (Z. physik. Chem.f 20, 19 (1896)), namely, 
34.0 g. per 1000 g. of water. 

Exercise 5. The distribution of HgCl 2 between benzene and water 
at 25°C has been obtained by Linhart (J. Arn. Chem. Soc., 37, 258 (1915)). 
He expresses concentration (mols per liter) in the two phases by and 
These are given in the following table, together with the ratio of to Cb 
at the various concentrations. In these dilute solutions *■ m, the mo¬ 
lality. Assuming the activity of HgCl 2 in benzene to be proportional to 
CB, and taking the activity in the water equal to m in the most dilute solu¬ 
tion, find the activity in the most concentrated of the aqueous solutions 

Table 6.—Distribution of Mercuric Chloride between Water 

AND Benzene 


CB 

CIV * m 

m(cB 

0.0210 

0.2866 

13.65 

0.0174 

0.2326 

13.38 

0.01222 

0.1578 

12.91 

0.00880 

0.1112 

12.64 

0.00524 

0 0648 

12.35 

0.000618 

0.00738 

11.95 

0.000310 

0.00369 

11.90 

0.000155 

0.001845 

11.90 


Exercise 6. In Figure 2, (E/0.05810 ~ log N 2 ) might equally well 
have been plotted against any function of N 2 , instead of against N 2 itself. 
If instead of N 2 we had used N 2 /N 1 , show' that with such a plot we could have 
dispensed with Figure 3, and could have obtained log (ui/ni) without 
obtaining log (a 2 /N 2 ). 

Exercise 7. At 325®C, find, from Table 4, the e.m.f. of a concentration 
cell with two thallium amalgam electrodes, N 2 » 0.40, and N 2 » 0.80. 

Exercise 8. From mixtures of acetone, mol fraction - Ni, and chloro¬ 
form, mol fraction » N 2 , Zawidzki (Z. Physik. Chem., 35, 129 (1900)) ob¬ 
tained at 35.2°C the following vapor pressures, pi, of acetone (in mm. Hg): 

Ni 1.000 0.9405 0.8783 0.8165 0.7103 0.6387 0.5750 

pi 344.5 322.9 299.7 275.8 230.7 200.3 173.7 

Calculate ai/Ni, and by plotting as in Figure 4 calculate, for the chloroform, 
02 /N 2 when N 2 0.10, 0.20, 0.30 and 0.40, and show that this ratio increases 
about 60% from N 2 » 0 to N 2 « 0.40. 
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Exercise 9. Frazer, Lovelace and Rogers made a very careful study of 
the vapor pressure lowering in aqueous solutions of mannite. They give 
the temperature as 20°C, but if we are to admit the degree of accuracy which 
the authors claim, it is necessary to assume that their work was done at a 
slightly lower temperature where the vapor pressure of pure water is 17.31 
mm. Using this value of and their results given in Table 7 (also expressed 
in mm.), calculate the values of h, and by taking an average value of h/rrif 
show, by Equation 36, that 02 /m increases about 4% between = 0 and 
m « 1. 

Table 7.— Vapor Pressure Lowering in Aqueous Mannite Solutions 


Pi** - Pi 

m 

Pi° - Pi 

m 

0.0307 

0.0984 

0.1863 

0.5958 

0.0614 

0.1977 

0.2162 

0.6934 

0.0922 

0.2962 

0.2478 

0.7927 

0.1227 

0.3945 

0.2791 

0.8913 

0.1536 

0.4938 

0.2792 

0.8922 

0.1860 

0.5944 

0.3096 

0.9908 
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CHANGE OF ACTIVITY WITH THE TEMPERATURE, 
AND THE CALCULATION OF ACTIVITY FROM 
FREEZING POINTS^ 

Before discussing one of the most important of all methods 
of determining the activity of substances in solution, we must 
find how the activity changes with the temperature. Consider 
the isothermal transfer of some constituent from a solution of 
one concentration to a solution at another concentration; then 

Ai!’ = f-P' = i27’ln “ (1) 

a 

Now if Aff is the change in heat content accompanying this 
transfer, we may write, by Equation VIII-4, 

AH = ft - fl' - E - r/, (2) 

where E = ft — h® is the heat content referred to the chosen 
standard state. Hence by Equation XV-6, 

d(f) IdT = d /dT = - I? = - (3) 

where we are considering AF between two fixed concentrations, 
as a function of T. Combining with Equation 1, 

(4) 

If the transfer in question is from a state which we have 
taken as standard we may replace, in these equations, P' by r®; 
a' by a® * 1; and E' by l® = 0, and we have the fundamental 

i In tuoh chapters as this there are sections which most readers will prefer to pass over until 
they find occasion to employ the special methods here developed. 
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equation for the change of activity with the temperature, at 
constant composition, 

d In CL _ _ Ts 

This equation is applicable to any constituent of a solution. 
In the case of a solution in which we call one constituent the 
solvent and the other the solute, we shall take l = l® = 0, 
at infinite dilution, for both solvent and solute, in accord with 
our previous conventions in Chapter VIII. 

If in any calculation L is assumed to be constant, the integration 
(always at constant composition) gives 

R In a = ^ + const., (6) 

or, if we wish to consider the ratio of activity to mol fraction 
(the latter being constant with varying temperature), and if we 
use common logarithms, 

4.5787 log ^ y + const. (7) 


The integration constants may l)e found by determining a at 
some one temperature. 

On the other hand, if the partial molal heat capacities are 
known, l may be expressed as a function of the temperature by 
Equations VIII-3 and VIII-4, 


dL 

dT 


= Cp— Cp®, 


where Cp is the heat capacity in the given state and Cp® the heat 
capacity in the standard state. Except when the heat capacities 
are changing rapidly with the temperature, or we are dealing 
with a very wide interval of temperature, we may then express 
C as a linear function of the temperature,^ 

I = Eo + (Cp - Cp®)r. (8) 

i The oonatant lo in thia equation must not be confused with l?, which refers to the standard 
state. 
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The integration of Equation 5 then gives 

4.5787 log o = ^ - 2.303 (Cp - Cv) log T + const., (9) 
and also, 

4.5787 log ® = % - 2.303(Cp - Cp”) log T + const. (10) 

Both these equations are for a solution of fixed composition. 

We may illustrate these equations by showing how the tables 
for the activity of thallium and mercury in amalgams, which 
we gave in the preceding chapter, may be compared with one 
another. For example, from the measurements of electromotive 
force of concentration cells at 20®C, we may calculate the vapor 
pressure of mercury over an amalgam containing 40 mol per 
cent of thallium, at 325®C. 

From Table XXII-3, ai/Ni, for mercury at 20®, when N 2 = 0.40, 
is 0.734. For the same amalgam we find by Table VIII-1, 
cpi “ Cpi® = 7.05 — 6.70 = 0.35, and by Table VIII-6, 

* — 232. First let us assume h constant, and substitute our 
values in Equation 7. We first solve for the integration con¬ 
stant, and then, at T =* 598®K, we find ui/ni = 0.899. 

Now if we repeat this calculation, using Equation 10 and the 
values of Cp, we find, at 598®K, Oi/ni = 0.871. 

This is just such a case as was discussed in Chapter IX (Fig¬ 
ure 1), where the calculation is over such a wide range that we 
may be sure that ACp must change very considerably. There¬ 
fore, as was explained in that chapter, we can only be sure that 
the true value must lie between those obtained in the two cal¬ 
culations we have just made.' In fact, from the measurements 
of Hildebrand and Eastman (Table XXII-4), ai/Nj = 0.89. 
Instead of calculating ui/ni we might calculate pi/p®, which 
would be 0.60 from Raoult's law, is found to be 0.534 by Hilde¬ 
brand and Eastman, while we calculate that the value must lie 
between 0.539 and 0.522. 

By precisely the same method we may calculate, in the same 
amalgam, the activity of the thallium or ag/Na at 598®K. Here, 
on account of the large values of Lz and of Cp 2 - Cp 2 ® (Tables 
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VIII-6 and VIII-1), the uncertainty of extrapolation is greatly 
increased. Thus we find for at/Nt, at 598°K; by the first method 
2.00, by the second method 2.38, whereas the value obtained 
from the measurements at the high temperature (Table XXII-4) 
is 2.17. 

Exercise 1. A greater accuracy than that of the last illustration is 
obtained if we calculate, not the absolute activity of thallium, but the ratio 
of its activity at two concentrations. Consider the two amalgams, N 2 « 
0.10 and Ns » 0.40, and by calculations based on previous tables find, at 
325®C, the ratio of a 2 /N 2 at the two concentrations; first by Equation 7 and 
second by Equation 10. Compare with Table XXII-4. 

Exercise 2. For a more limited range of temperature Equation 10 is 
obviously the one to employ. With this equation calculate the vapor pres¬ 
sure of mercury, at 200°C, from an amalgam containing an equal number of 
mols of mercury and of thallium (the vapor pressure of pure mercury being 
taken as 18 mm.). Extrapolate where necessary. 

Exercise 3. By Equation 10, and from Tables VlII-1, VIlI-6, and 
XXII-3, find the activity of thallium at 121°C in the three thallium amal¬ 
gams, N 2 -> 0.30, N 2 - 0.40 and N 2 » 0.50. Plot the values of ai and 
draw a curve permitting extrapolation to N 2 * 0.60. (This plot will be 
referred to in the next section.) 


Change of Solubility with the Temperature 

It is sometimes convenient to refer the activity of a substance 
in one phase to the same standard state that is employed in 
another phase. This has been done, for example, in Table 
XXII-2, where we have given the activity of solid thallium in 
terms of the standard state used in dilute amalgams, namely, 
at 20®C, a, = 3.316. This procedure has the advantage that 
the substance is assigned the same activity in both phases when 
they are in equilibrium. Thus in the case just cited we have 
also for the thallium in the saturated amalgam (N 2 = 0.428), 
02 =* 3.316. We now have adequate data for the calculation 
of the solubility of thallium in mercury at other temperatures. 

We find from Table VIII-6 for solid thallium l = 805 (again 
referring to the standard state as defined in dilute solutions). 
We may take for solid thallium Cp = 6.2, while from Table 
VIII-1, Cp 2 ® * 10.2. We may substitute these values in Equa- 
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tion* 9 and solve for T = 394 (121°C), at which temperature 
we find Oj = 2.48, which corresponds, according to the curve of 
Exercise 3, with n* = 0.597. This therefore represents the com¬ 
position of the saturated amalgam at T = 394, and is in remark¬ 
able agreement with the solubility experimentally determined,* 
namely N* = 0.598. This whole calculation is in no appreciable 
way affected by assumptions as to the purity of the solid phase, 
since, throughout our calculations with thallium, we have con¬ 
sistently used as solid phase the one (whatever its composition 
may be) which exists in contact with mercury. 

The Activity op a Solid in the Neighborhood op its 
Melting Point 

When we treat of the transfer of a substance from the pure 
liquid to the pure solid phase, we may take the former as the 
standard state, and if we represent the activity of the solid by 
a„ and its heat content by l„ the corresponding quantities for 
the liquid are respectively unity and zero. Corresponding to 
Equation 5 we have, 

dt~ Wr Rf^' ^ ’ 

where Aff is the latent heat of solidification. 

Sometimes it is desirable to put such an equation as this into a 
form which is especially adapted to calculations in the immediate 
neighborhood of the freezing point. If we represent by 0 the 
absolute temperature of the freezing point, and if we are using 
some temperature, d degrees below the freezing point, then 

T = 0 - d; dT -dd. (12) 

If AHq is the heat of solidification at the freezing point, and if 
ACp is the molal heat capacity of the solid, less that of the liquid, 
we may write 

L. = AHq - ACpd. (13) 

^ Equation 9 is obviously valid also for a pure substance. 

* Kurnakov and Puschkin, Z. anorg. Ckem., 30, 86 (1002). 
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Substituting this equation and the preceding one in Equation 11, 


d In a. 


(AHe - ACvd)diI 

R(e- '^y 


and expanding this equation in series, 


(14) 


d In a« 
d In a« 


/ SAffe _ 2 A^p\ . 

\ 0* G / 


ACpd)dO, (15) 
• •]. (16) 


Now upon integrating this equation we note that the constant 
of integration is zero, since when = 0 the solid is in equilibrium 
with the liquid and a, = U/ = 1 . Hence^ 

(-§*'w") 

H 20 ( 1 ) = H 20 (s). If we wish to use Equation 17 for water 
and ice we have- 0 = 273.1, AHq = — 1438 and ACp == — 9. 
Substituting these values and neglecting terms of higher order, 
which, within 20 or 30 degrees from the freezing point, are 
negligible in comparison with errors in our experimental data, 
we find 

d In a, = (~ 0.009696 - 0.0000103f?)dd. (19) 

1 Working with RT]n as, we obtain a simpler expression. Thus multiplying Equation 17 
by RT R(0 — d) we find 

• • • . (18) 

e 20 60 * 

This is also an expression for AF, the free energy change in the solidification of the pure liquid* 
since «* RT In a^. 

* The value of A//0 ■■ — 1438 cal. f — 79.8 cal. per gram.) is based upon the ver>* accurate 
measurements of Smith (Phya. Rev., 17, 193 (1903)) as recalculated by Lewis (J. Am. Chem. 
Soc., 30, 681 (1908)). We prefer this to the value — 79.7 given by Roth (Z. phyaik, Chem., 
63, 441 (1908)) as a weighted mean of a number of measurements. Neither the exact value of 
Cp for ice, nor its temperature coefficient is known. By extrapolating a curve based upon 
several measurements of the specific heat of water, and fiom the curve used by Lewis and 
Gibson (/. i4m. Chem. Soe., 39, 2554 (1917)), for the heat capacity of ice, the best equation 
would probably be ACp • 9.1 0.03i9, but for our present purposes we may use the round 

value given above. 
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Such an equation is useful for the determination of activities 
or of free energies in the neighborhood of a freezing point, or of a 
transition point, and is well adapted to the utilization of freezing 
point data in solutions, as we shall show in the following sections. 

Calculation of the Activities in Aqueous Solution from 
Freezing Point Data, Heat of Dilution being 
Neglected 

The great mass of existing data upon the freezing points of 
aqueous solutions furnishes our best source of information con¬ 
cerning the activities of substances dissolved in water. However, 
such thermodynamic discussion of these data as is to be found in 
the literature is for the most part unsatisfactory and often quite 
erroneous. The method proposed by Lewis^ for the calculation 
of the activity of the solute, while thermodynamically accurate, 
was difficult of application, and time-consuming. In this chapter, 
and in a later chapter upon electrolytes, we shall develop that 
method to permit the thermodynamic interpretation of freezinjg 
point data with speed and accuracy. 

The lowering of the freezing point of water by any given solute 
depends (at constant pressure) solely upon the composition, so 
that, if m is the molality, and is the lowering of the freezing 
point, any value of m determines a single value of t?, and vice 
versa. At the freezing point of the solution the activity, Ui, 
of water in the solution, is equal to the activity, a„ of the ice, 
by the convention that we adopted above. Hence by Equation 
19, 

d In ai = ( - 0.009696 - 0.0000103d)dt^, (20) 

and 

In ai = - 0.009696d - 0.0000051t>S (21) 

or 

logui - - 0.00421 If? - 0.0000022i?2. (22) 

In these equations ui is the activity of the water in each solution 
at its freezing point. 

> Lewis, J. Am. CAem. Soc., 34, 1631 (1912), 
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Now that we know ai for each concentration at one tem¬ 
perature, namely, at the melting point, we may employ Equation 
5 to find the activity at the same concentration at other tempera¬ 
tures. Indeed we see from that equation that ai at a given 
concentration is independent of the temperature as long as Li 
is zero or negligible. This is the fact in the great majority of 
cases where we have to deal neither with very concentrated 
solutions nor with an exceptionally large heat of dilution. 

For this reason we may postpone for the moment the most 
general treatment in order to consider the case in which Ui, at a 
given concentration, is independent of the temperature. With 
this assumption, the values of at which appear in Equation 21 
are valid at any temperature. Hence at some one temperature, 
say 25®C, we may use this as an isothermal equation. It may 
seem strange to use, as an isothermal equation, one in which 
appears as a variable, but we must remember that is not the 
temperature of the solution, but merely the temperature at 
which it would happen to be in equilibrium with ice. We may 
therefore regard i? merely as a property of the solution, which, 
like the density or the refractive index, is simply a function of 
the composition, such that each concentration determines a 
value of 1 ?, and each value of t? determines a concentration. 

The Activity of the Solute. With this understanding we will 
introduce Equation 20 into the isothermal equation, XXII-19. 


d In 02 = — ^ d In 
N2 

to give 

d In a* = - — - (- 0.009696 - 0.0000103t))dt>, (23) 

m 


an equation from which we may obtain the activity of the solute. 

Before proceeding to the integration of this equation, let us 
examine the case where approaches zero. The last term 
disappears, and since we are approaching infinite dilution we 
may write a* = m, whence 


d In m 


55.51 X 0.009696 ^ = 1 858 

'dm 


(24)* 


m 
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The important number* 1.858 is known as the molal lowering of 
the freezing point at infinite dilution. We will represent it by 
the symbol X, and put Equation 23 in the form, 

d In 0 * = — + 0.00057 ~, (25) 

Xm m 


where the last term does not become appreciable until the 
molality is nearly unity. 

The Integration. For practical reasons we shall slightly 
transform Equation 25. Let us define a quantity j by the equa¬ 
tion 



(26) 


where i>/(Xm) is obviously the ratio between a given molal lower¬ 
ing and the molal lowering at infinite dilution. By differen¬ 
tiation, 


— — 

Xm Xm* 


(27) 


or 


— 

Xm 


= (1 — d In m — dj. 


(28) 


Substituting in Equation 25, and subtracting d In m from both 
sides, we have 

d In ^ - jd In m - dj + 0.00057 ~. (29) 

m m 


Finally, integrating from infinite dilution up to a given molality. 


In^- 

m 



jd In m — j + 


0.00057- dd. 
m 


(30) 


Each of these terms disappears at infinite dilution, so that the 

1 In the older literature the limitinic molal lowering was giyen as 1.S5, based on an earlier 
value for the heat of fusion. The recalculation by Lewis (to which we have already referred) 
led to the above value of X which is now generally adopted. It has been experimentally cor¬ 
roborated by recent exact measurements of freezing points. See Adams (J. Am. Chem. Soe., 
S7. 481 (1015)). 
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coiistant of integration is zero. The first definite integral (A) 
is the area under the curve of — j/m plotted against m. The 
second definite integral (B) is the area under the curve of 
&/m plotted against after multiplication by the numerical 
factor. 

The freezing points of aqueous solutions of non-electrolytes 
have rarely been obtained with the highest possible accuracy, 
and never over any wide range of concentration. As an example 
of the use of Equation 30, we may use the data for the freezing 
point of glycerine solutions obtained by various observers and 
given in the tables of Landolt, Bernstein and Roth. 



Figure 1. 

These data are contained in Table 1, where the sixth column 
gives the definite integral A obtained from Figure 1, — j/m 
being plotted against m. Evidently the drawing of a line through 
the experimental points is somewhat arbitrary. We have 
chosen to disregard entirely the experimental points at the two 
lowest concentrations. Fortunately the exaggeration produced 
by this method is so great that a considerable variation in the 
curve causes very little difference in the final results. 

A still cruder plot suffices for the estimation of J5, which is an 
insignificant term except at the higher concentrations; even 
at 5 M it affects 02 /m by only 1%. Therefore in all dilute solu¬ 
tions the term B may be neglected, and in concentrated solutions 
may ordinarily be estimated with sufficient accuracy without 
plotting. 
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Table 1.— Activity op Glycerine in Aqueous Solutions at 0®C 


m 


i>/m 

-i 

-j/m 

A 

B 

log (aj/m) 

a%lm 

0.1 

0.1863 

1.863 

0.0025 

0.025 

0.003 

0.0002 

0.0026 

1.006 

0.2 

0.3734 

1.867 

0.005 

0.025 

0.006 

0.0005 

0.0051 

1.012 

0.6 

0.9430 

1.886 

0.015 

0.030 

0.016 

0.0009 

0.0138 

1.032 

1.0 

1.918 

1.918 

0.032 

0.032 

0.031 

0.0021 

0.0284 

1.068 

2.0 

3.932 

1.966 

0.058 

0.029 

0.062 

0.0041 

0.0539 

1.132 

5.0 

10.58 

2.116 

0.139 

0.028 

0.148 

0.0120 

0.1297 

1.348 


A Simple Empirical Rule. Now it will be noted in Table 1, 
and we have found this also to be true in the case of all other 
aqueous solutions of non-electrolytes which we have examined, 
that j/m is constant within the limits of experimental error. 
In other words, we may assume that j is proportional to m at 
infinite dilution, and that this proportionality persists into 
moderately concentrated solutions. 

This empirical rule renders it possible to make an extrapolation 
without employing the very questionable experimental data 
obtained for freezing points at high dilutions; and indeed it 
permits an immediate integration of Equation 30 when the 
term B is neglected. For if j/m is constant, 

2.303 log -2? - - 2j. (31)* 

m 

In using this equation in dilute solutions it is best to draw a 
curve of j/m which becomes horizontal at infinite dilution, 
and to substitute in the equation the values of j taken from 
this smooth curve of extrapolation. 


The Corresponding Calculation when the Heat op Dilu¬ 
tion IS not Neglected 

If now we wish to take account of the change of ai with the 
temperature, it will be seen that Equation 30 remains the same 
except for the addition of one or more new terms. 

If we wish to determine the activity of the solute as a func¬ 
tion of the concentration at some one temperature, say at 25®C, 
we may call the activity of the solvent at the freezing point of 
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a given solution, a/, and the activity of the solvent in a solution 
of the same concentration at some reference temperature (usually 
25®C) we may call a/'. Let us also for convenience write, 

log Ui" - log 0|' = X. (32) 

Denoting the activity of the solute at the reference temperature 
(25®C) merely by oj, we may employ at that temperature our 
isothermal equation (XXII-19), namely, 

d log 02 = - 5^1 d log ai" = - dlog oi' - dx. (33) 

m mm 

If we subtract d log m, and integrate as before, we find, 

‘“'S-i’--'"'"*”'-2:153 + 

0.00025 [”" - 55.51 f ^ dx, (34) 

Jo m Jo 

an expression which is identical with Equation 30 except for 
the additional term in x, which we may evaluate as follows. 
From Equation 5 we find 

where T"' = 298.1 is the temperature chosen for the calculation, 
and V = 273.1 — t?, is the freezing point of the given solution. 
In the first instance we may take Li as constant, and 

2.303iz \r' r) 2.303/e V r"r / ^ ^ 

If then at any concentration we know Ei and the freezing point 
T\ we obtain a value of z, and if this is done at a series of con¬ 
centrations we may plot \/m against x and thus obtain the 
integral in the last term of Equation 34. 

We shall carry this discussion no further at present because 
there are very few existing data for non-electrolytes which 
would warrant the use of this elaborate method, and especially 
because we are to have abundant exercise in the use of a similar 
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equation, involving not only Ei, but its temperature coefficient, 
when we discuss solutions of electrolytes. 

Calculation of Activities from the Rise in Boiling Point 

By methods entirely similar to those which we have employed 
in the preceding section, we may obtain isothermal tables for 
the activity of solvent and solute from the rise in boiling point 
due to the addition of a solute to a solvent. However, this is a 
method which, though frequently used for measurements of a 
cruder sort, does not lend itself to work of high precision. It 
will usually be replaced by isothermal measurements of vapor 
pressures over a range of compositions, and such measurements 
may be utilized by the methods already discussed. 

It may be remarked that ordinarily, if we desire an accurate 
determination of the activity of a solute over a range of dilute 
and concentrated solutions, a high degree of accuracy may be 
most readily obtained by combining freezing point measure¬ 
ments in dilute solutions with isothermal measurements of the 
vapor pressure of the solvent in concentrated solutions. 

Exercise 4. Assuming the following values for freezing point lowering 
in aqueous acetic acid, construct a table like Table 1. Remember that this 
method exaggerates experimental errors, which in these data, collected from 
various sources, are by no means small. Nevertheless the best smooth 
curve drawn through the plotted points of .f/m, and extrapolated to a hori¬ 
zontal line at m » 0, will give reasonably accurate values of as/m. To 
avoid anticipating the work of a later chapter, we pay no attention in this 
exercise to the electrolytic dissociation which will begin to manifest itself 
in the freezing points of very dilute solutions. 

m 0.514 1.159 2.240 4.24 7.18 8.67 11.85 19.42 

t^/m 1.825 1.802 1.75 1.63 1.51 1.46 1.34 1.15 

Exercise 5. From the following values for the freezing point of aqueous 
solutions of aniline, show that j is proportional to m within the limits of 
experimental error, and calculate as/m at each concentration from Equa¬ 
tion 31. 

m 0.050 0.204 0.276 0 437 

d/m 1.82 1.74 1.69 1.60 



CHAPTER XXIV 


THE STANDARD CHANGE OF FREE ENERGY; THE 
EQUILIBRIUM CONSTANT 

When the free energy change in a chemical reaction is mea¬ 
sured, the substances involved are often in states which are 
chosen by the experimenter either arbitrarily or to meet the 
demands of the experimental conditions. One substance may 
be in the gaseous state at high pressure, or another may be a 
constituent of some concentrated solution. The change of free 
energy as measured would be of little service in further calcula¬ 
tions, if we could not obtain from it the free energy change of 
the same reaction when each substance taking part in it is in 
some simple state, or better, in its standard state. 

When Lewis and Burrows^ determined the first free energy of 
formation of an organic substance, urea, it proved to be a simple 
matter to obtain the change in free energy attending the conver¬ 
sion of ammonium carbonate into urea and water, in a very 
concentrated aqueous solution of ammonium carbonate. The 
great difficulties of the investigation came in determining for 
each substance the difference between the free energy in that 
concentrated solution and in some standard state. 

If F is the molal free energy of a substance in any state, and 
F® that in the standard state, the difference, according to Equa¬ 
tion XXII-2, is given as 

p — F® == RT In a. 

The problem of converting free energies in various states into 
free energies in standard states is therefore the problem of deter¬ 
mining the activities of the various substances concerned. 

1 Lewis and Burrows, J. Am. Chsm. Soe., S4,1515 (1912). 
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Let us consider a reaction such as 

8Ag20(s) + 2NH3(aq, 2.0 M) = 6Ag(s) + 

3H20(1, with NHs 2.0 M) + N 2 (g, 100 atmos.), 

and let us assume that AF has been determined for the reaction 
as written, that is, for the reaction in which three mols of solid 
silver oxide disapj)ear, together with two mols of ammonia from 
a twice molal aqueous solution, while six mols of solid silver, 
three mols of water (in the same ammonia solution), and one 
mol of nitrogen gas at 100 atmos. are formed.^ 

Knowing the value of AF, we could also find the change in 
free energy in the same reaction, with every substance in its 
standard state, if we knew f — f® for each substance. The 
silver oxide and the silver are already in their standard states 
and F — F° = 0. By investigating the vapor pressure of am¬ 
monia solutions, or by one of the other methods described in 
previous chapters, we could determine the activity of the am¬ 
monia and write f — f® = RT In o. So also the activity of the 
water is not that of pure water, but is several percent lower 
owing to the presence of the ammonia, a difference which can 
readily be determined. The activity of the nitrogen could be 
calculated roughly by assuming it to be a perfect gas, or more 
accurately by the methods of Chapter XVII. We are then in 
a position to determine AF®, that is, the change of free energy 
for the reaction when each substance is in its standard state, 
the reaction being then written 

3Ag20(s) + 2NH8(aq) = 6Ag(s) + 3H20(1) + NaCg), 

which indicates, in the absence of any further specification, that 
each substance is at unit activity, or, in other words, that we 
are dealing with pure substances at atmospheric pressure, except 
the ammonia, which is taken as being in that hypothetical state 
which we have defined as the standard state of a solute in 
aqueous solutions; and also excepting the nitrogen, if its fugacity 
at one atmosphere is not regarded as exactly equal to the pressure. 

^ All the substancef except nitrogen are taken at atmospheric pressure. If we had taken 
them all at 100 atmos. the difference in free energy thus produced in these liquid and solid 
phases could ordinarily be neglected, or if the precision of the work should warrant, the dif* 
ference could be calculated by Equation XXII-3. 
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Instead of pursuing this special reaction further, let us con¬ 
sider the general reaction in which 1 mols of the substance L 
and m mols of M, etc., give q mols of Q, etc., as represented 
by the equation 

IL -I- mM + • • • = qQ + rR + • • •. 

Let AF be the free energy change in this reaction when the sub¬ 


stances are in any given states, 

^ = (gFfl + rp,j + ■ • ■) - (If j, + mF„ + ■■ ■), (1) 

and let AF® be the free energy change when each substance is 
in its standard state, 

AF® = (qfq^ + rFft® + • • •) — (iFL® + wFif® + • *). (2) 

If represent the activities in the non-standard 

states, then we have 

Kfl - Fi,®) = RT In al (3) 

and so on. 

Combining the several equations we find 

AF - AF° = RT In •. (4) 

alaSl ... 


The important quotient appearing in the last term we may call 
the activity quotient of the reaction. By determining this quo¬ 
tient we may calculate AF® when AF is known, and conversely. 

When AF® is obtained for a number of reactions it may imme¬ 
diately be found for other reactions by mere addition or sub¬ 
traction. When a reaction consists in the formation of a sub¬ 
stance from its elements in their standard reference states, as for 
example, H 2 (g), Hg(l), l 2 (s), then AF® is known as the AF of 
formation, or, more loosely, as the free energy of formation of 
the compound. 

Exercise 1. A galvanic cell with one electrode of hydrogen at a partial 
pressure of 0.9 atmos., and another electrode of mercury and solid mercurous 
chloride, with an electrolyte over which the partial pressure of hydrogen 
chloride gas is 0.01 atmos., has an e.m.f. at 25®C of 0.0110 v. Writing the 
cell reaction as 

HH 2 (g, 0.9 atmos.) -f HgCKs) - Hg(l) + HCl(g, 0.01 atmos.), 
calculate AF and AF®. 
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ExERasE 2. We also find from e.m.f. measurements 

J4Cl,(g) + Hg(l) - HgCl(s); - - 25137 cal. 

Find AF°im for the reaction 

HHs(g) + J^Cl,(g) - HCl(g). 

The Equilibrium Constant 

Whenever we meet with a case of chemical equilibrium, we 
immediately acquire important information regarding the free 
energy change in the reaction concerned. For in such a reaction, 
by Equation XIV-7, 

AF =0. 

Hence, for equilibrium, by Equation 4 

= - RT ln?|^-^. (5) 

alaJS ... 

At a given temperature AF® is a constant, and therefore the 
condition of equilibrium is that the activity quotient shall also 
be constant. The value of this quotient, when the system is in 
equilibrium, we shall call the equilibrium constant, and write 

AF^ == ^RT In K. (6) 

Some of the substances taking part in the reaction, such as 
pure solids at constant or nearly constant pressure, have a 
fixed activity at a given temperature. If these activities are 
omitted from the equilibrium constant, the residual quotient 
will still be a constant,^ and it is usually the custom to retain 
in the equilibrium constant only the activities of gases and of 
substances in solution, where the activity varies markedly with 
the pressure or the composition. 

Let us consider a case in which the substances of variable 
activity are constituents of a perfect solution. Thus in a 
homogeneous mixture of methyl bromide, ethyl chloride, ethyl 
bromide and methyl chloride we might, from our knowledge of 

* The equilibrium constant obtained by omitting all the constant activities will not be equal 
to X as deSned in Equation 6 unless each activity so omitted is unity, or, in other words, unless 
eech substance left out of consideration is in its standard state. 
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these subiltances, expect the activity of each substance to be 
approximately equal to its mol fraction. Hence for the reaction 

CHaCl + CjHfiBr = CHaBr + CaHsCl, 


we should expect an equilibrium to be attained which would 
satisfy the condition 


nInS 


(?)♦ 


The great majority of equilibrium measurements have been 
made in systems involving gases at moderate pressures and 
dilute aqueous solutions. In such cases it is frequently possible, 
with adequate accuracy, to replace the activities of the gases 
by their pressures, and of the solutes by their molalities. We 
then have the ^‘mass law'* in the form in which we owe it to 
Guldberg and Waage^ and to van’t Hoff,^ a generalization which 
will always be esteemed as one of the milestones in the progress 
of chemistry toward an exact science. 

After writing the equation for a given reaction it will be our 
convention to write the equilibrium constant with the activities 
of the substances produced, in the numerator; and of the sub¬ 
stances consumed, in the denominator. 

It is sometimes convenient to denote the activity of a gas by 
its formula, in brackets, and the activity of any constituent 
of an aqueous solution by its formula, in parentheses. To 
illustrate these conventions we write 


MN2(g) + %H2(g) = NH3(g); K = 
N2(g)+3H2(g) =2NH3(g); 
NHs(g) = ^^N2(g) + ,^^H2(g); K = 

NH3(aq) = NH3(g); X = 

> Guldberg and Waage, ** Etudes sur les affinit^s chimiques.” 


JNHJl 
IN,](*]»’ 

INH 3 ] 

JNH,] 

(NH,)' 

BrOgger and Christie, Chris¬ 


tiania, 1867. 


* van*t Hoff. Z. phyaik. Chem., 1. 481 (1887). 
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If in these equations we substitute for the activities the partial 
pressures or molalities, the quotients are not strictly constant 
at finite pressures and concentrations, but approach the true 
equilibrium constant (the quotient of activities) as the gases 
approach zero pressure, and the concentrations of the solutes 
approach zero. 

The Activity of a Solute which Forms Compounds with the 
Solvent. We frequently have to deal with solutions in which, 
for one reason or another, it is assumed that the solute forms 
compounds with the solvent, which are known in general as 
solvates. Thus many substances dissolved in water are assumed 
to form hydrates, with one or more molecules of water combined 
with each molecule of solute. This assumption is sometimes 
mere hypothesis, but often it rests upon very substantial evidence. 
Up to the present time, however, it has been possible in no case 
to determine with any degree of certainty the relative amounts 
of unhydrated substance and of the various possible hydrates. 
How then are we to treat such compounds in our thermodynamic 
work? 

The simplest method of disposing of this question would be to 
ignore the existence of such hydrates, and this would be entirely 
justifiable, since thermodynamics is not compelled to take 
cognizance of the various molecular species which may exist in a 
system, particularly when the existence of such species cannot be 
absolutely demonstrated. Nevertheless, it will be frequently 
more convenient, as well as more consistent with chemical usage, 
to include these hydrates in our consideration, especially since 
by a simple device we may do this without really complicating 
our procedure. We may illustrate this device by a concrete 
case. 

When ammonia dissolves in water it is supposed to form, 
although in unknown amount, at least one hydrate, the mono¬ 
hydrate, which may be written NHs • HjO or NH 4 OH. In other 
words, we assume the reaction f 


NHa(aq) + HaOCl) - NH40H(aq). 



STANDARD FREE ENERGY; EQUILIBRIUM CONSTANT 297 

Now if (NH 3 ), (H 2 O) and (NH 4 OH) represent the several activi¬ 
ties, 

(NH 4 OH) ^ ^ 

(NHs)(H20) 

At high dilution the activity of the water is constant and equal 
to unity, therefore the ratio of (NH 4 OH) to (NHa) is constant, 
and the two molalities are also approximately proportional to 
one another. But we do not know any of these quantities 
separately, we only know the gross or stoichiometric molality, 
m, as determined, for example, by the number of mols of gaseous 
ammonia which have been dissolved in a kilogram of water. 
In very dilute solution this is the same as the number of mols of 
NH 4 OH which would be dissolved in a kilogram of water to 
produce the same concentration. 

In ignorance of the individual concentrations, we may arbi¬ 
trarily take the standard state of each substance in such manner 
that at infinite dilution its activity is equal to the gross molality, 
m. Or, in other words, we assume such standard states as to 
make K = 1. The activities of the two substances then remain 
equal as long as (H 2 O) = 1 (but in concentrated solutions their 
ratio is the activity of the water). 

Such a definition introduces an equal simplicity into the free 
energy equation, since it makes AF® = 0. The same method 
may be employed in all similar cases, although it is possible that 
this method might be abandoned if we ever should succeed in 
determining quantitatively the actual concentrations of the 
individual species. 

Exercise 3. In the *Vater-gas reaction/' CO 2 -h H 2 * CO + HaOCg), 
equilibrium would be reached at 1538®K when the four gases have respec¬ 
tively the following partial pressures: 0.10, 0.10, 0.10, and 0.285 atmos. 
Calculate K and 

flxERCiSE 4. Supposing that by some powerful catalyzer equilibrium 
could be established at 0®C for the reaction N 2 + 3H* » 2NHs(g). If the 
total pressure of the mixed gases is 4 atmos., show that the equilibrium 
constant Kf calculated the partial pressures, instead of the activities, 
would be in error by aboilt 15 percent. In this calculation consider Hs and 
Ns as perfect gases, and employ the fact that in pure ammonia gas at 0®C, 
and 1 atmos., the pressure is 2 percent less than that calculated for an ideal 
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gas. Use Equations XVII>25 and XVII-19 (taking a as constant), together 
with the rule which we announced in Chapter XIX, to the effect that every 
gaseous solution may be regarded as a perfect solution 


The Change of Equilibrium Constant with the 
Temperature 


The standard free energy change, AF®, varies with the tem¬ 
perature according to Equations XV-6 and XV-7, 



where AH is the sum of the heat contents of the substances pro¬ 
duced, less the sum of the heat contents of the substances, con¬ 
sumed, when each substance is in its standard state. * Now, 
substituting for AF°, by Equation 6, we obtain the well known 
equation of van’t Hoff, 

d In X _ AH .Q. 

dT RT^’ ^ ^ 

or, in another form. 


d(ft In X) _ 4.5787 d log X 
d(l/T) d(l/T) 


( 10 ) 


These equations enable us to calculate the rate at which the 
equilibrium constant is changing with the temperature, when AH 
is known; and if we know AH as a function of the temperature, 
they may be integrated. Thus from the value of the equilibrium 
at any one temperature we may calculate its value at any other 
temperature. We are going to have frequent opportunity to 
illustrate such calculations, and therefore we shall confine our¬ 
selves at this time to the description of an interesting method 
of solving the converse problem, which consists in calculating 
the heat of a reaction from the temperature variation of its 
equilibrium constant;. 

We see from Equation 10 that if we should plot — fZ In X 

> It would be more conaietent with our nomenolature to use Aff* here, but we have refrained 
from doing so in order to avoid any possible confusion with the quantity Atfo which we so 
frequently employ. Moreover the simplification is also justified by the fact that ordinarily 
AH is nearly independent of pressure and concentration. 
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against 1/T the slope of the curve at each point must give the 
value of AH. Such a method is especially useful in numerous 
cases where the only information which we possess regarding the 
heat of a reaction is derived from the equilibrium measurements 
themselves. 

As an example, we may employ the measurements of Preuner 
and Schupp^ and of Randall and Bichowsky^ on the equilibrium 
between hydrogen, sulfur and hydrogen sulfide, at temperatures 
above 1000®K. Now at these temperatures sulfur vapor is in 
the form of S 2 , a species which exists to no measurable extent at 
ordinary temperatures, and is therefore not subject to the usual 
kind of calorimetric investigation. The reaction is written 

H,(g) + y^(g) = H,S(g); K= 

lil2j [02]^ 

The results are given in Table 1, and the data of the last two 
columns are plotted in Figure 1. 

Table 1.—Equilibrium between Hydrogen, Sulfur and Hydrogen 

SULFIDB 


T 

log/C 

-ft In a: 

1/T 

1023 

2.025 

-9.272 

0 0009775 

1103 

1.710 

-7.830 

0.0009066 

1218 

1.305 

-5.975 

0 0008210 

1338 

0.964 

-4.414 

0.0007474 

1362 

0.902 

-4.130 

0.0007342 

1405 

0.793 

-3.631 

0.0007117 

1473 

0.643 

-2.944 

0.0006789 

1537 

0.490 

-2.244 

0.0006506 

1667 

0.257 

-1.177 

0.0005999 


The individual points fall beautifully upon a smooth curve which 
is nearly a straight line.^ The slope at each point is AHy thus 
at 1025®K, AH ^ - 20900; at lQ7b^K, AH = - 22000, and this 

^ Preuner and Schupp, Z. phyaik. Chem., 68, 15V (1009). 

* Randall and Bichowsky, J. Am. Chem. Soe.^ 40, 368 (1918). 

* The fact that such curves usually approximate to straight lines makes this method also 
very advantageous for the interpolation or extrapolation of the equilibrium constant. It is 
frequently convenient to plot log K instead of — ft In JC which serves equally well for inters 
polation, but in this case the slope must he multiplied by —4.5787 in order to obtain the 
value of Aft, 



300 


THERMODYNAMICS 


Chap. XXIV 


trend agrees with that calculated from the specific heats of the 
gases (see Exercise 7). 



0.0006 0.0008 0.001 
Reciprocal of Absolute Temperature, 1/T, 

Figure 1.—Equilibrium between Hydrogen, Sulfur and Hydrogen Sulfide. 

If we had reversed the equation of this reaction, which is the 
same as taking the reciprocal of the former equilibrium constant, 
we would write 

H,S(g) = H,(g) + HS*(g); K = 

In sur^h a case we speak of the reaction as a dissociation, and 
this class of reactions presents some interesting features which 
will be further discussed in the following section. 

Exercise 5. Another reaction for which A// cannot be obtained by 
calorimetric methods is the one studied by Starck and Bodenstein (Z. Eiefc- 
irochem., 16, 961 (1910)). Using the equation 12 (g) - 21(g), calculate 
AH at 1100®K and at 1400®K from the data of the following table. By 
extrapolation obtain A'tooo, and 

T 1073 1173 1273 1373 1473 

K 0.0114 0.0474 0.165 0.492 1.23 

Exercise 6. From the fact that 1(g) is monatomic, and from Equation 
VII-7, derive the equation, 

12 (g) « 21(g); 2.6 r In r + 0.0005T* -|- IT, 

or 

- R In X + 2.6 In r - 0.0005 T - 

The first member is then a linear function of l/T. Show therefore that 
a straight line may be obtained by plotting the sum of the above three 
terms against 1/T, and that the slope of this line is A^o. 

Exercise 7. Assuming that Cp is the same for Sjfg) as for O 2 , and using 
Equations VII-6, VII-6 and VII-8, obtain a complete expression for AH 
for the reaction H^(g) -h JiSa(g) » H|S(g). Calculate the change in AH 
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between 1675^K and 1025*’K, and show that the result agrees in sign and 
in order of magnitude with the difference obtained in the text, from equi¬ 
librium measurements alone 

The Dissociation Constant 

Since the pioneer work of Sainte-Claire Deville,^ many of the 
most important reversible reactions which have been studied at 
high temperatures are those which may be classified as disso¬ 
ciations. 

In such valuable technical processes as the catalytic union of 
sulfur dioxide and oxygen to form sulfur trioxide, or the Haber 
process for the synthesis of ammonia, the yield under given con¬ 
ditions of temperature and pressure is limited by the equilibrium, 
that is, by the balance between the process of formation of sulfur 
trioxide or ammonia, and the process of dissociation. 

An interesting type of dissociation is one in which a molecule 
breaks up to form two like molecules. Let us consider the disso¬ 
ciation of iodine vapor at high temperatures, according to the 
equation 

I,(g) = 21(g); K = (11) 

II2J 

At a temperature of 1000®C or above, the dissociation is very 
large,* but, at 600®C, K is about 0.0002, so that if I 2 is at atmos¬ 
pheric pressure, I will be at 0.014 atmos. (and the degree of 
dissociation will be 0.007). 

If, therefore, we were working with this gas in the neighbor¬ 
hood of atmospheric pressure we should find Boyle^s law to be 
approximately obeyed, and would take the activity of I 2 as 
equal to the total pressure of the gas. 

If now the pressure were lowered we should pass through a 
range in which the gas would be found to deviate very markedly 
from the law of the perfect gas, until at low pressures, say one- 
millionth of an atmosphere, the dissociation would be practically 
complete, and Boyle's law would be once more obeyed. 

> Sainte-Claire Deville, Ann. Chem. Pharm.» 135, 94 (1865). 

*Starok and Bodenstein, Z. Slektroehem„ 16, 961 (1910); Lewis and Randall, J. Am. Chem. 
Soe., 36, 2259 (1914). 
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Strictly speaking, it is outside the province of thermodynamics to specu¬ 
late concerning the cause of such anomalous behavior. We may choose 
any formula for the substance iodine, such as I, or Is, or I 7 , and then carry 
through all of our thermodynamic calculations, ultimately arriving at the 
same conclusions, irrespective of our choice. On the other hand, it may be 
far more convenient to use one formula rather than another, and in such a 
case as we are now discussing there is nothing to be lost, and much to be 
gained, by accepting the view that we have in iodine vapor two distinct 
molecular species, Is and I; and by explaining the anomalous behavior of 
the gas as due to equilibrium between these two species. Thus in the 
range of low dissociation we may say approximately that the activity of 
Is is equal to the total pressure,^ while from Equation 11 the activity of I 
is proportional to the square root of that pressure. 

Indeed if the association of monatomic iodine to form diatomic iodine, 
and the dissociation of diatomic iodine to form monatomic iodine were both 
very slow reactions it might be possible to isolate both Is and I as separate 
pure substances. Such separation has actually been made in the case of 
two forms of elementary sulfur, and we may recall in this connection our 
discussion of pure substances in Chapter II. 

When, from the dissociation constant of this reaction, we calculate its 
standard free energy change, we may be dealing with a process which is not 
realizable in practice. We write 

I,(g)=:2I(g); ^ RTXnK, 

where AF® is the increase in free energy which would attend an isothermal 
process which uses up one mol of pure I 2 and produces two mols of pure I, 
both at atmospheric pressure, or, more strictly, both at unit activity. In 
using such equations it will make no difference to us whether the various 
substances considered are in states which are experimentally realizable. 
Thus we could calculate, from Equation XXIII-18, the change in free energy 
in going from water to ice at 25°C, although hitherto no one has succeeded 
in obtaining ice in a superheated condition. 

We may next examine similar cases of dissociation in solution. 
Thus hexa-aryl ethanes^ dissociate into the corresponding tri¬ 
aryl methyls, to an extent which depends upon the temperature, 
the concentration, and the nature of the solvent. As a rule these 
substances are colorless in the undissociated form, but the disso- 

* In the range of negligible dissociation, if the gas law is not obeyed, we cannot determine 
the activity by experiments at lower and lower pressures m our practice has been hitherto; 
but we may use some empirical equation, such as that of van der Waals, or Equation XVII-19, 
and thus by extrapolating to sero pressure find approximately what the behavior of the gas 
would be, if there were no dissociation. 

*Gomberg, J. Am. Chem. Soc.t 36, 1144 (1014). 
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dated molecules, being ‘‘odd molecules'', ^ are colored. By making 
the simple assumption that the absorption of light is proportional 
to the amount of dissociated substance, the degree of dissociation 
may be determined colorimetrically.* 

By just such a method Cundall® made an exhaustive investi¬ 
gation of the dissociation of N 2 O 4 in various solvents, and espe¬ 
cially in chloroform. Since chloroform, NO 2 and N 2 O 4 might be 
expected to form nearly perfect solutions, and since, as far as 
we are aware, this is the only case of this sort for which we have 
data over a wide range of concentration, it will be interesting to 
see how near an approach there may prove to be between Cun- 
dall's results and the demands of Equation 7. 

We have calculated from his data at 0 °C the various figures 
needed for this comparison, and in Table 2 we give in the several 
columns: Ni, the mol fraction of chloroform; N 2 ", the mol frac¬ 
tion of N 2 O 4 ; N 2 ', the mol fraction of NO 2 ; and the ratio (N 2 ') VN 2 ", 
which should be constant according to Equation 7. We see that 
it changes only twofold in passing from the liquid containing no 
chloroform to the dilute solution in chloroform; and in the con¬ 
centrated solution, when the mol fraction of chloroform rises 
from 0 to 0.5, the ratio changes by only 6 percent. The small 
variation from constancy which exists is evidently due to the 
fact that, over this wide range of composition, the activities of 
NO 2 and N 2 O 4 are not quite proportional to their mol fractions. 

Table 2.—Dissociation at 0®C of N 2 O 4 , Dissolved in Chloroform 


Ni 

Ni" 

Ni' 

N2" 

0.00 

1.00 

0.00094 

88 

0.27 

0.73 

0.00080 

87 

0.46 

0.54 

0.00067 

83 

0.70 

0.30 

0.00045 

67 

0 875 

0.125 

0.00029 

66 

0.934 

0,066 

0.00019 

52 

0.950 

0 050 

0.00015 

43 

0.963 

0.037 

0.00012 

35 

0.982 

0.018 

0.00010 

49 


1 Lewis, Am. Chem. Soc., 38, 770 (1916); Proe. Nat. Aead.^ 2. 586 (1916). 

*See Piccard, Ann. Chem., 381, 347 (1911). 

tCundall, J. Chem. Soe., 59, 1076 (1891); 67, 794 (1895). 
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We have chosen this illustration partly also for the sake of 
discussing another point which without explanation might prove 
troublesome. In the table it will be noted that the amounts of 
NOt are so small that Ni and Nt" are together practically equal 
to unity. At higher temperatures this is no longer the case. 
We might, for example, find a mixture containing 80 mols of 
CHCls, 10 mols of NOi and 10 mols of NjO^, and we might write: 
(a) Ni = 0.80, N 2 ' = 0.10 and n*" = 0.10. It must be empha¬ 
sized, however, that this procedure is in some ways arbitrary, 
and due to our foreknowledge of the dissociation of N1O4. We 
would have obtained a mixture of the same composition if we 



Fioubs 2. 

had taken 15 mols of pure NjO^ and 80 mols of CHCU, in which 
case, if we followed the normal usage and paid no attention to 
the possible dissociation, we would have written: (b) Ni = 
80/(80+15) and n* = 15/(80+15). Again, we might have 
reached the same composition had we used 30 mols of NOi and 
80 mols of CHClj. In this case, paying no attention to the 
possible association of the NO*, we would have written: (c) for 
CHCU, N, = 80/(80+30), and for NO*, Nj = 30/(80+30)'. 

Suppose that we were ignorant of this phenomenon of disso¬ 
ciation, and were to study the activities of the solvent and the 
solute in solutions of N *04 in chloroform at 0®C, by any of the 
methods employed in the preceding chapters. We should of 
course reckon the mol fractions by the .method (b) suggested 
above; and plotting cj, the activity of Nj 04 , against its mol frac¬ 
tion as in Figure 2, we should undoubtedly find in moderately 
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dilute solutions that at would be proportional to Ni (Henry’s 
law). If, however, we carried our investigations into the very 
dilute solutions, where marked dissociation occurs, we should 
find the values of at falling below the (dotted) straight line. 
At extreme dilutions, where the dissociation is nearly complete, 
at, instead of being proportional to Nt, would be found propor¬ 
tional to Ni*, so that at infinite dilution dot/dnt = 0. Likewise 
ai, the activity of the solvent, would be approximately propor¬ 
tional to Ni (Raoult’s law) in the range of moderate dilution; 
but at very high dilution deviations from this law would appear, 
and at infinite dilution the slope of the curve would be twice that 
of the dotted line. In other words, the rate of lowering of the 
activity of the solvent by the solute at infinite dilution is just 
twice as great as that predicted by Raoult’s law. 

This seems to be, and is in fact, a direct contradiction of one 
of the fundamental laws of the infinitely dilute solution (obtained 
in Chapter XX), but it will be recalled that the whole develop¬ 
ment of that chapter was based on the assumption that dft/dnt 
is finite on approaching infinite dilution where N 2 = 0. This 
also means that daifdtit is finite.* However, as we pointed out 
at that time, there is one exception to this rule, namely, in the 
case where the solute dissociates. 



Figure 3. 


Fortunately, in such cases we may eliminate these exceptions 
to the laws of the dilute solution by considering as solute, not 

^ At least, if we do not make so absurd a choice of a 8tanda’‘d state as to make the ratio of 
o to / sero or infinity. 
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the undissociated substance, but the products of dissociation. 
Thus, if in place of Figure 2 we had plotted the activity of CHCU 
and of NO 2 against the mol fraction of N 02 > as in the above 
method (c), we should obtain in extremely dilute solutions such 
a plot as that of Figure 3, where it is evident that both Henryks 
law and Raoult’s law are obeyed at first, although even in pretty 
dilute solutions marked deviations from these laws would appear, 
which now would be attributed to association of NO 2 . 

We have entered at some length into this discussion of the 
thermodynamic properties of a solution in which dissociation 
occurs, partly because of its intrinsic importance in thermo¬ 
dynamic theory, and partly also because this discussion fur¬ 
nishes a simple introduction to the study of solutions of electro¬ 
lytes. 

Exercise 8 , Calculate AF"* for 12 (g) =» 21(g) at 600°C. Find the 
degree of dissociation of the gas when the total pressure is one atmosphere; 
one thousandth of an atmosphere; one millionth of an atmosphere. 

Exercise 9. At 0°C and a pressure of 87 mm. of mercury, the density 
of an equilibrium mixture of NO 2 and N 2 O 4 is 0.84 times the density calcu¬ 
lated for pure N 2 O 4 (E. and L. Natanson, Ann, Physik, [3] 24, 454 (1885), 
27, 606 (1886); Schreber, Z. physik. Ckem.y 24, 651 (1897)). Assuming that 
both gases are perfect, calculate the degree of dissociation of N 2 O 4 , the dis¬ 
sociation constant A', and for N 204 (g) “ 2 N 02 (g). 

Exercise 10. Referring to Exercise XV-3, find the percentage of carbon 
dioxide which would be dissociated if the gas is heated to 1500® K at atmo¬ 
spheric pressure. (As a first approximation assume the partial pressure of 
CO 2 to be 1 atmos., and thus obtaining the partial pressures of CO and O*, 
subtract these from unity, and obtain the partial pressure of CO 2 which is 
to be used in the second approximation.) 
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SOLUTIONS OF ELECTROLYTES 

When we studied the freezing point of acetic acid solutions 
in Exercise XXIII-4, we found that, in proceeding from very 
concentrated solutions to about half inolal, the molal lowering 
?>/m appeared to be rapidly approaching the theoretical value of 
X = 1.858. We therefore felt justified in extrapolating to in¬ 
finite dilution in the usual manner, thus determining the indi¬ 
vidual values of the activity of acetic acid in the various con¬ 
centrated solutions. 

If, however, the experimental measurements of the freezing 
point are carried into very dilute solutions, we find that t^/m, 
instead of steadily approaching X, soon exceeds this value and 
continues to increase with the dilution. This is shown by the 
measurements of Hausrath' given in the second column of Table 1 . 
These data do not suffice to show whether a new limit is being 
approached, nor would it be possible with the present technique 
to obtain accurate measurements at much higher dilutions. 
But if we turn to dichloracetic acid, which exhibits the same 
phenomenon at higher concentrations, we learn from the mea¬ 
surements of the same author that i?/m is 3.47 at 0.018 M; 3.60 
at 0.008 M; and 3.71 at 0.003 M. Here it is evident that the 
molal lowering is approaching 2X = 3.716 as a limit. 

This case shows so near an analogy to N 2 O 4 dissolved in 
chloroform, which we studied in the preceding chapter, that it 
is natural to assume here also some kind of dissociation whereby 
a molecule of acetic acid yields two new molecules; this disso¬ 
ciation being negligible at the higher concentrations, becoming 
noticeable in the more dilute solutions, and approaching com¬ 
pletion at infinite dilution. 

1 Hausrath. ilnn. Physik, [4] 9, 548 (1902). 
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Later we are going to discuss more fully the nature of this 
dissociation, and to show how the dissociation constant may be 
calculated from measurements of a quite different sort. Such 
measurements give as the dissociation constant of acetic acid^ 
2.0 X 10 ® at 0®C. From this dissociation constant we find 
the degree of dissociation, a, at each of the three concentrations 
of Table 1. Since m is the number of mols of acetic acid dissolved 
in a kilogram of water, the total molality would be 2m in the 
case of complete dissociation, or for incomplete dissociation 
(1 + a)m. This coefficient, 1 + a, is also known as the van^t 
Hoff factor, i. 

Table 1.—Molal Freezino Point IjOwerinq in Aqueous Acetic Acid 


m 

i>/m(ohs.) 

a 

t * 1 -fa 

i>/w(calc.) 

0.001 

2.05 

0.13 

1.13 

2.10 

0.003 

2.01 

0.08 

1 08 

2.00 

0.035 

1.93 

0.02 

1.02 

1.90 


Assuming now that each species obeys the law of the dilute 
solution, we may calculate t?/m as equal to 1.858 (1 + a). The 
values so calculated are given in the last column of Table 1, 
and agree, well within the limits of experimental error, with the 
figures of Hausrath. 

This dissociation of acetic acid is of a type fint explained 
by Arrhenius^ brilliant theory of electrolytic dissociation, which, 
in the half century that has elapsed since its inception, has been 
the subject of bitter contention, ljut is now universally accepted. 

It is assumed that a molecule of acetic acid dissociates to form 
a positively charged and a negatively charged molecule, the 
former belonging to the same molecular species (hydrogen ion) 
as exists in all aqueous acid solutions, and the latter (acetate ion), 
common to all aqueous solutions of acetates. These ions, or 
charged molecules, are assumed to be responsible for the phe¬ 
nomenon of electrolytic conduction, and it is by a study of the 
conductivity of electrolytes that much of pur information regard¬ 
ing these substances has been obtained. 

‘This value is obtained by extrapolation of the results of conductivity measurements at 
various temperatures made by Noyes and Cooper, Publ. Carnegie Inat. No. 63 (1007). 
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The Conductivity and the Dissociation of Weak 
Electrolytes 

It is supposed that the conductivity due to any ion is the 
product of two factors, (a) the concentration of that ion, and 
(b) its mobility. If the mobility is assumed to be independent of 
the concentration (Kohlrausch’s law) the ratio of conductivity to 
ion concentration must be constant. If this be assumed for 
both ions of a substance like acetic acid, then the conductivity 
of this electrolyte divided by the ion concentration is constant, 
but the conductivity divided by the gross concentration, which 
is usually expressed for this purpose in equivalents per liter, 
will vary according to the degree of dissociation. This latter 
quotient, called the equivalent conductivity, and denoted by A, 
must approach a constant value A°, as we approach infinite 
dilution and complete dissociation. 

On the assumption of constant ionic mobility, A/A° gives the 
degree of dissociation at each concentration, and mA/A® gives 
the molality of each ion, while m{\ — A/A°) gives the Miolality 
of the undissociated substance. Let us consider the quotient 
defined by the equation 

’“(a")X‘ - A-) - 

If we now assume further that the activity of each substance is 
equal to its molality, the quotient is equal to A', the equili¬ 
brium constant, for such a reaction as XY = X + + Y~. We 
thus have the well known dilution law of Ostwald. 

If any one of the above assumptions is false we cannot expect 
to be a constant, nor is it in practice found to be constant 
except for a certain class of electrolytes, and then only in dilute 
solutions. However, it seems reasonable to conclude that the 
several assumptions approach complete validity at infinite 
dilution, and therefore that the limiting value approached by 
at infinite dilution is the true dissociation constant K, 

To illustrate a case in which the several assumptions appear 
to be valid over a considerable range of concentrations, we may 
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cite the measurements by Kendall^ of the conductivity of acetic 
acid solution at 25®C. Table 2 gives in the first column the 
molality, and in the second the values of K^, 

Table 2. —Dissociation Constant op Acetic Acid at 25°C 


m 

Xa X 10^ 

1.0 

1.40 

0 5 

1.65 

0.25 

1.76 

0.13 

1.81 

0.063 

1.84 

0.032 

1 85 

0.016 

1.85 

0.004 

1 84 

0.002 

1 84 

0.001 

1.84 


It is evident that in the more concentrated solutions the 
dilution law fails; indeed it is probable that every one of the 
assumptions from which this law was derived becomes invalid. 
One of them we know to be false, for we have already calculated 
(Exercise XXII1-4) that the activity of the undissociated acid is 
less than the molality by about 0 percent in niolal solution.^ 
Below 0.1 M, however, the constancy of leaves nothing to be 
desired. We may conclude that K = 0.0000184 and therefore, 
for the free energy of the reaction, 

CH 3 COOH - H+ + CH 3 COO-; A /^®298 ^ -RTlnK ^ 6463 cal. 

Like acetic acid a large number of acids and bases, and also 
a few salts, obey the Ostwald dilution law in aqueous solution 
over a measurable range of concentrations.® These are generally 

> Kendall, Medd. Vetenskapaakad. Nobdinst., 2, No. 38 (1911). 

*lt must be constantly borne in mind that, by thermodynamic necessity, at a given 
temperatiire K is a constant at all concentrations. If therefore, in addition to determining 
the activity of the undissociated acid in molal solution, we should also determine the activities 
of the ions, the product of the latter divided by the former would be 0.0000184. How such 
ion activities are measured, and how interpreted, will be fully discussed in following chapters. 

*Weg8cheider (Z. phyaik. CAem., 69. 603 (1900)) has come to the conclusion that it is 
principally the ion concentration which determines the limit of validity of the Ostwald dilution 
law. Thus the law holds for acetic acid up to about 0.1 M where the ion concentration is 
about 0.001 M, and we should expect according to the view of Wegscheider that a stronger 
organic add would obey the law only to 0.01 M if at this coQCsntration it should give the 
same ion concentration of O.OOl M. 
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classified as weak electrolytes, a term which we may also use to 
include substances, about to be discussed, that are themselves 
ions but are capable of further ionization. 

The Two Dissociation Constants of Carbonic Acid. Let us 
consider the case of carbonic acid which, when dissolved in pure 
water, shows no measurable ionization except in accordance with 
the reaction 

HzCOaCaq) = H+ + HCOa^. 

The conductivity of water containing varying amounts of carbon 
dioxide has been carefully measured by Walker and Cormack^ 
and by Kendall.^ The measurements of the latter at 25° lead 
to the values of Kj^ at the several concentrations given in Table 
3, from which we find K = 3.50 X 10~^, and therefore for the 
reaction, 

BiCOsiaq) = 11+ + HCOa”; AF^m = 8810 cal. 


Table 3. —Dissociation Constant of H 2 CO 8 at 25°C 


m 

Xa X 10^ 

0.027 

3.51 

0.019 

3 48 

0.014 

3.49 

0.010 

3.48 

0.0069 

3.55 


By the convention of the preceding chapter concerning hydrates 
we have 

COzCaq) + H20(1) = H 2 C 03 (aq); AF^ = 0. 

Hence we might equally well write 

C02(aq) + H20(1) = 11+ + BCOr; AF^m = 8810 cal., 


and likewise for this reaction. 


K = (h+)(hco3:) 

■(Cd2)(H20) 


= 3.50 X 10-^ 


It is not experimentally possible to continue such measurements 

»Walker and Corniack, J. Chem. Soe., 77, 5 (1900). 
s Kendall, J. Am. Chem. Soe., 38, 1480 (1916). 
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as those of Table 3 into the range of extreme dilution, where the 
ion HCOs~ would itself largely dissociate according to the equa¬ 
tion 

HCO3- = + COa—. 

But by indirect methods, which we need not discuss at this 
point, it is possible to calculate the constant of this dissociation. 
Thus Lewis and RandalB from the measurements of McCoy* 
have calculated the ‘‘second dissociation constant^^ of carbonic 
acid, 

Km = ^ = 5-4 X 10-»; = 14010 cal. 

(xiLUs ) 

Now we may combine this result with -that obtained for the 
first dissociation, either by adding the values of Af’® or by multi¬ 
plying the two values of K, and we thus find for the reaction 

H2CO3 (aq) = 2 H+ + CO,-; Km = = 

1.89 X 10“^^ AF ®298 = 22820 cal. 

Exercise 1. Dichloracetic acid is a much stronger acid than acetic, 
nevertheless the values of obtained from conductivity rapidly approach 
a constant limiting value at infinite dilution. From the following table 
obtained by Kendall at 25°C find this limiting value, X, and find 
for the dissociation: 

1/m 1 4 IG 32 G4 128 2r36 512 

A/A° 0.211 0.393 0.600 0.708 0.803 0.878 0 931 0.963 

Exercise 2. Because the dissticiation of carbonic acid at moderate 
concentiations is extremely slight, the solubility of gaseous carbon dioxide 
in water obeys Henry's law over a wide range, and therefore if we take the 
activity of the gas as equal to its pressure, the activity in solution is equal 
to the molality. The solubility at 25®C is 0.0338 M, when the partial pres¬ 
sure of CO 2 is 1 atmos. Hence, find K ** (C02)/[C02l and aF® for the 
reaction CO 2 fg) “ CO 2 (aq). Show that this is the same as aF® for the 
reaction C02(g) 4- H20(l) « H 2 C 03 (aq). By combining with previous 
results of this chapter find AF® for the reactions, C02(g) + H20(l) * H+ 

+ HCO,-; CO,(g) +H,0 (1) - 2H+ + CO,”. Also find K - 

1 Lewis and Randall, J. Am. Chem. Soc., 37, 458 (1915). 

» McCoy, Am, Chem. J., 29. 437 (1903). 
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The Effect of Temperature upon Ionization 

When the quotient which we have called is independent of 
the concentration over a considerable range, we feel justified in 
regarding as equal to the true dissociation constant K (unless 
by some improbable coincidence two of our assumptions fail 
simultaneously, the deviations completely compensating one for 
the other). Therefore throughout the range of its constancy we 
may take = K, and introduce into our thermodynamic 
equation for the change of equilibrium constant with the tem¬ 
perature, Equation XXIV-9. Thus when the heat of dissocia¬ 
tion has been obtained by calorimetric methods we may find 
the change in A/A® with the temperature, or conversely if the 
latter change is known we may calculate the heat of dissociation. 

Such a calculation will introduce no new principles, but will 
nevertheless bring out a startling fact regarding the magnitude 
of the temperature coefficient of AH in ionic reactions; a fact 
which we must henceforth keep in mind when dealing with solu¬ 
tions of electrolytes. We shall choose for this illustrLtion the 
data of Noyes and Kato' and of Sosman^ on the conductivity 
of dilute solutions of ammonium hydroxide, which dissociates 
according to the equation 

NH 4 OH = NH 4 + + OH-. 

Their results are given in Table 4, where the first column gives 

Table 4.—Dissociation Constant op Ammonium Hydroxide at 
Different Temperatures 


t 

\/T 

X X 10® 

^RlnK 

AH 

18 

0.003436 

17 2 

21.81 

1240 

25 

0 003356 

18.1 

21.71 

790 

51 

0.003086 

18.1 

21 71 

- 470 

75.2 

0.002872 

16.4 

21.91 

-1550 

100 

0.002681 

13.5 

22.30 

-2730 

124.8 

0.002514 

10.4 

22.82 

-4180 

156 

0.002331 

6.28 

23.82 

-6390 

218 

0.002037 

1.80 

26.30 

-12100 

306 

0.001727 

0.093 

32 20 

-27400 


‘ Noyes, Publ. Camegit Inst., No. 6S, pp. 178, 228 (1907). 
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the centigrade temperature; the second the reciprocal of the abso- 
lute temperature; the third K — and the fourth — In X. 

Now, using the method of the preceding chapter, we may plot 
— /2 In If against 1/T, Instead of the straight line which we 
should ordinarily expect for so small a temperature range, we 
obtain the very pronounced curve of Figure 1 . The slope of 
this curve at the various temperatures gives at once Aff, the 
heat absorbed in the dissociation of one mol of NH 4 OH. These 
slopes read from the curve are given in the last column of Table 
4. Without attempting to interpret the values at the higher 
temperatures, we may observe that at the four lowest tempera- 



0.0016 0.0020 0.0024 0.0028 0.0032 0.0036 
Reciprocal of Absolute Temperature, 1/r. 

Figure 1. —Dissociation Constant of Ammonium Hydroxide. 

tures AH varies almost linearly with the temperature and can 
be expressed by the equation A// = 16500 ~ 52.5T. Thus at 
18®C we find AH 291 = 1200 cal., while Thomsen,^ by several 
different calorimetric experiments, obtained values ranging from 
1200 to 1400 cal. Even more striking is the agreement between 
the values of ACp given by the above equation, namely — 52.5, 
with the value obtained from Thomsen^s measurements, which 
give ACp = - 47, with an uncertainty of 5 or 10 units. 

1 Thomsen’s measurements were not made at a single temperature, but at the temperature 
of his laboratory, which was usually between 16° and 20°. For the greater part of his data 
this uncertainty is of no importance, but in such reactions as the above, in which the number 
of ion molecules changes, the effect of small temperature changes upon A// is alone suffioient 
to account for the variations in Aff between Thomsen’s several experiments. The above 
values attributed to Thomsen are based upon the assumption that when a strong acid neutral¬ 
ises a strong base the only reaction is + OIT' » HsO, but that when a strong acid neutral¬ 
izes a weak base this reaction occurs together with the dissociation of the base. Similar 
assumptions are made in obtaining the values of ACp. The validity of such assumptions will 
be discussed in the next chapter. 
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Strong Electrolytes 

When a group of substances is arbitrarily arranged according 
to the measure of some one property, we expect to find a few 
members of the group in which the value of this property is 
very large, a few others in which it is very small, while the great 
majority are clustered about some mean value. Thus, if we 
arrange all known electrolytes according to the value of A/A° in 
0.1 molal aqueous solution, we might expect to find a few very 
weak and a few very strong electrolytes, with the majority in 
some intermediate class. This, however, is very far from the 
fact. We find a very large number of electrolytes which are 
highly ionized, and comparatively few which lie in the inter¬ 
mediate region between these strong electrolytes and the typical 
weak electrolytes, which obey the Ostwald dilution law over a 
measurable range of concentration. 

We may therefore conclude that our classification into strong 
and weak electrolytes is not entirely arbitrary, but represents, 
perhaps crudely, some natural classification. It is i ideed a 
striking fact that the values of A/A® at some definite low concen¬ 
tration seem in the great majority of strong electrolytes to 
depend, not so much upon their specific properties, as upon their 
valence type. Thus the uni-univalent electrolytes, such as po¬ 
tassium chloride or sodium acetate, have about the same values 
of A/A®, the uni-bivalent salts like potassium sulfate and barium 
chloride all give a lower value, while a still lower is found with 
bi-bivalent salts such as magnesium sulfate. We shall see a 
little later that this is not true merely of A/A® but also of 
what we are going to term the thermodynamic degree of 
dissociation. 

To see what a wide gap separates these electrolytes from the 
ones which we have been discussing in this chapter, we will 
calculate, from the conductivity data for potassium chloride, 
at the three concentrations given in Table 6. It will be seen 
that Kf, increases nearly twelve-fold when the molality changes 
one hundred-fold, and while these figures might be changed 
materially by possible errors in A®, such uncertainties are in no 
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way adequate to account for the enormous departure from the 
Ostwaid dilution law. 

Table 5 


m 

A'a 

0.001 

0.046 

0.01 

0.148 

0.1 

0.528 


It must therefore be concluded, for such strong electrolytes, 
either that A (because of some variation in the mobility of the 
ions) does not measure the ion concentration, or that the sub¬ 
stances concerned are very far from obeying Henry's law. 

These very peculiar characteristics of strong electrolytes in 
aqueous solution, together with the presumption that the con¬ 
stituents of an electrolytic solution, even at low concentrations, 
would depart radically from the ideal solution, led Lewis^ to 
propose a general study, by purely thermodynamic methods, of 
the activities of such constituents. In 1912^ he collected the 
meagre data which were then available for such thermodynamic 
treatment and showed that in all cases the activity of the ions 
is very appreciably less than the ion concentration as calculated 
from A/A°. In these calculations he employed measurements of 
electromotive force, of the solubility of salts in the presence of 
other salts, and of freezing points; there showing how freezing 
point data could be exactly employed in these thermodynamic 
calculations. 

Since the publication of that j>aper an extensive literature on 
this subject has developed, and the new data not only confirm 
Lewis' conclusions, but furnish for the calculation of ionic activi¬ 
ties the abundant material which we are to employ in the next 
few chapters. 

Now from a purely thermodynamic point of view we might 
rest content with the determination of the activities, for these 
are the quantities which we need in our various calculations. 
It is not necessary for us to know the concentrations of the 
various molecular species which occur in these solutions of 

1 Lewis, Proc. Am. Aead„ 43, 269 (1907); Z. phyaik. Chem., 61, 129 (1907); 70, 212 (1909). 

•Lewis, J. Am. Chem. See., 34, 1631 (1912). 
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strong electrolytes. Nevertheless the matter is of so much 
interest that we feel justified in departing from the thermo¬ 
dynamic method long enough for a short discussion regarding 
the concentration of the constituents in these solutions, especially 
since this discussion will bring out certain facts which will be 
of value in our further work. 

The Concentration of the Ions and the “True” Degree 
OF Dissociation 

As we develop the various thermodynamic methods which 
lead to the determination of the activity of ions, and of the 
“thermodynamic degree of dissociation;” we shall see that none 
of them give us any clue as to the actual concentration of the 
ions, nor to that quantity which has, with unconscious irony, 
been called the true degree of dissociation. 

There remain, however, two groups of properties which give 
some evidence, although of a somewhat conflicting character. 
The first includes volume, heat content, and optical piOperties; 
the second includes electrical conductivity and related properties. 

Many of the properties of dilute aqueous solutions are to a 
pronounced degree additive, in the sense that they can be repre¬ 
sented as the sum of two numbers, one characteristic of the 
cation and the other of the anion. With such properties as the 
partial molal volume, heat content and heat capacity, this addi 
tivity seems to be absolute at infinite dilution. How far these 
additive relations persist into the realm of finite concentration, 
is an experimental problem which is far from solved. Perhaps 
the best evidence that we have is that which concerns the par¬ 
tial molal heat content. 

The old law of Hess^ regarding the thermo-neutrality of salt 
solutions, which was a powerful support to Arrhenius’ theory of 
electrolytic dissociation, might perhaps with equal force have 
been used against his assumption of partial dissociation. On 
mixing very dilute solutions of two salts, let us say potassium 
chloride and sodium nitrate, we find no heat evolved or absorbed. 

> HeM, Ann. Phyaik.r [2], 52. 97 (1842). 
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This is in accord with the additivity of heat contents and is 
what would be expected from the theory of complete dissociation. 
But, since we obtain nearly the same result at higher concentra¬ 
tions, we might, by this method of reasoning, be led to assume 
complete dissociation where other criteria lead to the assumption 
of a dissociation of only 50 percent or less. 

The great mavss of data obtained by Thomsen shows, within 
the limits of error of his measurements, that the partial molal 
heat contents of all the strong electrolytes, up to a concentration 
of 0.5 M or greater, obey the additivity principle. Thus, for 
example, in the neutralization of any strong acid by a strong 
base the reaction may be regarded merely as -f OH" = H 2 O, 
and the heat of neutralization is constant within the limits of 
his error. This is true of acids like HCl, HBr and HNO 3 , and 
of bases like KOH, LiOH and Ba(OH) 2 , whose dissociation at 
0.5 M is ordinarily assumed to be not over 70 percent. It is not 
true of acetic or phosphoric acid, nor even for sulfuric acid, 
which, with respect to its second dissociation, shows many of the 
characteristics of a weak electrolyte. 

More accurate investigations will doubtless show departures from addi¬ 
tivity, increasing with increasing concentration. Thus Harned,^ by means 
of the Gibbs-Helmholtz equation, has studied the partial molal heat content 
of 0.1 M hydrochloric acid as affected by the addition of other chlorides. 
When the added potassium chloride readies a concentration of 0.5 M, 
the heat content of the acid is changed by 150 calories, and when it reaches 
3.3 M, the change amounts to nearly 3000 calories. The change of heat 
content of the acid is more affected by some other salts. Thus molal sodium 
chloride causes a change of 800 cal., and molal lithium chloride causes 
a change of about 2000 cal. On tne whole, however, the general approach 
of heat contents to additivity at moderate dilutions is very striking. 

There are other properties which show the same kind of addi¬ 
tivity. Thus to quote A. A. Noyes,* “The optical activity and 
the color of salts in solution ... are additive with respect to 
the properties of the constituent ions even up to concentrations 
where a large proportion of the salt is in the un-ionized state.” 

> Harned, /. Am. Chan. Soe., 42, 1808 (1020). 

*A. A. Noyes, Address before International Congress of Arts and Sciences. St. Louis, 
Technology Quarterly. 17. 293 (1904). 
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As Lewis' has remarked, we had no other criterion for the 
degree of dissociation, these facts would undoubtedly lead us to 
regard salts, up to a concentration of normal or half-normal, as 
completely dissociated/^ Indeed this conclusion had been drawn 
by Sutherland,* and more recently this theory of complete 
dissociation has been adopted by Bjerrum,^ M’lner,^ Ghosh* 
and numerous other authors who explain the properties of strong 
electrolytes by the mutual influence of ions already separated to a 
considerable distance. The diminution in equivalent conduc¬ 
tivity, and in the thermodynamic degree of dissociation, with 
increasing concentration are both ascribed to the nearer approach 
of the charged particles rather than to chemical union of the ions. 
Whether there is any essential difference between these two 
views is a question to which we shall revert presently. 

The Interpretation of Conductivity. If we do not choose 
to assume complete ionization, there remains only one method* 
which might possibly give us ion concentration instead of ion 
activity. This is the method of conductivity. Unless our present 
theories of the mechanism of electrical conduction are quite 
erroneous, there would seem to be no objection to regarding 
the conductivity due to each ion as the product of the mobility 
by the concentration of that ion. If then we adopt the assump¬ 
tion. of Kohlrausch that the ion mobility is independent of the 
concentration of the electrolyte, we must regard the conductivity 
as a direct measure of the ion concentration. 

Jahn^ was the first to express serious doubt as to the validity 
of the Kohlrausch assumption of constant ion mobility. His 
conclusions were somewhat discredited because they were 
largely based upon the tacit assumption that the quantities 

‘ Lewis, “The Use and Abuse of the Ionic Theory,” Z. physik. Chem., 70, 212 (1909). 

•Sutherland, Phil. Mag., (6) 3, 161 (1902); 7, 1 (1906). 

• Bjerrum, Proc. VII Intern. Cong. Appl. Chem. (London), 1909; Z. Elektrochem., 24, 321 
(1918); Medd. Vetenskapsakad. Ncbelinsl., 5, No. 16 (1919). 

< Milner, Phil. Mag., I6J, 25, 742 (1913). 

Ghosh, J. Chem. Soe., 113, 149, 627, 790 (1918). 

* We do not mention the method which depends upon the rate of catalysis of a reaction 
as determined by the amount of some ion present. Even if this method could be brought to 
greater re&nement, it would give activities rather than concentrations. At least this is the case 
in the neighborhood of an equilibrium where the reaction rates are definitely related to the 
equilibrium constant. 

’ Jahn, Z. physik. Chem , 33, 545 (1900). 
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obtained by thermodynamib methods, and which we now call 
the activities, must be equal to the ion concentrations. Never¬ 
theless we are now certain that his contentions were in the main 
correct. After a careful scrutiny of existing data on conductivity 
and transference numbers, Lewis^ was able to show that certainly 
in many cases, and presumably in all cases, the ion mobilities 
change with the concentration of electrolyte (and by an amount 
which is some function of the mobility of these ions at infinite 
dilution). 

The transference number of each ion of an electrolyte is the 
fraction of the total current carried by that ion. If we are dealing 
with the simple case of two ions, one positive and one negative, 
the ratio of the two transference numbers must be the ratio of 
the two mobilities. Thus if and are the transference 
numbers of cation and anion, so that 4 + if 

are the two mobilities, u^/u^ = 4/^— It is evident that if 
the mobilities are independent of the concentration of electrolyte, 
the transference numbers must be also; although the converse is 
not true, for if the two mobilities increased or diminished in the 
same ratio, the transference numbers would remain constant. 

As a matter of fact, the transference numbers themselves are 
not in general constant, thus proving definitely that the mobility 
of some ions must be variable. For hydrochloric acid solutions 

is about 0.17 at infinite dilution, drops rapidly to a minimum^ 
of about 0.155 at a little over half-molal, whence it increases 
rapidly until in very concentrated solutions the two ions have 
mobilities of the same order of magnitude. The change in the 
dilute solutions is the one which interests us for the moment, 
and this striking change is not, as was sometimes assumed, 
peculiar to acid solutions. As far as we may judge from the 
fragmentary and uncertain transference numbers that are given 
in the literature, such a change occurs whenever the transference 
numbers differ much from }/ 2 ] that is when the two mobilities 
are markedly unequal. Thus for lithium chloride, is 0.67 
at 0.01 M and 0.74 at 1 M. 

4 Lewis. J. Am. Chem. Soe., 34, 1631 (1912). 

Noyes and Kato, Publ. Carnegie Inet., No. 63 (1907); Riesenfeld and Reinhold, Z. phyeik. 
Chem., 68 . 440 (1909). 
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It therefore seems a reasonable conclusion that all mobilities 
are changing with the concentration, but that when cation and 
anion have about the same mobility they experience about the 
same change in mobility, so that the transference number 
remains approximately constant in such cases. 

It is evident that the Kohlrausch hypothesis is invalid, cer¬ 
tainly for some, and probably for all of the ions. If, however, 
the variations in mobility are dependent primarily upon the 
total ion concentration, we would be justified in making a more 
limited assumption than that of Kohlrausch; namely, that in 
two salts of the same type, having a common ion, and both at 
the same concentration, the common ion would have the same 
mobility.^ Thus we might assume that in 0.1 M LiCl and 
0.1 M KCl, Cl” would have the same mobility. On this very 
plausible assumption we could write for the two degrees of dis¬ 
sociation. 


a 


u+ + uJ 


_ 

+ u_’ 


( 2 ) 


If and tJ arc the transference numbers of the anion in the 
two electrolytes, 




w_ 




U = 




(3) 


and thus for two salts with a common anion whose mobility is 
assumed to be the same in both salts, we may eliminate the 
mobilities and obtain the equation 


a _ At- 
a' ~ A'L'* 


(4) 


Thus if wc know the conductivity and the transference number 
for both salts we may calculate by this limited assumption, not 
the degree of dissociation of each salt, but at least the ratio of 
the two. An entirely similar result is obtained if the two salts 
have a common cation. 

Lewis^ showed that it was possible by this method to obtain 

* This principle when originally employed by Lewis gave the same results, but by a more 
awkward procedure. The above simpler method of stating the assumption is due to Dr. 
R. C. Tolman. 

> Lewis, J. Am. Chem. Soc., S4. 1631 (10121. 
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the ratio of a for a considerable number of electrolytes in tenth 
molal solution, to that of KCl, a\ His table may be summarized 
as follows. For all the halides of the alkali metals and ammo¬ 
nium, together with HCl, KOH and NaOH, a/a' lies between 
0.99 and 1.02, although the values of A/A® for these electrolytes 
range from 0.83 to 0.93. For HNO 3 and the nitrates, chlorates 
and bromates of the alkali metals, a/a' lies between 0.94 and 
0.98, and for TINO 3 and AgNOa the values of a/a' are 0.92 and 
0.91. 

In using this method it has been unnecessary to know whether 
the mobilities are increasing or diminishing with the concentra¬ 
tion of electrolyte. If they are assumed to diminish with increas¬ 
ing concentration, this change might be of such magnitude as to 
make the degree of dissociation unity for all of the first group, 
although the second and third groups would still have to be 
considered as incompletely dissociated. 

On the other hand, if the mobility is assumed to increase with 
increasing concentration (and relatively more for ions which 
already have a higher mobility), it is possible to make the values 
of a agree very closely in the main with the thermodynamic 
degrees of dissociation which we are going to discuss in follow¬ 
ing chapters. Thus we shall find that the thermodynamic de¬ 
grees of dissociation are always smaller for salts like nitrates 
and chlorates than they are for the halides. 

This coincidence, which is perhaps a rough one, and certainly 
not universal at as high a concentration as 0.1 M, will neverthe¬ 
less frequently furnish a method of estimating thermodynamic 
degrees of dissociation when they have not been directly deter¬ 
mined. Until more evidence is at hand this method gives 
hardly more than a guess, but we shall employ it provisionally 
when all other data are wanting. Thus, for example, we shall 
feel justified in assuming, in the absence of other evidence, that 
in tenth molal solution the thermodynamic degree of dissocia¬ 
tion of chlorates is several percent lower than that of the corre¬ 
sponding halides, and that the thermodynamic degree of disso¬ 
ciation of silver chlorate is several percent lower still. 

This bearing of conductivity upon thermodynamic calculations 
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has been our reason for treating in detail the combined use of 
conductivity and transference data. But it must be confessed 
that we have been led no nearer to the solution of the problem of 
determining actual ion concentrations. 

What Do We Mean by Degree of Dissociation? While we 
have this question before us and before we return to our purely 
thermodynamic treatment, it may be of interest to view for a 
moment the logical implications of such a term as ^^degree of 
dissociation.’^ 

Let us consider the equilibrium in the vapor phase, between 
diatomic and monatomic iodine, and at such a temperature that 
on the average each molecule of I 2 , after it has been formed by 
combination of two atoms, remains in the diatomic condition 
one minute before it redissociates. During this minute such a 
molecule will traverse several miles in a zigzag path, and after 
its dissociation each of its constituents will traverse a similar 
path before it once more combines with another atom. If we 
imagine an instantaneous photograph of such a gaseous mixture, 
with such enormous magnifying power as to show us the mole¬ 
cules as they actually exist iat any instant, then by counting the 
single and double molecules we should doubtless find the same 
degree of dissociation which is actually determined by physico¬ 
chemical methods. 

On the other hand, if we should choose a condition in which the 
dissociation and reassociation occurs 10^® or 10^^ times as fre¬ 
quently, the atoms of the dissociated molecules would hardly 
emerge, from one another’s sphere of influence before they would 
once more combine with each other, or with new atoms. In 
such a case the time required in the process of dissociation 
would be comparable with the total time during which the atoms 
would remain free, and even our imaginary instantaneous photo¬ 
graph would not suffice to tell us the degree of dissociation. 
For, first, it would be necessary to know how far apart the con¬ 
stituent atoms of a molecule must be to warrant our calling 
the molecule dissociated. But such a decision would be arbi¬ 
trary; and according to our choice of this limiting distance, we 
should find one or another degree of dissociation. 
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Until a problem has been logically defined it cannot be exper¬ 
imentally solved, and it seems evident in such a case as we are 
now considering that, just as we should obtain different degrees 
of dissociation by different choices of the limiting distance, so 
we should expect to find different degrees of dissociation when 
we come to interpret different experimental methods. 

Now it is generally agreed that ionic reactions are among the 
most rapid of chemical processes, and it is in just such reactions 
that we should expect to find difficulty in determining, either 
logically or experimentally, a really significant value of the degree 
of dissociation. 

On the whole, we must conclude that the degree of dissociation 
and the concentration of the ions are quantities which we cannot 
determine by existing methods, and which perhaps cannot be 
defined without some degree of arbitrariness. The question is 
one which should be left open, especially as its answer is of no 
immediate concern to those who employ purely thermodynamic 
methods. 

Whatever conclusions may ultimately be reached regarding 
the degree of dissociation of strong electrolytes, there can be no 
doubt whatever that the phenomenon of dissociation is a very 
different thing in strong and in weak electrolytes. In accordance 
with the theory of valence and molecular structure advanced by 
Lewis^ we may explain such a difference as follows. 

If we have a uni-univalent electrolyte whose cation is and 
whose anion is X^, the molecule may be represented by the for¬ 
mula M JX *, where the pairs of dots represent the valence elec- 
• • 

trons, or the electrons of the outer shells.^ The pair lying be¬ 
tween the atomic kernels M and X constitutes the chemical 
bond. In the weak electrolytes, like acetic acid or mercuric 
chloride, this approximates to the typical bond of organic chem¬ 
istry, but as we pass to stronger electrolytes the kernel of the 
cation draws away from this bonding pair until, in the limit, 
this electron pair may be regarded as the property of the anion 

> Lewis, J. Am. Chem. Soc., 38, 702 UOIO). 

* We have for simplicity repnssented the ious as unsolvated. The same remarks apply 
squally, however, to the more complicated case. 



SOLUTIONS OF ELECTROLYTES 


325 


alone. Then the positive ion, which is the kerne) M, is held to 
the synunetrical anion ‘X:, only by the fact that they are oppo¬ 
sitely charged. When an electrolyte in a strongly polar or 
electrophilic medium approximates to this condition it may be 
classified as a strong electrolyte. Whether we should call such 
an electrolyte completely dissociated is, as we have seen, a 
matter of choice. In all probability the additivity, in dilute 
solutions, of certain physical properties, such as the heat content, 
accompanies the practical disappearance of the chemical bond. 

If then we agree that a strong electrolyte is one which is 
completely polar,' and that the ions are held to one another by 
a simple electrostatic force which obeys Coulomb’s law, it be¬ 
comes merely a matter of terminology to decide whether we 
shall say that a certain fraction of such an electrolyte is dissocia¬ 
ted, or, with Ghosh, that a certain fraction of the ions are free, 
or outside the “sphere of mutual attraction.” 

i We uee the word polar in the sense proposed by Bray and Branch (/. Am. Ch«m. 5ee., 
55, 1440 (1913)1 and by Lewis (ibid., 3S. 1448 (1913)). 



CHAPTER XXVI 


THE ACTIVITY OF STRONG ELECTROLYTES 

The considerations of the previous chapter have shown that 
it is not profitable, at least for thermodynamic purposes, to 
attempt to determine separately the concentration of the un¬ 
dissociated substance and of the ions of a strong electrolyte. 
In studying the activities we may therefore employ the same 
expedient that we have used in the similar case of solvated 
solutes. 

It is our custom to denote the activity of a solute by a 2 . If 
this solute is a substance like sodium chloride we may denote 
by and a., respectively, the activities of cation and anion, 
while a% is called the activity of undissociated NaCl, or more 
simply, of NaCl. In the case of a binary electrolyte like this, 
the thermodynamic equation of chemical equilibrium takes the 
form, 

= K, ( 1 ) 

(I2 

where at any given temperature K is an exact constant. 

At infinite dilution, we make the activity of each ion of sodium 
chloride equal to its molality, which, assuming complete disso¬ 
ciation, is equal to the stoichiometrical molality of NaCl. Now 
in the complete absence of any reliable information as to the 
concentration of the undissociated salt, we shall find it extremely 
convenient to choose our standard state of that substance so that 
the K in Equation 1 becomes unity. We thus define the activity 
of NaCl as the product of the activities of its two ions, 

a+a^ = a%, (2) 

In the same manner we may treat possible intermediate ions of a strong 
electrolyte. Thus if we assume that barium chloride gives the intermediate 
ion BaCP, its activity multiplied by the activity of Cl" will be written 
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equal to the activity of BaCl 2 , and likewise the activity of BaCl^ will be 
wTitten as equal to the product of the activities of Ba'*’^ and Cl~. This 
convention gives * 0 for each of the reactions. 

BaCb » Ba++ + 201“ 

BaCb = BaCl+ -h Cl", 

BaCl^ = Ba+^ 4- Cl" 

An interesting case arises when a strong electrolyte dissociates to give 
an ion which itself dissociates as a weak electrolyte. Thus NaH 2 P 04 is a 
strong electrolyte, and we write 

NaH2P04 - Na^ -f H2PO4"; AP° = 0; A - 1, 

but H 2 P 04 "’ is a weaker electrolyte than acetic acid, and the next ion HPO 4 — 
is much weaker still. losing the dissociation constants obtained by Abbott 
and Bray,' 

H2PO4- = + HPO4’-; A29, = 1.95 X 10“^• = 8940, 

HPO4— « + PO4—; A:29i = 3.6 X aF%9i = 16590. 

Our methods in this chapter are designed primarily for strong electrolytes. 
In the treatment of a mixed type, such as monosodium phosphate, we shall 
ordinarily combine these methods with the methods of the preceding chapter. 
Nevertheless this is a matter of choice, and it is perfectly rigorous to apply 
the methods of the present chapter to any weak electrolyte if we are unable, 
or if we do not choose, to fix separately the standard states of the ions and of 
the undissociated substance. 

At infinite dilution, the molality of anion and cation being 
the same, 

= a_ = a^, (3) 

How far this equality of the two ion activities extends into the 
range of finite concentration is a question which experiment 
alone can decide. However, if we consider the geometrical 
mean of the two ion activities, denoted by we see that at all 
concentrations 

a± = ia+ 0 (4) 

and this mean activity will play an important part in our cal¬ 
culations. We shall later examine the problem of the separate 
determination of the two ion activities when they are not equal 
to one another and to a^. 

* Abbott and Bray, J. Am. Chem. Soc., 31, 7?9 (1909). 
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The Activity Coefficient 

The mean activity of the ions, divided by the molality of 
the electrolyte, gives a quantity which has been called the 
thermodynamic degree of dissociation, since it may be used to 
replace the degree of dissociation as used in the older approximate 
formulas. This quantity has also been called the activity coeffi¬ 
cient,^ and, in order to avoid any implication as to the molecular 
species which may be present, this is the term we shall ordinarily 
employ henceforth.^ It will be denoted by 7 . 

So far we have been considering the case of a binary electrolyte 
like KCl or CuSOi When we treat the more complicated types, 
such as K 2 SO 4 , K 4 Fe(CN )6 and La 2 (S 04)3 our equations become 
a little more complicated. If an electrolyte dissociates into 
p ( = ions according to the equation X = p+X^ + p_X“, 

we write for equilibrium 

= a2; (5) 

If now we wish to define the activity coefficient 7 , so that in 
dilute solutions it may be regarded as a thermodynamic degree 
of dissociation, and become equal to unity at infinite dilution, 
we must no longer write it equal to a^/m. In a solution of 
barium chloride in which the molality m is very small, a+ = m, 
= 2 m, and = [(m) {2my]^ - 2^m. By defining the 
activity coefficient by the ec^uation 7 a^f{2^m) it becomes 

equal to unity at infinite dilution. In the case of lanthanum 
sulfate, La 2 (S 04 ) 3 , which gives 2 positive and 3 negative ions, 
the corresponding factor is (2^3'")^. In general, we shall define 
the activity coefficient by the equation, 


We might have made this derivation clearer if we had intro- 

^ The term activity coefficient haa been used in two senses, sometimes to mean the ion 
activity divided by the assumed ion molality, and sometimes to express the ion activity 
divided by the gross molality of the electrolyte. This latter usage, to which we shall find 
it desirable to adhere in thermodynamic work, is more expressly designated by BrOnsted 
(/. Am. Chem. Soe., 42, 761 (1920)) us the staichiometrieal activity coefficient. 

’ For a weak binary electrolyte, when we do not choose to employ the convention that 
a o „ « at, we still write y * a i/m, but we cannot write y * aiH/m. 
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duced the individual activity coefficients of the several ions. 
If in a solution of a chloride the stoichiometrical molality of 
the chloride present is designated by and if the activity of 
the chloride ion is a_, the activity coefficient of chlorid^ion is 
defined as 7 - = Furthermore, if we define the mean 

molality of the ions, as we have their mean activity, and write it 
as m±, it is readily seen that 

, (7) 

and in place of Equation 6 we may write for the mean activity 
coefficient (which we might for consistency have called 7 ^) 

7 = ajm^ = (7+‘'''7-’'~)'^'. (8) 

Having established these conventions, we are now ready to 
undertake the arduous but very interesting and important task 
of determining the activity of electrolytes dissolved in water. 
We may study the activity of the undissociated electrolyte, 
or the geometrical mean of the activities of the ions, namely, 

*= a 2 ^^^ In practice we shall use both of these activities, 
although the mean ion activity, together with the activity coeffi¬ 
cient obtained therefrom, will be most frequently employed. 
In the present chapter we shall describe several methods of 
calculating the activities from measurements made at a single 
temperature. 

Activity from the Vapor Pressure of the Solute 

Few electrolytes are sufficiently volatile to permit the deter¬ 
mination of their activities from their own vapor pressures. 
However, when this is possible it furnishes a*method of great 
simplicity. 

Bates and Kirschman' have made a careful study at 25®C of 
the partial pressures of hydrogen chloride, bromide and iodide 
over their aqueous solutions. Their results are given in Table 1 , 
in which the first column gives the molality; the second, fourth 
and sixth, the partial pressures of the halides; and the third, 

> Bates and Kinohman, /. Am. Chem* Soc., 41, 1991 (1919). 
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fifth and seventh, a quantity which is proportional to the activity 
coefficient. If is the activity of one of the undissociated 
halides, and is the mean activity of its ions, we have defined 
the activity coefficient as a±/m = jm. Hence if we consider 
a 2 as proportional to the vapor pressure p, then /mis a, quantity 
proportional to the activity coefficient and may be written as ky. 

Table 1. —Activity Coefficients of Hydrogen Halides at 25C® 
HCl HBr HI 


m 

p X 10^ 

kiy 

p X w 

k^y 

p X 10^ 

hy 

4 

0.2395 

0 001222 





5 

0.6974 

0.001669 





6 

1.842 

0.002263 

0.01987 

0.0002351 

0.00750 

0.0001444 

7 

4.579 

0.003058 

0.04868 

0.9003152 

0.02395 

0.0002213 

8 

11.10 

0.004171 

0.1171 

0.0004280 

0.08555 

0.0003664 

9 

25.39 

0.005586 

0.2974 

0.0006058 

0.3882 

0.0006928 

10 

55.26 

0.007436 

0.7763 

0.0008815 

1.737 

0.001317 

11 



1.987 

0 001280 




If these measurements could be carried to high dilutions, k 
could be determined as the limit approached by ky at infinite 
dilution. This, however, is experimentally impossible in the 
present case, and therefore we must leave k as an undetermined 
constant until a later section. 


Activity from Distribution Ratios 

A very similar method of calculating the activities is available 
when we know the distribution of an electrolyte between water 
and some non-ionizing solvent, in which the activity of the 
electrolyte is known as a function of the concentration (or 
assumed proportional to it). To illustrate such a case we may 
use the measurements of Rothmund and Drucker^ on the dis¬ 
tribution of picric acid between water and benzene. Their 
results, expressed in mols per liter, are given in Table 2. The 
first column shows the concentration in Water, and the second in 
benzene. Here again, taking as as proportional to c^, and identi- 

^ Rothmund and Drucker, Z. phygik. Chem.t 46, 827 (1903). 
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fying Cw with m, we may write ky = Cb^/cw The values of this 
quantity, which are given in the third column, we have extra¬ 
polated to infinite dilution, obtaining 15.4. But at infinite 
dilution 7 = 1, and therefore 15.4 is the value of k. Dividing 
now by this factor, we obtain the values of the activity coefficient 
given in the last column. 

Table 2.— Activity Coefficient op Picric Acid at 18°C 


C^r 

Cb 

ky 

7 

0.0334 

0.1772 

12.6 

0.82 

0.0199 

0.0700 

13.3 

0.86 

0.0101 

0.0199 

14.0 

0.91 

0.00701 

0.0101 

14.3 

0.93 

0.00327 

0.00225 

14.5 

0.94 

0.00208 

0.000932 

14.9 

0.97 

0 

0 

15 4 

1.00 


Activity from the Vapor Pressure of the Solvent 

The method of calculating aa, the activity of the sr^ute, from 
Oi, the activity of the solvent, we have already fully discussed 
in Chapter XXII. It is applicable without modification to 
electrolytic solutions. In dilute solutions vapor pressure measure¬ 
ments give far less accuracy than the electromotive force or 
freezing-point measurements which we are about to discuss, but 
in concentrated solutions they furnish a very satisfactory means 
of determining the ratio of the activities of the solute between 
two concentrations. 

From Bronsted's* measurements of the vapor pressure of 
water over sulfuric acid solutions at 20° and at 30°C, we have 


Table 3.—Vapor Pressure op Sulfuric Acid Solutions at 25''C 


N2 

m 

Pi/Pi° 

N1/N2 

10+ log 

ky 

0.02175 

1.236 

0.959 

44.9 

9.982 

0.00348 

0.04255 

2.467 

0.878 

22 5 

9.944 

0 00350 

0.0801 

4.88 

0.716 

11.4 

9.856 

0.00469 

0.1110 

6.83 

0.545 

8.01 

9.744 

0.00760 

0.2014 

14.02 

0.201 

3.96 

9.320 

0.0227 

0.2742 

20.94 

0.068 

2.65 

8.851 

0.0477 


^Bronsted, Z , phytik . Chem ,^ 68, 893 (1910). 
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interpolated the values at 25®C given in Table 3, where the 
first and second columns give the mol fractions and molalities 
of H 2 SO 4 , and the third gives pi, the vapor pressure of water 
from the solution, divided by pi°, the vapor pressure of pure 
water. 

Assuming that oi = pi/pi°, we may employ Equation XXII-19, 
with subscripts interchanged,‘ 

J d log a 2 — — j d log Oi. (9) 

We plot the values in the fourth column against those of the 
fifth, and find the difference between the two values of log a 2 
by obtaining the area under the curve. We may thus obtain a 
quantity which is proportional to a 2 , and if we then take the 
cube root and divide by m we have a series of quantities which 
are proportional to 7 . Such values of ky we give in the last 
column, and later we shall have occasion to check these values 
with those obtained by two other methods of determining the 
activity coefficient. 

Activity from Electromotive Force 

The Activity of Hydrochloric Acid from Ceils of Uniform 
Concentration of Electrolyte. If in a cell filled with aqueous 
hydrochloric acid of given composition we have a hydrogen 
electrode (at a partial pressure of hydrogen of one atmosphere) 
and an electrode of mercury and solid mercurous chloride, then 
for one equivalent of electricity passing through the cell the 
following reaction occurs: 

3 ^H 2 (g, 1 atmos.) + HgCl(s) = Hg(l) + HCl(aq) = 

Hg(l) + H+ + Cl~. 

Since N = 1 , the change in free energy is 
AF = - NFE = - FE. 

If the temperature is fixed and the partial pressure of the hydro- 

> In a case of this sort where there is a wide departure from the law of the perfeot solution 
there is no advantage to be gained by employing the method of Equation XXIl-24. 
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gen is maintained at one atmosphere, the electromotive force 
will depend solely upon the molality of the acid. 

If we measure two such cells the combination is called a con¬ 
centration cell without liquid junction, or, less accurately, a 
concentration cell without transference. If in the first cell the 
molality is m, and in the second m', the difference between the 
two values of the electromotive force, E and E', measures the 
change in free energy, per mol, in the transfer of acid from m' 
to m, 

HCl(aq, m') = HCl(aq, m); 

AF = Pii - Pj' = RT In ??;’= - F(E - E'). (10) 

(l2 

If in the one cell we have HCl in its standard state, so that we 
may write 

fi' = E' = E%* aa' = 1, (11) 

then at any other concentration the partial molal free energy 
and the activity of the solute are given by the equation 

fa - f 2 ° = In aa = - F(E - E*^). (12) 

Or, if we wish to deal with the mean activity of the ions, we 
note that = aa, or 2 In == In fla, and 

2 RT In = - F(E - E®). (13) 

Such cells have been measured at 25°C by numerous investi¬ 
gators.^ Work over a wide range of concentration has been 
done by Ellis,^ and over a still wider range and with more con¬ 
cordant results by Linhart.® By plotting their data, we may 
obtain the ratio of the activity of hydrochloric acid between any 
two concentrations by eliminating E® from Equation 13. 

The problem of determining E®, and thence the absolute value 
of the activity at any one concentration, is a far more difficult 
one, since it involves extrapolation to infinite dilution. Any 
such extrapolation, depending upon electromotive force measure- 

* The first experiments of this kind, on the activity of hydrochloric acid, were made by Tol> 
man and Ferguson, J. Am. Chem. Soc., 34, 232 (1912). Tlvey were at 18**C. 

»Ellis, J. Am. Chem. Soe., 38, 737 (1916). 

» Linhart, Am. Chem. Soe., 39, 2601 (1917;. 
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ments alone^ must give large weight to measurements at high 
dilution, where the difficulties in securing accurate values for 
the electromotive force are very great. 

An analogous cell, in which silver and silver chloride are sub¬ 
stituted for mercury and calomel, has been studied with dilute 
solutions of hydrochloric acid by Noyes and Ellis, ^ and more 
recently by Linhart* who has succeeded in obtaining in very 
dilute solutions a degree of accuracy such as no other investi¬ 
gator has attained. The two series of measurements are for 
the most part in excellent agreement and permit the best deter¬ 
mination of absolute activities which is at present possible from 
measurements of electromotive force alone. 

The extrapolation to infinite dilution can best be made by 
employing an expedient entirel}'' similar to that which we used 
in Chapter XXII (Equation XXII-15). Changing Equation 13 
to common logarithms, and introducing the several numerical 
factors, we find 

0.1183 log -E, (14) 

and to obtain the activity coefficient we subtract 0.1183 log m 
from each member, thus, 

0.1183 log ^ = 0.1183 log 7 = E® - (E + 0.1183 log m). (15) 

m 

At infinite dilution the first member disappears. Plotting the 
quantity in parenthesis (called E®') as ordinate, against any 
function of m as abscissa, we see that the limit approached by 
the ordinate at infinite dilution is equal to E®, which we take 
with Linhart as 0.2234 volts. At any concentration this value, 
subtracted from the ordinate, gives the value of — 0.1183 log 7 . 

This plot which we have just described we give in Figure 1 , 
with the square root of m as abscissae, since this not only serves 
to compress the wide range of concentration into reasonable 

> Noyes and Ellis, J. Am. Chem. Soe., 39, 2532 (1917). 

* Linhart, J. Am. Chem. Soe., 41,1175 (1919). Linhart in his cells used finely divided metallic 
silver and the form of silver chloride which is obtained by pYecipitating a silver salt with a 
chloride in dilute aqueous solutions. All other investigators who have used the silver chloride 
electrode have coated a silver electrode with chloride by electrolysis. Electrodes prepared in 
the latter manner usually give a constant e.m.f., but not always a reproducible one. 
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compass, but also since it should give a curve approximating to 
linearity at high dilution (for reasons which will later be discussed). 

Figure 1 comprises not only the results with the silver chloride 
cell, but also those with the calomel cell, for at each concentra¬ 
tion the two series should differ in e.m.f. by a constant amount, 
and we find in fact that the two curves fit well together if we 
subtract 0.0466 volts from each e.m.f. of the calomel series.^ 
From the final curve, of which only the general trend can be 
shown in the small scale reproduction in Figure 1, we have 



taken the values of Table 4. The several columns show the 
molality of the hydrochloric acid, its activity coefficient, the 
mean activity of the ions, the activity of HCl, and finally the 
partial molal free energy of HCl less that in the standard state, 
^2 1 ^ 2 *^ = /ET In CI 2 = 2 In 

The activity coefficient of any electrolyte starts at unity at 
zero concentration and very frequently reaches a minimum. 
In the present case y passes through the minimum even below 

^ With this curve we have also compared the results of Le ./is and Storch (J. Am. Chem. 
Soc., 39, 2544 (1917)) on the cell Hi, HBr(aq), AgBr, Ag, at 0.01 M, 0.03 M, and 0.1 M, 
The several values of £ differ by a constant amount from those used in Figure 1, and we may 
therefore conclude that up to 0.1 M the activity coefficients of hydrochloric and bydrobromio 
acids are identical. 
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Table 4.—Activities in Aqueous Hydrochloric Acid Solutions 

AT 25°C 


m 

7 

a=fc 

aa 

ft - ^2® 

0.0005 

0.991 

0.000496 

0.000000246 

-9022 

0.001 

0.984 

0.000984 

0.000000909 

-8204 

0.002 

0.971 

0.001942 

0.00000377 

-7403 

0.005 

0.947 

0.00474 

0.0000228 

-6336 

0.01 

0.924 

0.00924 

0.0000855 

-5552 

0.02 

0.894 

0 01788 

0.000319 

-4772 

0.05 

0.860 

0.0430 

0.00185 

-3732 

0.1 

0.814 

0.0814 

0 00664 

-2977 

0.2 

0.7o3 

0.1566 

0.0246 

-2197 

0.3 

0.768 

0.2304 

0.0530 

-1742 

0.4 

0.763 

0.305 

0.0929 

-1409 

0.5 

0.762 

0.381 

0.145 

-1144 

0.6 

0.770 

0.462 

0.213 

- 917 

0.75 

0.788 

0.591 

0.348 

- 625 

1 

0.823 

0.823 

0.676 

- 232 

2 

1.032 

2.064 

4.17 

846 

3 

1.35 

4.05 

16.4 

1657 

4 

1.84 

7.36 

54.2 

2367 

5 

2.51 

12.65 

158 

3000 

6 

3.40 

20.4 

416 

3675 

7 

4.66 

32.6 

1064 

4132 

8 

6.30 

50.4 

2540 

4647 

9 

8.32 

74.9 

5607 

5117 

10 

10.65 

106.5 

11340 

5634 

16 

43.21 

691.0 

478000 

7751 


half-molal; from there it rises rapidly, passing one hundred per¬ 
cent between 1 M and 2 M, and reaching 43,2 at 16 M. While 
in dilute solutions it is useful to think of the activity coefficient as 
a thermodynamic measure of the degree of dissociation, such an 
idea loses all value in these concentrated solutions, where it might 
be misleading to speak of a ‘‘degree of dissociation’’ of over four 
thousand percent. 

The enormous difference between the electrolytic solutions 
which we are now considering and the solutions that we have 
discussed in the preceding chapters is best seen in the great 
variation of a 2 , the activity of HCl as such. For example, aa 

1 Recalculated from Linhart’s value, using newer vapor pressure measurements, for cor¬ 
recting E to 1 atmos. of hydrogen. 
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increases half a million times between 1 M and 16 M. Since 
this quantity, aa, may be regarded as proportional to the vapor 
pressure of HCl, we may compare the values of Table 1 and 
Table 4. Assuming from the latter table that y == 1.84 at 4 M, 
ki of the former table becomes 0.000664. The several values of 
kiy divided by this constant give the following values of y which, 
except for the last concentration, are in excellent agreement with 
Table 4. 

Table 5 

m4 56 789 10 

7 (1.84) 2.51 3.41 4.60 6.27 8.43 11.20 

Concentration Cells with Liquid Junction Vith 

Transference^^ 


Any cell of the type 

Ag, AgCl, HCl (m), HCl (m'), AgCl, Ag, 

gives, with reversible electrodes, a definite and reproducible 
electromotive force. ^ In the early days of the ionic theory 
Nernst^ showed how such a cell could be treated thermodynami¬ 
cally. In his solution of the problem he used ion concentrations 
(obtained from conductivity measurements), where we should 
now use the activities, and his equation gave results which were 
only approximately correct. The problem is, however, one with 
which thermodynamics is perfectly competent to deal in an 
exact manner. 

In solving this problem we may, for the sake of variety, make 
use of the partial molal free energies instead of the activities. 
In order to fix our ideas let us consider the concentration cell 
as sketched in Figure 2. At A and to the left of A the molality 
of the acid is constant and equal to rri^] the transference number 
of the cation is and the partial molal free energy of the HCl 

' In general, cells which involve a junction between two different solutions give an electro¬ 
motive force which varies with the kind and with the physical nature of the liquid junction. 
This is not the case, however, when the two solutions are of different concentrations of the 
same electrolyte. In such a case both theory and practice show that the electromotive force 
is constant and reproducible. 

* Nernst, Z. physik. Chem,, 4, 129 (1880). 



338 


THERMODYNAMICS 


Chap. XXVI 


is Somewhere between A and B the concentration varies 
in some continuous but unspecified manner, until at B, and to the 
right, the molality is constant at tti^y the transference number 
at and the partial molal free energy at P . 

Now when the cell operates, and a small negative current 
passes through the cell from right to left, the total change in 
free energy, per equivalent of electricity, is determined if we know 
the amount of acid being added or removed at each point, and 
also the value of f at each point. 

The amount leaving the region to the left of A is t^y the amount 
entering the region to the right of B is t^y and the difference is 
taken from (or given to) the intervening region where the gra¬ 
dient occurs. In the region to the right of B the free energy 


_A 

HCI(mA) 


4--B _ 

I i IICl(mB) 

I i mB 

! t _ _ 

Figure 2. 


increases by in the region to the left of A it increases by 
— t^f^y and in the intervening region there is a summation of 
effects which may be analyzed as follows: Consider some infini¬ 
tesimal region (indicated by the space between the dotted lines) 
in which the transference number varies from t+ on the one side 
to t+ + d4 the other, and in which the partial molal free 
energy is f. The amount of acid leaving this region is d4, 
hence the increase in free energy in the total intermediate region 

fB 

IS — y fdt+. 

Therefore for the whole cell* 


AF = 




( 16 ) 


Now since N = 1, we have 

AF = - EF, 

and 




I J'xdv 


xy 


-J'ydx. 


(17) 
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We may therefore calculate the electromotive force of any such 
concentration cell if we know, over a range of concentration, the 
values of the transference number, and of the partial molal free 
energy (which may, for example, be obtained from the cells 
without liquid junctions). It is only necessary to plot at several 
concentrations the values of against the values of P — f°, and 
the area under the curve, divided by - F, gives immediately 
the desired result. 

The differential form of Equation 17 is 

-F^ = 4, (18) 

and this equation gives a remarkably simple and exact method 
of measuring the transference number. 

This method has been used with great success by Macinnes 
and Beattie,^ who have measured the concentration cells Ag, 
AgCl, Li Cl (m^), LiCl (m^), AgCl, Ag. At the same time they 
determined the activity or the partial molal free energy of the 
lithium chloride by cells of the type Ag, AgCl, LiCl(m), 
Li(amalg,). Using the Lewis and Kraus* amalgam elecLode, 
and taking special pains, especially in the exclusion of oxygen. 

Table 6.—Transference Number of the Cation in Lithium Chloride* 


m 

4 

4 

e.m.f. method 

Hittorf method 

0.001 

0.359 


0.005 

0.341 


0.01 

0.334 

0.332 

0.02 

0.327 

0.328 

0.05 

0 318 

0.320 

0.10 

0.311 

0.313 

0.20 

0.304 

0.304 

0.30 

0.299 

0.299 

0.50 

0.293 


1.00 • 

0.281) 


2.00 

0.276 


3.00 

0.268 



1 Maoinnes and Beattie, J. Am, Chem. Sac., 42, 1117 (1920). 

* Lewis and Kraus. J. Am. Chem. Soc., 32, 1469 (1910). 

*The first two figures, based upon measurements in the two most dilute solutions, are 
doubtful. 
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they obtained results which, except in the case of their most 
dilute solution (O.OOIM), seem to be reliable. We reproduce in 
Table 6 their results for the transference number of the cation 
in lithium chloride as obtained by this method, together with 
the “best values” which they quote from Noyes and Falk,‘ who 
compiled the existing data obtained by the Hittorf method. 
The agreement is strikingly good. 

Exercise 1. From the data of Table 4 calculate pi/pi° at 25°C for 
water in hydrochloric acid solutions of 1.0 M, 5.0 M, and 10.0 M. 

Exercise 2. The transference number, <+, of HCl at 25‘’C may be 
approximately estimated by drawing a rough curve through a value obtained 
by Hittorf at 10 M and those obtained by Riesenfeld and Reinhold 
(Z. ‘phyaik. Chem., 68, 440 (1910)) up to 1 M. Wc thus obtain the values 
given below. 

m 123456789 10 

t+ 0.845 0.839 0.823 0.804 0.785 0.762 0.741 0.718 0.695 0.665 

With the values of P - P® given in Table 4 find the e.m.f. of the concen¬ 
tration cell Ag, AgCl, HCl(lOM), HCl(lM), AgCl, Ag. (Compare with 
an unpublished measurement of Gerke, E » 0.1990.) 

Exercise 3. Obtain a formula corresponding to Equation 17, for the 
cell H,, HCl(m*), HCl(m®), H,. 

* Noyee and Falk, J. Am. Chem. *Soc., 33, 1436 (1911), 



CHAPTER XXVII 


THE ACTIVITY OF ELECTROLYTES FROM FREEZING 
POINT DATA, AND TABLES OF ACTIVITY 
COEFFICIENTS 

In the measurement of the freezing points of electrolytic 
solutions we have a method of great generality and importance 
for the determination of the activities of electrolytes. Since, 
moreover, it is a method which has been almost universally 
misunderstood we shall present it here in some detail. 

The van’t Hoff factor, t, which is the ratio between the molal 
lowering caused by an electrolyte and the theoretical molal 
lowering (assuming no dissociation) is a quantity which has 
been much used in the interpretation of dilute solutions of 
electrolytes. It has been customary to consider {i — 1) for a 
binary electrolyte as the measure of the degree of dissociation, 
but the value so obtained is not the thermodynamic degree of 
dissociation, nor does it give any valuable information regarding 
the thermodynamic properties of the solute. At best, the factor 
i gives the ratio of the lowering of the activity of the solvent to 
the lowering which would be produced by a normal undissociated 
substance. To proceed from the activity of the solvent to the 
activity of the solute involves, as we have seen, a laborious process 
of integration. 

The purely thermodynamic treatment of freezing-point data 
which permits the exact calculation of activities has been almost 
entirely ignored, perhaps because of its mathematical complex¬ 
ity. Nevertheless, it furnishes a method^ which is so general 
and at the same time so precise that it has become more impor¬ 
tant than all other methods of calculating the activity coefficient. 

> Hera also we are going to employ, with some extensions, the method used by Lewis {J, Am. 
Ch»m, Soe., S4, 1631 (1912)). 
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In repeating for electrolytes the interpretation of freezing 
point data, which we have already employed for non-electro¬ 
lytes, we shall find it convenient to develop our general formula 
in three stages. First, we shall consider the very dilute solu¬ 
tions; then the more concentrated solutions, in which, however, 
we neglect the heat of dilution; and finally, the general and exact 
calculation for solutions of any concentration. 


An Empirical Law for the Lowering of the Freezing 
Point by Electrolytes in Dilute Solution 


The exact determination of the freezing point lowering in 
dilute solutions presents great experimental difficulties, which, 
however, have largely been overcome by recent developments in 
thermometry, in the work of Hausrath,^ Bedford,^ Adams,^ 
Harkins and Roberts,^ and Hall and Harkins.^ A survey of 
the results obtained by these experimentors led Lewis and Lin- 
hart® to an interesting generalization which permits a simple 
calculation of activity coefficients in very dilute solutions. 

We have seen by Equation XXIII-25 that, for any dilute 
solution, 

d\na^ = ^-, 

Xm 


Now for an electrolyte, each molecule of which produces v mole¬ 
cules when completely dissociated, we may divide this equation 
through by v and find 

- d In a2 = d In a?’ *' = d In a± = -- . (1) 

V v\m 


For such an electrolyte the molal lowering at infinite dilution 
is pX, and in this case we may define the function j in order to 
make it once more equal to zero at infinite dilution, namely, 


pXm 

> Hausrath. Ann. Phyaik. [4). 9, 522 (1902). 

* Bedford, Proe. Roy. Soe., London^ 83A, 454 (1909). 

* Adame, J. Am. Cham. Soe., 37, 494 (1915). 

< Harkins and Roberts, J. Am. Chem. Soc., 38, 2676 (1916). 
» HaU and Harkins, J. Am. Chem. Soc., 38, 2658 (1016). 

* Lewis and Linhart, J. Am. Chem. Soc., 41, 1952 (1019). 
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Proceeding now just as with the non-electrolytes we find 

d In ^ = d In 7 = — dj — jd In m. ( 3 ) 

m 


If j is known as a function of m we may proceed as before to a 
graphic integration of Equation 3. But it is simpler to employ 
the equation of Lewis and Linhart, who discovered that electro¬ 
lytes of all the various types which have been accurately investi¬ 
gated, approach as a limiting law in dilute solutions' 

j = 0rn\ (4) 

and that, for all the salts considered, this law was obeyed within 
the limits of experimental error below 0.01 M. At higher con¬ 
centrations the values of j always become smaller than the ones 
calculated from the formula, and in some cases j passes through 
a maximum. 

The method of obtaining the constants a and in this formula 
is evident if we take the logarithm of both sides, when 


log j = log /3 + a log m. 


(5) 


If log j is plotted against log m, a is the slope of the line, and 
log 0 is the intercept^ on the axis of log j. 

By combining Equations 3 and 4 we find 

d In 7 = — fidini") — p7n*~'^dm. (G) 


Integrating, we observe tliat the constant of integration is 
zero, and 

In 7 = — — - 7n% (7) 

a 


or 


log 7 = 


1)7^ 
2:303 a ’ 


( 8 ) 


By employing this equation Lewis and Linhart obtained a 
series of values of 7 for various electrolytes, a part of which we 
reproduce in Table 1 . 

^ The rule that we used for non-electrolytes, from which Equation XXIII-31 was obtained* 
may be regarded as a special case of Equation 4 in which a » 1. 

* Our fi is the of Lewis and Linhart divided by vX. 
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Table 1.—AcmviTy Coefficients* of Very Dilute Solutions (at Any 
Temperature) at Several Values of m 



a 


0.0001 

0.0002 

*0^0005 

^U.OOl 

0.002 

0.005 

0.01 

KCI, NaCl . .. 

. . 0.535 

0.329 

0.993 

0.990 

0.984 

0.977 

0.967 

0.946 

0.922 

KNO*. 

.. 0.666 

0.427 

0.994 

0.990 

0.984 

0.976 

0.965 

0.943 

0.916 

KIOi, NalOi. . 

. . 0.500 

0.417 

0.988 

0.982 

0.972 

0.961 

0.946 

0.915 

0.882 

K 1 SO 4 . 

. . 0.374 

0.672 

0.935 

0.917 

0.885 

0.853 

0.814 

0.749 

0.687 

H*S04. 

. . 0.417 

0.970 

0.932 

0.910 

0.871 

0.831 

0.782 

0.696 

0.617 

(BaCl}A. 

.. 0.364 

0.477 

0.939 

0.923 

0.894 

0.865 

0.830 

0.771 

0.716 

CoCh. 

. . 0.362 

0.441 

0.943 

0.927 

0.900 

0.873 

0.840 

0.784 

0.731 

MeSOi. 

. . 0.38 

1.44 

0.85 

0.81 

0.75 

0.69 

0.61 

0.60 

0.40(4) 

KsFe(CN)«. .. . 

. . 0.420 

1.148 

0.922 

0.897 

0.853 

0.808 

0.752 

0.657 

0.571 

La(NOi)s. 

. . 0.420 

V1.148 

0.922 

0.897 

0.853 

0.808 

0.752 

0.657 

0.571 


This investigation showed for the first time the general trend 
of the activity coefficient in very dilute solutions. The table 
may be in error in some details, for it is based upon measurements 
in which the smallest inaccuracies cause a relatively large error. 
However, we may place reliance upon the general results of 
this calculation, and also upon most of the individual results. 

When we compare the results of Table 1 with the values of 
A/A®, which have ordinarily been used as a measure of the degree 
of dissociation, we find a divergence between A/A® and the ther¬ 
modynamic degree of dissociation which, especially in salts of 

1 We have added to this table values of 7 for KNOi obtained from a very accurate series 
of measurements by Adams, which was inadvertently omitted by Lewis and Linhart. In 
examining the plot for KIOi and NalOi we find that the individual points are hardly sufficiently 
concordant to determine with any accuracy the value of a. In fact within the limits of experi¬ 
mental error a is one-half, probably for all of the uni-univalent salts given in the table, and also 
for other uni-univalent salts which we are going to study by another method. The value of a 
previously given for these iodates, 0.442, was the only one falling below one-half. We have pre¬ 
ferred to recalculate these values on the assumption that a - 0.60, which, together with the 
experimental value of j at 0.01 M, makes fi 0.417. Also it may be noted that, looking over 
the numerical calculations of Lewis and Linhart, we are led to one minor change, namely, 
for 0.01 M KCI and NaCl, 7 *• 0.922 instead of 7 - 0.925. Finally, in considering the 
sulfates of Mg, Zn, Cd and Cu, which we have grouped together as MeS 04 , we have altered 
the values given by I^wis and Linhart. (Average a - 0.31, 0 » 1.08, 7 (at 0.01 M) — 0.33.) 
Those values rested chiefly upon measurements made by Hausrath in 1902. These were 
undoubtedly the most accurate freesing-point data ever obtained up to that time. But in 
the meantime important improvements in thermometry have been made, and Hausrath’s 
results in very dilute solutions must be regarded as uncertain. By a method which we cannot 
give here in detail, and which involves the use of Horsch's measurements (J. Am. Chem. Soc. 
41 , 1787 (1919)) on cells with zinc electrodes in ZnSOi and in ZnCh, we have obtained new 
values for the activity coefficients of ZnSOi. By this method at 0.01 M, 7 - 0.47. Giving 
equal weight to the two independent determinations, we obtain as an average at 0.01 M, 
7 — 0.40, and this value will be corroborated by another method which we shall describe later. 
Moreover, this value is in better agreement with the results on MgS04 alone, as obtained by 
Hall and Harkins (/. Am. Chem, 80 c., 38 , 2668 (1916)), than the one used by I.«ewis and Linhart. 
Assuming, therefore, this value of 7 and taking the average j at 0.01 M as 0.25, we obtain the 
values given in the table. 
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the higher types, is truly astonishing.^ For the sake of compari¬ 
son we give in Table 2 the values of y and of A/A® at 18® for a 
number of salts at 0.01 M. 

Table 2. — Comparison of y and A/A° for Several Salts at 0.01 M 

KCI NaCl KNOs KjS 04 B&CU CdS 04 CUSO 4 LafNOa), 

7 0.922 0.922 0.916 0.687 0.716 0.404 0.404 0.571 

A/A° 0.941 0.936 0.935 0.832 0.850 0.53 0.55 0.75 

The assumption that, at 0.01 or 0.001 molal, A/A® can be taken 
as a satisfactory measure of the thermodynamic degree of disvso- 
ciation, or activity coefficient, is evidently very far from the truth, 
especially for salts of a higher type than the uni-univalent. 
In the case of copper sulfate, where this great divergence was 
first pointed out by Lewis and Lacey ,2 we find that even at so 
great a dilution as 0.001 M, A/A® is 0.80 while 7 is 0.69. 

On the other hand, when we compare y with the ^^corrected 
degree of dissociation^' which we have studied in Chapter XXV 
(obtained by combining conductivity and transference data) we 
find, not perhaps an identity, but certainly a remarkable paral¬ 
lelism between those values and the activity coefficient. That 
corrected degree of dissociation is always a little lower for nitrates, 
bromates, and other salts of the oxygen acids than for chlorides 
or bromides. Likewise it is smaller for silver and thallium salts 
than for salts of the alkali metals. These are precisely the 
conclusions which we are going to reach concerning the activity 
coefficient from our inspection of Table 1 and following tables. 

Before turning our attention from the Lewis and Linhart 
equation, we may point out some interesting corollaries which 
will be found very useful in practical calculations. We note that, 
within the limits of experimental error, a for a uni-univalent 
electrolyte is* 3^. This is shown not merely by Table 1 but also 
by other data which will be mentioned later. Therefore, at least 

»Another proof that any relation between y and the values of A/A®, which are uncorrected 
for changing mobility, must be a very rough one, is furnished by a consideration of the change 
of these quantities with the temperature. In the very dilute solutions which we are now dis¬ 
cussing, the heat of dilution is always negligible, and the values of y must be independent of the 
temperature. But the values of A/A® diminish markedly with increasing temperature. For 
several salts at .0.08 normal, studied by Noyes and Melcher (Puhl. Carnegie Inst., 63, (1907)), 
this diminution between 18® and 100® ranged from 3% for NaCl to 30% for MgSOi. 

* Lewis and Lacey, J. Am. Chem. Soc., S6, 804 (1914). 
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as a close approximation to the truth, for uni-univalent electro- 

lytes, 


ii 

(9) 

or by Equation 7, 


In 7 = - 3/3m^ = — 3j, 

( 10 ) 


which furnishes an extremely simple method of calculating the 
activity coefficient in dilute solution from the freezing point. 
We may put this equation in a different form by expanding in 
series, whence 

7 = 1- + • • • , (11) 

and for very dilute solutions the last term disappears, giving 

7 = 1- = 1 - 3i. (12) 

It is interesting to compare this equation with the classic 
equation of van’t Hoff, which we may write as 

-y = 1 — 1 1 — 2ji. 

In other words, in any dilute solution, 7 obtained from the 
van't Hoff equation differs from unity by only % as much as 
the true 7 . Thus for 0.001 M potassium iodate the value of j is 
0.0132, whence from Equation 12 , 7 = 0.960, while by the van^t 
Hoff equation it would be 0.974.^ 

Finally, it is to be noted that if Equation 12 is correct at high 
dilution, 7 should be a linear function of or, in other words, if 
we plot the activity coefficient against the square root of the 
molality, the curve at small values of m should become a straight 
line, intersecting the 7 axis at unity. We have used such a plot 
in Figure XXVI -1 and shall later have numerous occasions for 
illustrating its utility. 

Preliminary Treatment of Concentrated Solutions 

For most salts above 0.01 M the freezing points no longer obey 
the simple rule of Lewis and Linhart. Moreover two corrections 

* > It is a curious coincidence that for uni>univalent salts this false value of 7 is not far from 
the value of A/A**. This coincidence has doubtless been in part responsible for the previous 
neglect of the correct thermodynamic method of using freesing-point data. 
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become necessary in Equation 3. The first of these involves the 
heat of dilution, and this one we shall ignore for the moment. 
The other is due to the same factors that gave rise to the last 
term in Equation XXIII-29. Returning to that equation and 
proceeding just as we did with the non-electrolytes, except that 
we now write 

- 1 ^ 

^ v\rYi 

we thus find 


d In 7 = - id In m - dj + ^ dd. (13) 

V m 


Changing to common logarithms and integrating, noting that 
the constant of integration is zero, 


rm 

log 7 = / — jd log m 

Jo 


2.303 


+ 


0.00025 /'”* d , 

- I - ( Id , 

V Jo m 


(14) 


The last definite integral may readily be obtained as before 
by a very rough plot, and the first definite integral is the 
total area under the curve of J against log m. When we have 
data which permit the use of the method of the preceding sec¬ 
tion we may plot merely from m = 0.01, and determine the area 
from infinite dilution up to w = 0.01 from Equation 4, 

/•o.oi o 

/ - id log m = - J^(0.01)«. (15) 

Jo 2.303a 


We shall illustrate the use of Equation 14 by means of the 
freezing point data for sodium chloride. Here we make use of 
the measurements up to 0.136 M made by Harkins and Roberts,^ 
those of Rodebush^ between molal and the eutectic of 
NaCl 2 H 2 O, and a few intermediate points of Jahn.^ In Fig¬ 
ure 1 we give the curve of j against log in, the area under which 
gives the value of J*jd log m. This area up to m = 0.01, or 
log m = — 2, is found from Equation 15 to be 0.0227, and this 
value must be added to the areas counted to the right of the 
point where log m = - 2. 

In Table 3 we give the various terms which enter into Equation 

‘ Harkiiui and Roberts. J. Am. Chem. Soc., 38, 2676 (1916). 

*Rodebush. J. Am. Chem. Soe. 40. 1204 (1918). 

* Jahn, Z. phyeik. Chem>, 50, 144 (1905); 59, 33 (1907). 
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14, and the values obtained therefrom for the activity coeflScient, 
which we may call for the moment 7 '. These values are to be 
regarded merely as provisional, for we have not yet considered 
the magnitude of the effect which is due to the heat of dilution. 



— 3.0 — 2.0 — 1.0 0 1.0 
Log m. 

Fioore 1. 


Table 3.—Provisional Values of the Activity Coefficient of Sodium 

Chloride 


m 

j 

2.303 

jd log m 

0.000125/’‘‘’-di? 

-log y' 


0.01 

0.0126 

0.0227 


0.0353 

0.922 

0.02 

0.0169 

0.0327 


0.0496 

0.892 

0.05 

0.0235 

0.0513 


0 0748 

0.842 

0.1 

0.0287 

0.0694 

0.0001 

0.0980 

0.798 

0.2 

0.0339 

0.0913 

0.0(X)2 

0.1250 

0.750 

0.5 

0.0413 

0.1259 

0.0008 

0 1664 

0.682 

1.0 

0.0456 

0.1666 

0 0014 

0.2008 

0.630 

2.0 

0.0317 

0.1840 

0.0029 

0.2128 

0.613 

3.0 

0.0135 

0.1937 

0.0046 

0.2026 

0.627 

4.0 

-0.0065 

0.1950 

0.0064 

0.1821 

0.657 

6.0 

-0.0347 

0.1909 

0 0090 

0.1472 

0.713 

5.2 

-0.0425 

0.1895 

0.0095 

0.1375 

0.729 


Final Calculation of the Activity Coefficient at a Given 
Temperature, neither the Heat op Dilution nor 
ITS Temperature Coefficient being Neglected 

We shall now illustrate the more general method by which 
we are able to utilizf the freezing point data for even the most 
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concentrated solutions when the partial molal heat contents and 
beat capacities are known. 

We have seen in Equation XXIII-35 that the activity of the 
water in a solution of given concentration is not independent of 
the temperature, if Ci is not negligible, but that we write 

where T" is the temperature chosen for our calculation, usually 
298.1, and T = 273.1 — is the freezing point of the solution 
of a given concentration. In the case of electrolytes, L\ changes 
very rapidly with the temperature. We might follow our ordi¬ 
nary procedure and write 

= f'i(O) + (Cpi — Cpi®)7’. (17) 

We shall, however, find it more convenient in our numerical 
calculations to use the equivalent expression 

Li = + (cpi — Cpi®)(r — r"). (18) 

Using this expression we may integrate Equation 16, and find 

T " ~ r 

‘ ’2.303«rT' 


In using this equation we shall find it convenient to call 


rpn _ rpf 

2.303«r'r' 


1 T" 


( 20 ) 


Since these quantities are used in various calculations, we have 
made a table of y and z, when T" is 298.1, for various values of 
T", and this table, since it will be useful for other purposes, is 
given in full in Appendix III at the end of the book. If there¬ 
fore we know the freezing point, T', of a solution of a certain 
concentration, we find y and z from the table, and if we know 
Li and Cpi — Cpi® for that concentration, we obtain the value of x, 

log ai(aw) — log ai = X — — Licaas) y (Cpi — ?5pi®)4i. (21) 
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We may now proceed just as in Chapter XXllI and find 

log 7 = log 7 ' - ( 22 ) 

V Jo 

where y is the final value of the activity coefficient at the chosen 
temperature, while 7 ' is the value obtained, as in the preceding 
section, when Li and Cpi are neglected. The last term is obtained 
by plotting 1 /m against the value of x obtained from Equation 
21 , and then determining the area under the curve. 

For th^ calculation of the activity coefficient of sodium chlo¬ 
ride at 25®C we take the thermal quantities from the results of 
Randall and Bisson given in Tables VIII-5 and VIII- 2 . These 
quantities, together with yLi and i 2 (cpi — Cpi®) are given in Table 
4. It will be noticed that the Cp term could be neglected at the 
lower concentrations, at which the L term becomes appreciable; 
but on account of the rapid change of Li with the temperature, 
which is characteristic of electrolytes, the Cp term becomes the 
more important of the two at the higher concentrations, where 
we are extrapolating over nearly fifty degrees. The last col¬ 
umn^ gives X = - yLiim) + z{cpi - Cpi®). 


Table 4 


m 


Cl(2«8) 

Cpi — Cpi° 


—e(Cpi — Opi®) 

X 

0.2 

0.7 

0.1 

0 

0.000007 

0.000000 

-0.000007 

0 5 

1.7 

0.7 

-0.01 

0.000050 

0 000011 

-0.000061 

1.0 

3.3 

3.2 

-0 06 

0.000256 

0.000068 

-0.000324 

2.0 

6.9 

10.3 

-0 24 

0.000935 

0.000398 

-0.001333 

3.0 

10.8 

17.2 

-0 55 

0.00172 

0.00103 

-0.00275 

4.0 

15.1 

21.7 

-0.77 

0 00248 

0.00185 

-0.00433 

5.0 

19.8 

19.5 

-1.21 

0.00253 

0.00371 

-0.00624 

5.2 

21 1 

18.2 

-1.30 

0.00244 

0.00426 

-0.00670 


The plot of 1 /m against x gives Curve I in Figure 2 . By 
finding the area under this curve up to a given concentration. 


we evaluate the term 


»given in the second column 


of Table 5. By Equation 22 this term is equal to log ( 7 / 7 ')- 


1 Since we are concerned here primarily with the calculation of the activity of the solute we 
shall not pause for the calculation of the activity of the solvent^ but the latter can obviously 

be readily obtained from x, for if aj' is the activity of the solvent at 208.1 and ai is the value 
at the freezing point, calculated from Equation XXIII*22, then by Equation 16, log ai* — log 

ai «■ X. 
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The corresponding values of 7 / 7 ' are shown in the third column, 
and taking 7 ' from Table 3, we obtain the final values of 7 , 
the activity coefficient of sodium chloride at 25®C. 



Figure 2. 

Table 6.—Final Values of the Activity Coefficient of Sodium 
Chloride at 25°C, from Freezing Points 


m 

log(7/7') 

7/7' 

7 

0.01 


1.000 

0.922 

0.02 


1.000 

0.892 

0.05 


1.000 

0.842 

0.1 


1.000 

0.798 

0.2 

0.0010 

1.002 

0.752 

0.5 

0.0039 

1.009 

0.689 

1.0 

0.0136 

1.032 

0.650 

2 

0.0332 

1.080 

0.661 

3 

0.0500 

1.109 

0.704 

4 

0.0657 

1.163 

0.765 

5 

0.0778 

1.197 

0.852 

5 2 

0.0791 

1.200 

0.874 


It is evident in this case that when we neglect thermal effects 
we make an error of three percent at 1 M and an error of twenty 
percent at 5.2 M. 

An Alternative Method. If we wish to make a corresponding calculation 
at some other temperature than 25®C, say at --21.12°C, which is the eutectic 
point of NaC1.2H*0, we may still employ the table of Appendix III. If we 
read from this table the same values as before and subtract from each one 
the value obtained from the table for t = - 21.12 we obtain the values of 
^ to be used in the new calculation; and similarly with z. Proceeding just 
as before and plotting, we obtain Curve II of Figure 2. Taking the alge- 
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braic area, after notinic the difference of sign for the upper and lower parts 
of the curve, we find at 5.2 M and at - 21.12®C, 7/7' ■« 0.961 and 7 * 
0.693. 

To calculate 7 at 25°C from this figure we must now use the heat content 
and heat capacity, not of the solvent, but of the solute. For 

log 7=.. - log 2;mRT^‘ 

Integrating as in Equation 19, taking C 2 ( 2 »«i), Cd 2 andCp 2 ® from Tables VIII-5 
and VIII-2, and again employing the table of Appendix III, we find log 729 a 
— log 7262 ** 0.1036 and 7298 ** 0.878, as compared with 0.874 obtained 
above. 

It should be remarked that this is a purely numerical check, for if the 
values of L and Cp for solute and solvent were strictly in accord with Equation 
IV-19, and if our graphical integrations were entirely accurate, the agree¬ 
ment should be perfect. 

Comparison of these Activity Coefficients with those 

Obtained from Electromotive Force Measurements 

We are now in a position to make one of the most remarkably 
satisfactory checks which has yet been afforded by applied 
thermodynamics. The results of the arduous calculation of 
the activity coefficient of sodium chloride at 25® from the freezing 
point data we may conlpare directly with the results of Allmand 
and Polack,^ who studied the electromotive force at 25®C of the 
cell, Na(amalg.), NaCl(aq), HgCl, Hg, using the amalgam elec¬ 
trodes of J&ewis and Kraus. Their measurements at various 
concentrations enabled them to calculate values which are 
proportional to the activity coefficient. Multiplying those 
values by a constant factor in ‘irder to give at 1 M the same value 

Table 6.—^Activity Coefficient of Sodium Chloride at 25°C, from 
Electromotive Force 


m 

7 

0.1 

0.784 

0.5 

0.681 

1 

(0 650 

3.196 

0.-726 

6.12 (saturated) 

1 013 


> AUmaud and Polack, /. Chem. Soc , 115, 1020 (1919). 
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of 7 that we have found in Table 5, we obtain the activity coeflS- 
cients of Table 6.^ 

In order to show the relation between these values and our 
previous ones, we exhibit in Figure 3 the activity coeflBicient as a 
function of The continuous curve is from the data of 

Table 5 and the circles represent the values of Allmand and 
Polack. The average deviation of these points from the curve 



Figure 3.—Activity Coefficient of Aqueous Sodium Chloride at 26"'C. 

is only a few tenths of a percent, and when we consider that in 
the concentrated solutions the use of the 2> and Cp values intro¬ 
duced a term which alone amounted to twenty percent, the 
agreement is most striking. 

The Activity Coefficient of Sulfuric Acid by Three 
Independent Methods 

Another case in which we have material for a very satisfactory 
comparison of the activity coefficients obtained by various 
methods is afforded by aqueous solutions of sulfuric acid. 

Freezing Points. In the freezing point method we may employ 
the data of Drucker,® Roth and Knothe,® Pickering^ and Barnes,® 

^ We have not utiliied their results at concentrations below 0.1 M where the experimental 
uncertainty proved to be large. 

* Drucker, Z. Elektrochem., 17, 400 (1911). 

* Roth and Knothe, published only in I..andolt, Bornstein Tables. 

4 Pickering, Z. physik, Chetn., 7, 392 (1891)« 

* Barnes, Trana. Roy, Soc. Canada^ II, (3). 6, 37 (1900). 
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together with those which we have already considered in obtaining 
Table 1. We proceed just as in the case of sodium chloride, except 
that, in Equation 14, p = 3. The results are given in Table 7.* 


Table 7.—Activity Coefficient of Sulfuric Acid at 25°C from 

Freezing Points 

55.51 [^dx 


m 

3 

y rn(298) 

Z(Cpi - Cpi") 

3 Jo m 

7 ' 

7298 

0.01 

0.142 




0.617 

0.617 

0.02 

0.197 




0.519 

0.519 

0.05 

0.258 




0.397 

0.397 

0.1 

0.293 

-0.000027 

-0.000005 

0.00407 

0.316 

0.313 

0.2 

0.320 

-0 000090 

-0.000012 

0 00795 

0.248 

0.244 

0.5 

0.329 

-0.00022 

-0.000033 

0.0152 

0.182 

0.176 

1.0 

0.280 

-0.00055 

-0.000144 

0.0230 

0.155 

0.147 

2 0 

0.134 

-0 00184 

-0.000413 

0 0360 

0.155 

0.143 

4.0 

-0.350 

-0.01778 

0 000342 

0.1202 

0.268 

0.203 

5.0 

-0.650 

-0.0419 

0.00297 

0.2320 

0.413 

0 242 


In this table the first column gives the molality, and the 
second the value of j calculated from the best value of the 
freezing point, while the next to the last column gives 7 ' which 
is the activity coefficient calculated from Equation 14; in other 
words, calculated without consideration of the partial heat 
contents and heat capacities. These thermal quantities may 
however be obtained at once from Tables VIII-7 and VIII-3. 
leading to the values of the third and fourth columns. From 

55.51 f^dx 

these are calculated the values of - - ~ / - -, where p = 3. 

V Jo m' 

These values arc given in the fifth column, and in the last 
column are the values of 7298 , the activity coefficient of sulfuric 
acid at 25®C. 

It will be seen that in this case of sulfuric acid the correction 
caused by the introduction of the thermal terms is of the opposite 
sign as compared with the corresponding correction for sodium 
chloride. So in this case 7 is less than 7 '. The thermal effects 
are so large that at 5 M the correction is nearly as large as 7 
itself. This means that in the concentrated solutions 7 is 

* For this whole calculation of the activity of sulfuric acid from the freezing points, we are 
indebted to Mr. T. F. Young. We have not checked hie calculations, but have much confidence 
in their accuracy. 
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changing rapidly with the temperature. At 5 M it about doubles 
in going from 25®C to a temperature in the neighborhood of the 
freezing point, which is — 46®C. 

Electromotive Force. The cell, H 2 , H 2 SO 4 , Hg 2 S 04 , Hg has 
been thoroughly investigated at 25®. Randall and Cushman,^ 
who have made the most recent study of this cell, obtained very 
reproducible results, which, moreover, they showed to be in the 
main concordant with the earlier results of Bronsted and of 
Edgar, in concentrated solutions, and with those of Lewis and 
Lacey in the dilute solutions. Their results (together with one 
of Bronsted^s at 14 M) are given in Table 8, where the first 
column gives the molality of the sulfuric acid, and the second 
gives the e.m.f. of the cell (hydrogen at one atmosphere). 
The last column gives values of k'y obtained as follows. 

We have the equation, 

E.E"-*|:ina„ (24) 

or, by Equations XXVI-5 and XXVI-6, 

E = E° - In {ym 4H). (25) 

We may, for simplicity, collect the constants and write 

E = - In {k'ym). (26) 

Table 8. —Electkomotive F'orce of the Cell H2, H2SO4, Hg2S04, Hg 


in 

AT 25"C 

£ 

k'y X 10»» 

0.0506 

0.7544 

621 

0.505 

0.6960 

283 

1.031 

0.6751 

239 

3.637 

0.6187 

291 

8.204 

0.5506 

761 

14.00 

0.4977 

1757 


Thus each electromotive-force measurement yields a quantity 
which is proportional to the activity coefficient and is here 
represented as These are the values given in the last 

column of Table 8. It is difficult in this case to determine fc' 

* Randall and Cushman, Am. Chem. S(K,, 40, 303 (1918). 
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(which is the same as determining E®) by a process of extrapola¬ 
tion, since it was shown by Lewis and Lacey* and by Horsch® 
that, in solutions as dilute as 0.005 M, the use of the mercurous 
sulfate electrode gives results which arc not in agreement with 
other thermodynamic methods. This is undoubtedly due to 
the fact that at such concentrations the solubility of mercurous 
sulfate cannot be ignored. However, by assuming the value of y 



Fioure 4.—Activity Coefficient of Aqueous Sulfuric Acid at 25®C. 

at one concentration from Table 7, namely, y = 0.397 at 0.05 M, 
we find k' - 1.578 X 10“’ and thus obtain the other values of y 
which we are about to compare with those of Table 7. 

Activity Coefficient from the Vapor Pressure, and Comparison 
of the Three Series. We must also consider another scries of 
values, which we have already obtained in Table XXVI-3, 
namely, the values of ky obtained from the vapor pressure of 
water over aqueous sulfuric acid. Here again, by interpolation 

* Lewis and Lacey, J. Am. Cttem. Soe., 36, 804 (1014). 

‘liorsch, J. Am. Chem. Soe. 41, 1787 (1910). 
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from Table 7, wc find y = 0.238 at 4.88 M. Hence, k = 0.00197, 
and we obtain another series for y. 

The agreement between our three series is shown in Figure 4, 
where we have plotted the values of y obtained by all three 
methods, against the cube root of the molality. This makes 
the most convenient plot for an electrolyte of this type. The 
agreement between the several series is not quite as complete 
as it was in our previous case of sodium chloride, but is, neverthe¬ 
less, an even more powerful confirmation of the adequacy of our 
several methods. For here we are dealing with an exceptionally 
large range of concentrations, and the values of y obtained from 
the freezing points depend chiefly upon the successful employ¬ 
ment of the partial molal heat content and heat capacity. 
To illustrate this point the dotted curve in Figure 4 shows the 
results which would have been obtained if these thermal quan¬ 
tities had been neglected. 

From the plot wc have chosen the final values of y given in 
Table 9. 

Table 9.—Final Values of the Activity Coefficient of Sulfuric 

Acid at 25°C 


m 

y 

m 

y 

O.Ol 

0.617 

2 

0.147 

0.02 

0.519 

3 

0.166 

0.05 

0.397 

4 

0.203 

0.1 

0.313 

5 

0.242 

0.2 

0.244 

10 

0.660 

0.5 

0.178 

15 

1.26 

1 

0 150 

20 

2 22 


Methods of EIvaluating Activity Coefficients when Data 
AT High Dilution are Lacking 

It frequently happens, as we have seen, that a series of data 
permits the calculation of ky, a quantity proportional to the 
activity coefficient, without affording means for any very accu¬ 
rate extrapolation which would give the value of A*. If we have a 
series of ky for some uni-univalent salt, extending down to about 
0,01 M, all of the values having about the same percentage 
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accuracy, the extrapolation can be made with a fair degree of 
precision. For example, we may plot the values of ky against 
the square root of the molality. The curve through the several 
points approaches a straight line at low concentrations, and the 
intercept of this line upon the axis of ky is the value of k. 

Unfortunately in most cases the values of ky are subject to 
greater uncertainty the higher the dilution, and if we should 
give full weight to the experiments in the most dilute solutions, 
the extrapolation would be entirely misleading. Accurate mea¬ 
surements of electromotive force always become increasingly 
difficult at high dilution, and in employing existing data it is 
often necessary to ignore completely results obtained with the 
most dilute solutions. 

Perhaps the best method of treating cases of this kind con¬ 
sists in comparing the data obtained for the given electrolyte 
with the data for some other electrolyte of similar type, which 
has been carefully investigated. Here we need only to assume 
that for salts of a similar type the activity coefficients approach 
one another in some regular manner as the dilution is indefinitely 
increased. In order to illustrate the method we may employ 
the data obtained by Noyes and Maclnnes,^ and their associates, 
for potassium and lithium chlorides, and potassium hydroxide. 

These investigators, using amalgam electrodes of the Lewis and 
Kraus type, exercised the greatest care, by the exclusion of oxy¬ 
gen and otherwise, to avoid the complications which attend the 
use of these highly reactive amalgams. They were thus able to 
obtain an unexpected degree of accuracy and reproducibility. 
Nevertheless it appears to be impossible to prevent side reac¬ 
tions, which are comparatively harmless in concentrated solu¬ 
tions, but which, in the measurements with dilute solutions, 
produce far greater error than the authors supposed. 

In re-examining the activity coefficients given by Noyes and 
Macinnes, we must therefore recognize two sources of uncer¬ 
tainty.^ Their activity coefficients may have to be multiplied 

1 Noyes and Macinnes, J. Am. Chem. Soe., 42, 239 (1920). 

> A third source of uncertainty enters in the piecing together of several overlapping series 
of measurements. This probably causes no difficulty in the case of LiCl and KCl, but may in 
the case of KOH 
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by a constant factor, because of a change in the method of extra¬ 
polation to infinite dilution, and it may be necessary to give less 
weight to the measurements in dilute solution. 

Potassium Chloride. These questions are answered imme¬ 
diately by comparison of potassium chloride with sodium chlo¬ 
ride, for which we have obtained accurate values of the activity 
coefficient. Table 10 contains in the second column the values 
of 7 given by Noyes and Macinnes. The next column gives 
the values of y for sodium chloride furnished by our previous 
tables. The next shows the ratio between the values of the 
second and third columns. Now according to our assumption, 
this ratio should in some regular manner approach constancy 
as the concentration diminishes. 



Figure 6. 

In Figure 5 we have plotted these ratios against and the 
smooth curve which we have drawn is obtained by ignoring the 
points at low concentrations and extrapolating from the points 
at high concentrations. The ordinate at zero concentration by 
this extrapolation is 0.935, and if we divide any other ordinate 
by this value and multiply by the activity coefficient for sodium 
chloride we obtain 7 for KCl >at the corresponding concentra¬ 
tion. The values so obtained are given in the last column 
of Table 10. They differ as a rule by several i^reent from 
the values of Noyes and Macinnes, but are completely 
corroborated by freezing-point measurements as we shall show' 
presently.^ We have treated in a similar manner their results 

iWe might also have used the measurements of Harned iJ. Am. Chem. Soe., 38. 1986 
(1916)), and of Getman (ibid., 42, 1656 (1920)), on concentration cells with liquid junctions 
(with transference). This, however, requires a knowledge of the transference number, which 
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for lithium chloride and the results will be given later in Table 

12 . 


Table 10.—^Activity Coefficient of Potassium Chloride at 25®C from 
Electromotive Force 


m 

7-KCI (N& M) 

7 -NaCl 

iiatio 

7-KCI 

0.001 

0.979 

0.977 

1.002 

0.977 

0.005 

0.923 

0.946 

0.976 

0.946 

0.01 

0.890 

0.922 

0.964 

0.922 

0.03 

0.823 

0.869 

0.947 

0.869 

0.05 

0.790 

0.842 

0.938 

0.841 

0.1 

0.745 

0.798 

0.934 

0^796 

0.2 

0.700 

0.752 

0.931 

0.749 

0.5 

0.638 

0.689 

0.928 

0.682 

1.0 

0.593 

0.650 

0.912 

0.634 


Cadmium Chloride. A very beautiful illustration of the inter¬ 
pretation of the data for one salt, by comparison with those for 
another, is furnished by the case of cadmium chloride, whose 
abnormal behavior puts it in a class by itself. For this salt we 
have the measurements of Horsch^ which, upon examination, 
prove to be more accurate than the author himself claimed. 
He measured the electromotive force of a cell with cadmium 
amalgam and silver-silver chloride electrodes, with various con¬ 
centrations of cadmium chloride. 

Our methods here will be somewhat altered. Knowing that 
cadmium chloride is a peculiar electrolyte, we may nevertheless 
assume, as a first approximation, that in very dilute solutions 
it has the same activity coeflScient as barium chloride. The 
calculations we are about to make will show to what extent this 
assumption is justified. 

Using the same equation as for sulfuric acid (Equation 25), 
we might, from each measurement of E, calculate a value of E° 
on the assumption that y is the same as we have found for barium 
chloride in Table 1. These values, which we may call E°', 

can be meet aoourately determined by these very measurements. It may be noted that if we 
take the ordinarily accepted transference number of KCl the results given in Table 10 are not 
in accord in dilute solution with the measurements of Macinnes and Parker (i&td., 37, 1445 
(1915)) on concentration cells with transference. 

^ Horsch* J. Am. Chem. Soe., 41, 1787 (1919) 
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should be constant and equal to the true if the measurements 
are correct, and if y is really the same for cadmium and barium 
chlorides. The results of this calculation are shown in Table 11. 

Table 11.—Electromotive Force of the Cell, and the Activity 
Coefficient of Cadmium Chloride at 25°C 


m 

7(BaCh) 

E 

E°' 

7(CdCl2) 

0.000103 

0.939 

0.9060 

0.5676 


0.000109 

0.938 

0.9023 

0.5661 


0.000114 

0.937 

0.9011 

0.5665 


6.000127 

0.934 

0.8978 

0.5673 

same 

0.000153 

0.930 

0.8926 

0.5691 

as 

0.000214 

0.923 

0.8803 

0.5705 

BaCh 

0.000336 

0.905 

0.8644 

0.5702 


0.000366 

0.901 

0.8614 

0.5703 


0.0(X>479 

0.894 

0.8520 

0.5690 

0.872 

0.000924 

0.868 

0.8296 

0.5727 

0.809 

0.00258 

0.816 

0.7958 

0.5761 

0.697 

0.00352 

0.796 

0.7864 

0.5777 

0.652 

0.0074 

0.741 

0.7630 

0.5802 

0.568 

0.0995 


0.6996 


0.1:19 

6.62 


0.6220 


0.025 


It is evident that the assumption of equal values of y for the 
two salts is far from correct, except at very high dilution. For¬ 
tunately, the experimental results are of such accuracy that 
WQ find a range of concentration, namely, between 0.000366 and 
0.000153 M in which E°' is nearly constant and we may take 
the true E° as 0.5700. At lower concentrations the experimental 
uncertainty, and the effect of the solubility of silver chloride, 
become too great to make the data useful. 

Haviqg found the value of E° we may now obtain the activity 
coefficients for cadmium chloride by Equation 25. These values 
are given, for the more concentrated solutions, in the last column 
of the table. The great divergence between these values and 
the corresponding ones for barium chloride persists to concen¬ 
trations as dilute as 0.0005 M. We have seen other cases of 
slight disagreement between the activity coefficients of salts of 
the same valence type, but this is evidently a different kind of 
phenomenon. The fact is that cadmium chloride cannot be 
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regarded as a strong electrolyte. It possesses in a lesser degree 
the characteristics of the analogous substance, mercuric chloride, 
which shows almost no ionization. 


Activity Coefficients of Several Typical Electrolytes 

It will be convenient to have before us a table of the activity 
coefficients of a few electrolytes of the several types, which we 
present in Table 12 . The values for several of these electrolytes 
are merely a recapitulation of previous tables.^ 


Table 12.—Activity Coefficients of Typical Electrolytes 


Molality.... 
HCl (25°).... 
LiCl (25°)... 
NaCl (25°).. 
KCl (25°)... 
KOH (25°).. 

KNO3. 

AgNOa. 

KIO3, NalOa 

BaCb. 

CdCb (25°).. 

K 2 SO 4 . 

H2SO4 (25°). 
La(x\03)3.. .. 

MgS04. 

CdS04. 

CUSO4. 


0.01 

0.02 

0.924 

0.894 

0.922 

0.892 

0.922 

0.892 

0.922 

0.892 

0.92 

0.89 

0.916 

0.878 

0.902 

0.857 

0.882 

0.840 

0.716 

0.655 

0.532 

0.44 

0.687 

0.614 

0.617 

0.519 

0.571 

0.491 

0.404 

0.321 

0.404 

0.324 

0.404 

0.320 


0.05 

0.1 

0.860 

0.814 

0.843 

0.804 

0.842 

0.798 

0.840 

0.794 

0.84 

0.80 

0.806 

0.732 

0.783 

0.723 

0.765 

0.692 

0.568 

0.501 

0.30 

0.219 

0.505 

0.421 

0.397 

0.313 

0.391 

0.326 

0.225 

0 166 

0 220 

0.160 

0.216 

0.158 


0.2 0.5 

0.783 0.702 
0.774 0.754 
0.752 0.089 
0.749 0.682 
0.75 0.73 

0.655 0.526 


0.244 0.178 
0.271 
0 119 

0.110 0.067 


1 3 

0.823 1.35 

0.776 1.20 

0.650 0.704 
0.634 
0.75 

0.396 


0.150 0.170 


The values for potassium nitrate and iodate, sodium iodate, 
barium chloride, potassium sulfate, lanthanum nitrate, magne¬ 
sium, cadmium and cupric sulfates, were obtained by Equation 
14, from the freezing point data collected in the paper of Lewis 
and Linhart. They correspond to the values of 7 ' which we 
obtained for sodium chloride. Not having been corrected for the 
heat of dilution, they are strictly valid only in the neighborhood 
of the freezing point. However, at these moderate concentra- 

* Approximate valuea of the activity coefficient of nitric acid, over a wide range of concen* 
trution, are given in Chapter XXXIX, Table 3. 










ACTIVITY OF STWNG ELECTROLYTES 


363 


tions the corrections due to the L and Cp terms are certainly 
small, and, except perhaps for one or two of the most concen¬ 
trated solutions, it seems safe to use the given values as the 
activity coefficients at 25®C. 

A similar calculation for potassium chloride may be compared 
directly with the results of Table 10 . The values found from 
the freezing point data are given in Table 13. It is evident that 
in the dilute solutions the values are practically identical with 
those of the previous table, thus fully corroborating our method of 
employing the data of Noyes and Macinnes, which has been used 
also for lithium chloride and potassium hydroxide. 

Table 13 

m 0.01 0.02 0.05 0.1 0.2 0.5 

y 0.922 0.892 0.839 0.791 0.737 0.660 

In the more concentrated solutions a difference is to be expected 
owing to our neglect of the heat of dilution in Table 13. This 
difference amounts at 0.5 M to a little over 3%. The corre¬ 
sponding difference between 7298 and 7 ' for sodium chlo‘ ide was 
about 1 %. In fact such data as we possess show that the heat 
of dilution is two or three times as great for potassium as for 
sodium chloride. 

We include also approximate values for silver nitrate, since 
it represents an important type of uni-univalent salt. The 
freezing point measurements seem reliable down to about 0.01 M. 
The results at higher dilutions hardly warrant a determination 
of a and jS by the method of Lewis and Linhart, but by taking 
the experimental value at 0.01 M and assuming, as we have done 
before, that a = we find = 0.343, and 7 = 0.902 at 0.01 M. 
The remaining values given below are obtained from Equation 14, 
using the data of Roth^ in the more dilute, and of Raoult^ in the 
more concentrated solutions. 

Table 14.— Aci'ivity Coefficient of Silver Nitrate 
m 0.01 0.02 0.05 O.l 0.2 0.5 10 2.0 5.0 

j 0.0343 0.055 0.080 0.099 0.122 0.199 0.291 0 419 0.630 

7 ' 0.902 0 857 0.783 0.723 0.655 0 526 0.396 0.280 0.141 

» Roth, Z. phuaik . Chem ,, 79. 699 (1912). 

’Raoult, Z. phyaik. Chem., 2, 488 (1888), 



CHAPTER XXVIII 


ACTIVITY COEFFICIENT IN MIXED ELECTRO¬ 
LYTES; THE PRINCIPLE OF THE IONIC 
STRENGTH; THE ACTIVITY OF INDI¬ 
VIDUAL IONS 

The behavior of electrolytes, when two or more are dissolved 
in the same solution, is of both theoretical and practical impor¬ 
tance. The quantitative information which we possess consists 
chiefly in measurements of the solubility of one salt in the 
presence of others. Lately a series of measurements of the elec¬ 
tromotive force of cells, with mixed electrolytes, has furnished a 
still more direct method of studying the free energy and the 
activity in mixed salt solutions. The data obtained in these 
ways permit us to make some interesting and useful generaliza¬ 
tions regarding activity coefficients in mixtures of salts at mod¬ 
erate concentrations. At the higher concentrations we must, in 
this case as in others, have recourse to direct experiment in each 
particular case. 

The activity coefficient of an electrolyte in a mixture may be 
defined in strict conformity with our previous usage. If is 
the (stoichiometrical) molality of the positive ion, and m- that 
of the negative, then in general a+/m^ = 7 + defines the activity 
coefficient of the first ion, and a-/m^ = 7 _, the activity coefficient 
of the second ion. If a molecule of a given electrolyte furnishes 
(stoichiometrically) molecules of the positive ions and 
molecules of the negative ion, where - v, then the 

mean activity coefficient of the ions or, more briefly, the activity 
coefficient of the electrolyte, is defined as 

y = ( 7 + ’•+7- '-y^- = (1) 

m±: 

It will be understood that we are speaking of the gross molality 

364 
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of the ions, quite irrespective (in the case of strong electrolytes) 
of any assumed degree of dissociation, or intermediate ions. 
Thus in a solution containing 0.1 M potassium chloride and 0.1 M 
barium chloride =0.1 for K”*” and also for Ba^"^; while for 
Cl“, m- = 0.3. Thus in this mixture we find for potassium 
chloride, = (0.1 X 0.3)^; while for barium chloride, = 
[0.1 X (0.3)“]^. 

The Activity Coefficient in Mixtures, Calculated from 
Electromotive Force Data 

In the study of the conductivity of strong electrolytes, an 
empirical rule has proved extremely serviceable, namely, that 
in a mixture of electrolytes with a common ion, the value of 
A/A° for each electrolyte depends not upon the amount of that 
electrolyte but only upon the total equivalent concentration. 
When it was realized that A/A° does not measure the thermo¬ 
dynamic degree of dissociation, it became of interest to inquire 
whether any similar rule would apply to the activity coefficients. 

The first experiments in this direction were made by Lewis 
and Sargent,* who measured the potential of a gold electrode in a 
solution of potassium chloride, containing potassium ferro- and 
ferricyanides, in amounts negligible compared with the amount of 
potassium chloride present. Their experiments, in which the 
concentration of the potassium chloride varied from 0.05 to 
0.8 M, and in which the ratio of ferro- to ferricyanide was varied 
several fold, show that within 0.0001 volts their results could 
be interpreted by assuming the degree of dissociation to depend 
solely upon the concentration of potassium chloride. Moreover, 
they obtained the same values when potassium bromide was 
substituted for potassium chloride. 

Identical conclusions were reached by Linhart,^ who studied 
the mercury electrode in a solution of perchloric acid containing 
relatively small amounts of mercurous perchlorate. He found, 
under these conditions, that the thermodynamic degree of dis- 

* Lewis and Sargent, J. Am. Chem. Soe., SI, 355 (1900); see also later work of Schooh and 
Felsing, ibid., 38, 1028 (1016) ; and Linhart, ibid., 39, 615 (1917). 

* Linhart, J. Am. Chem. Soc., 38, 2356 (1016). 
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sociation of the mercurous perchlorate was independent of the 
amount of that salt and varied only with the total concentration 
of electrolyte. 

Similar results have been obtained with hydrochloric acid in 
the presence of other chlorides. The work of Loomis and Acree/ 
and the early work of Harned,^ on cells with mixed electrolytes, 
involved liquid junctions between different electrolytes. There¬ 
fore these cells are not so well adapted to simple thermodynamic 
treatment as those we are about to discuss. The second paper 
by Earned^ contained measurements of a cell with hydrogen 
and calomel electrodes, and 0.1 M hydrochloric acid, with the 
addition of various amounts of potassium chloride to the elec¬ 
trolyte; and more recently cells of this type have been studied by 
several authors. 

Loomis, Essex and Meacham^ investigated such a cell in which 
the concentrations of hydrogen chloride and potassium chloride 
were varied in such a way that the total molality was kept at 
0.1 M. Their purpose was to see whether the electromotive 
force of the cell could be calculated upon the assumption that 
the degree of dissociation, or the activity coefficient, of the 
hydrochloric acid is independent of the relative amounts of the 
two electrolytes, when the total concentration of the electrolyte 
is fixed. They found in fact what appeared to be a slight 
departure from this principle in the direction of a greater activity 
coefficient in the solutions containing larger percentages of 
hydrogen chloride. 

Later measurements of a similar cell by Ming Chow^ do not 
show any variation in the activity coefficient with varying 
percentages of the two electrolytes; and in dilute solutions the 
same conclusion would be drawn from Harned^s® latest very 
comprehensive investigation of this cell in which the HCl is 
kept at 0.1 M; in the presence of KCl, NaCl and LiCl, ranging 
from zero to several molal. 

^ Loomis and Acree, Am. Chem. 46, 632 (1911). 

2 Harned, J. Am. Chem. Soc., 37, 2460 (1915). 

> Harned, J. Am. Chem. Soe., 38, 1986 (1916). 

* Ix>omiB, Essex and Meacham, J. Am. Chem. Soe., 39, 1133 (1917). 

> Mime Chow. J. Am. Chem. Soe., 42. 488 (1920). 

* Harned. J. Am. Chem. Soe., 42. 1808 (1920). 
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The electromotive force of his cell is given by the equation 

E = E° - In (a+a_) = E° - In ( 2 ) 

where a+ is the activity of H^, a- is the activity of Cl", and 
is their geometrical mean. Thus calculating from his measure¬ 
ments the values of and also calculating from his given 
concentrations, we have obtained values of 7 at various concen¬ 
trations of each of the added salts. These we have interpolated 
to round concentrations and the results are given in Table 1 . 

Table 1.— The Activity Coefficient of HCl (0.1 M) in the Presence 
OF Other Chlorides 



y 

y 

y 

y 

Total m 

Pure HCl 

HCl in LiCl 

HCl in NaCl 

HCl in KCl 

0.1 

O.Sl 

0.81 

0.81 

0.81 

0.2 

0.78 

0.78 

0.78 

0.78 

0.5 

0.76 

0.78 

0.76 

0.75 

1.0 

0.82 

0.86 

0.80 

0.75 

2.0 

1.02 

1.09 

0.94 

0.84 

3.0 

1.35 

1.47 

1.17 

0.97 

4.0 

1.84 

2.02 

1.47 

1.17 


The first column shows the total molality, MeCl and HCl, the 
latter always being 0.1 M; the second column reproduces from 
Table XXVI-4 the activity coefficient of pure aqueous HCl, and 
the remaining columns show the activity coefficient of HCl in 
the presence of the three chlorides. 

It appears from these results that the behavior in concentrated 
solutions cannot be quantitatively predicted from any simple 
rule. The activity coefficient of the hydrochloric acid depends 
upon the specific nature of the added chloride. It seems to be 
smaller in the presence of a salt whose own activity coefficient 
in the pure state is small (cf. Table XXVII-12), but this can 
hardly be universally true, for we observe that 7 is higher in the 
presence of lithium chloride than in the pure acid, although the 
activity coefficient of lithium chloride itself is lower than that 
of pure hydrochloric acid. 

When we confine our attention to the dilute solutions we see 
that in the presence of NaCl up to 0.5 M, and in the presence of 
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the other chlorides to at le^t 0.2 M, the activity coefficient is 
the same as in pure HCl. 

Without doubt, nearly identical values of 7 would have been 
obtained by Harned at the same total concentrations if he had 
used throughout a smaller concentration of hydrochloric acid. 
In so far, therefore, as these various measurements go, they 
support the general rule, for which, moreover, we shall find 
abundant evidence from another source: in any dilute solution 
of a mixture of strong electrolyteSj of the same valence type^ the 
activity coefficient of each electrolyte depends solely upon the total 
concentration. Such a statement, however, cannot be regarded 
as anything more than a limiting law which approaches com¬ 
plete accuracy only at infinite dilution. 

It is unfortunate that the measurements which we have here 
discussed have not been extended to include cases where the 
added salt is of a different valence type like BaCU or MgS 04 
or La 2 (S 04 ) 3 . We shall show bow this deficiency is made up by 
a different kind of experiment, which will permit a wider gen¬ 
eralization. From that generalization it should be possible to 
predict in advance the electromotive force of such cells. We 
shall therefore turn presently to the evidence which is furnished 
by the solubility of salts in the presence of one another. 

An Objection by Bronsted. Since this chapter was written Professor 
Bronsted has kindly sent to us a personal communication, in which he raises 
objections to the rule for the activity coefficients in mixed electrolytes 
which we have stated above. In the first place he believes that his new 
experimental data are in conflict with this rule; but since his experiments 
have dealt with solutions which were not very dilute, and have involved 
valence types in which we should expect the earliest departure from any 
simple rule for dilute solutions, they do not bear evidence against the limiting 
law which we have stated and which can be strictly accurate only at infinite 
dilution. 

Bronsted also raises a theoretical objection to this rule which is somewhat 
as follows. Let us consider a solution containing a mixture of HCl and 
NaCl, the total molality being kept constant, let us say at O.IM. Then if 
we pass gradually from the pure solution of NaCl at 0. IM to the pure solution 
of HCl at O.IM, we may employ a formula analogous to Equation XXII-19. 
Thus if a I is the activity of the water, if m 2 is the stoichiometrical molality of 
NaCl, and ai its activity, while mi and a$ refer similarly to HCl, we may write 



MIXED ELECTROLYTES; THE IONIC STRENGTH 369 


^ 56.51 d\n ai -f- In a* 4- J^rnzd In a* * 0. (3) 

Further, writing ** O.lma, aa^ « rna± 72 , etc., and remembering 

that ma + ms is kept constant. Equation 3 reduces to 

55.51 d In ai + J* 2mid In 72 4- 2 m 3 d In 73 =* 0. (4) 

If, however, according to the rule, 72 and 73 both remain constant as long 
as the total molality is tenth-molal, the activity of the water must remain 
constant, and therefore must be the same in 0.1 M NaCl as in 0.1 M HCI, 
but this is contrary to fact. 

The answer to this interesting argument is again that the rule does not 
require that 72 and 73 should be absolutely constant except at infinite dilu¬ 
tion, although it implies a rapid approach to this condition as the concentra¬ 
tion approaches zero. It would not be fair, however, to leave the matter 
at this point. Bronsted’s suggestion furnishes a valuable aid in the utiliza¬ 
tion of experimental data concerning mixed electrolytes, and we have 
attempted to apply it to the meagre data which are at present available. 
Without entering upon the details of our calculations, they seem to indicate 
that the activity coefficient of hydrochloric acid in the presence of other 
chlorides cannot be so nearly constant as it appears to be in the first few 
rows of Table 1, which is based on Harned's data. In other words, these cal¬ 
culations speak in favor of the conclusions of Loomis, Essex and Meacham 
rather than of those obtained by Harned and by Ming Chow, 

After accepting any such limiting law as the one we are now considering, 
it remains to determine experimentally the degree of departure from the 
law at any finite concentration, just as we determine the degree of departure 
of actual gases from the law of the perfect gas. But having determined these 
departures for a number of substances of different types, it will usually be 
possible to estimate the degree of departure for a new substance. Indeed, 
on the basis of evidence which we have offered and are to offer in this chapter, 
the direction of the departure from the simple rule for the activity coefficient 
of mixed electrolytes may ordinarily be predicted. In almost every case 
we find that the departure from the simple law is in such direction that the 
activity coefficient of a given electrolyte is greater in the presence of another 
electrolyte which itself has a higher activity coefficient. 

The Activity Coefficient in Mixed Electrolytes, from 
Solubility Measurements^ 

When, at a given temperature, a solid salt is in equilibrium 
with a solution, the activity of that salt in the solution is fixed. 

1 The experimental development of this subject, especially in the field of dilute solution* 
is due in large measure to the work of A. A* Noyes and his collaborators, beginning with an 
early paper by Noyes (Z. phynk. Chern,, 6. 241 (1890)), and culminating in an exhaustive 
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It cannot be changed by any change in the nature of the solu¬ 
tion, such as would be produced by the addition of other electro¬ 
lytes. Thus for the salt whose solid phase is present, the value 
of 02 and also of o± is constant. 

Since by Equation 1 the activity coefficient is defined as 
7 = a±/m±, we see that whatever happens (isotherrnally) to the 
solution, the activity coefficient of the salt in question must 
remain inversely proportional to the mean molality of its ions. 
This principle will be of the greatest service in determining the 
activity coefficient in mixtures, and in some cases we shall see 
that it furnishes a very accurate means of obtaining the activity 
coefficients of pure salts as well. 

Uni-univalent Salts. In order first to illustrate the method in 
the simplest case, let us consider the solubility of a uni-univalent 
salt in the presence of another uni-univalent salt with no common 
ions. We shall consider the solubility of thallous chloride in the 
presence of potassium nitrate, as given in the second column of 
Table 2, which we take directly from the work of Bray and 
Winninghoff.^ 

In the simple case where we have no common ion, is equal 
to the solubility, and the activity coefficient is proportional to 
1 /m^. If then we plot the reciprocal of the solubility against the 
total molality of the solution, or, better, against the square root 
of the total molality, as we have done* in Figure 1, we may find 
the proportionality factor by a simple extrapolation. The points 
for potassium nitrate are represented in the figure by circles 
which lie on a curve which is rapidly approaching a straight 

experimental and critical study by Noyes, Bray, Harkins, and their assistants, appearing mainly 
inJ. Am. Chem. Soc., 33 (1911). Very recently, Bronsted {J. Am. Chem. Soe., 42, 761 (1920)) 
has published a brilliant paper on the interpretation of solubility measurements, in which he 
mentions extensive investigations of the influence of one salt upon the solubility of another, 
the greater part of which has not yet been published. His theoretical treatment of this subject 
is of the utmost interest, and he has shown for the first time how cases with and without a 
common ion may be treated by identical thermodynamic methods. We are unable here to 
follow his methods in detail, since he bases his work upon an empirical rule, which is inconsistent 
with the facts that we have deduced. (It is equivalent to making a — Vi in Equation XXVII-4, 
for all types of electrolytes.) 

* Bray and Winninghoff, J. Am. Chem. Soe., 33, 1663 (1911). It will be noted that the unit 
in this table is the equivalent and not the mol. Moreover, in this and in some subsequent tables 
the values given are expressed in amount per liter and not in amount per 1000 g. of watet. 
We have not taken the trouble to recalculate since we are interested primarily in the dilute 
solutions, where the two methods of expressing the composition are essentially identical. 

2 We will later find the total molality and the “ionic strength” identical in this cose* 
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Tabls 2.— Solubility of Thallous Chlokide at 25°C in the Presence 

OF Other Salts 


Added salt, 


equivalents 

KNO 3 

KCl 

HCl 

TINO 3 

BaCh 

TI 2 SO 4 

K 2 SO 4 

per liter 








0 

0.01607 

0.01607 

0.01607 

0.01607 

0.01607 

0.01607 

0.01607 

0.020 

0.01716 





0.01034 

0,01779 

0.025 


0.00869 

0.00866 

0.00880 

0.00898 



0.050 

0.01826 

0.00590 

0.00583 

0.00624 

0.00618 

0.00677 

0.01942 

0.100 

0.01961 

0.00396 

0.00383 

0.00422 

0.00416 

0.00468 

0.02137 

0.200 


0.00268 

0.00253 


0.00282 



0.300 

0.02313 






0.02600 

1.000 

0.03072 






0.03416 



Fioure 1.—^Solubility of Thallous Chloride. 


line. This tangent line, which \ve have obtained not alone from 
the measurements upon potassium nitrate, but also from the 
measurements in the other salts, cuts the axis of zero concentra¬ 
tion' at 1/m^ = 70.3. If, therefore, we divide any of our values 
of l/m± by this number, we obtain at once the activity coeffi¬ 
cient of thallous chloride in the corresponding solution. This 
method of calculation and extrapolation gives at once absolute 
values of the activity coefficient. The results rival in accuracy 
those of the best instances which we have chosen for the corre- 

^ This method of extrapolating solubility data to obtain ion activities is equivalent to the 
one used by Lewis in h» paper. ‘‘The Activity of the Ions,” J. Am. Chem. Soc., 34, 1631 (1912). 
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Spending calculation from electromotive force and freezing point 
data. 

Before giving the figures so obtained we may illustrate the 
treatment of the case where a common ion is present. Let us 
consider the solubility of thallous chloride in the presence of 
potassium chloride. We find, for example, that when m = 0.050 
for KCl, m = 0.00590 for TlCl. Thus m+ = 0.00590, m_ = 
0.050 + 0.00590 = 0.05590, and = (0.00590 X 0.05590)^ = 
0.0181. Operating similarly at the other concentrations, we 
obtain the points indicated by squares in the figure. These 
points approach more rapidly than those of the previous case 
to the same straight line, which cuts the axis of zero concentra¬ 
tion at 70.3. Our example thus shows that in the mixture of 
total molality, 0.0559, the activity coefficient of TlCl is 
1/(0.0181 X 70.3) = 0.784. 

Proceeding similarly with the data for the solubility in hydro¬ 
chloric acid and in thallous nitrate, we find other curves ‘ which 
differ slightly from those for potassium chloride and nitrate at 
higher concentrations, but up to several hundredths rnolal the 
curves are all identical and lead to the same extrapolated values 
of 1/m^j namely, 70.3. By reading the values of 1/m^ from the 
various curves, at round total molalities, and dividing by 70.3, 
we obtain the activity coefficient of thallous chloride, in the 
various mixtures, as given in Table 3. 

Table 3.—Activity Coefficient of Thallous Chloride at 25°C 


Total m 

In KNOs 

In KCl 

In HCl 

In TINO3 

0.001 

0.970 

0.970 

0.970 

0.970 

0.002 

0.962 

0.962 

0.962 

0.962 

0.005 

0.950 

0.950 

0.950 

0.950 

0.01 

0.909 

0.909 

0.909 

0.909 

0.02 

0.872 

0.871 

0.871 

0.869 

0.05 

0.809 

0.797 

0.798 

0.784 

0.1 

0.742 

0.715 

0.718 

0.686 

0.2 

0.676 

0.613 

0.630 

0.546 


Up to a concentration of about 0.02 M the rule stated in the 

^ The curves are drawn on so large a scale as to exaggerate greatly their differences. The 
maximum difference at 0.05 M is only 1 %. 
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preceding section is completely corroborated, and we need not 
hesitate to assume that in the dilute solutions the values of 7 
given in the table represent also the activity coefficients of pure 
thallous chloride. Thus we may predict that if we could obtain 
a supersaturated solution of this salt at 0.02 M its activity 
coefficient would be found to be 0.871. At values below satura- 
tion (0.016 M) the values given in the table could be readily 
checked either by the electromotive force or by the freezing 
point method. 

By comparing Table 3 with Tables XXVII -1 and XXVII- 12 , 
we see that the activity coefficient of thallous chloride is dis¬ 
tinctly below that of sodium or potassium chloride, which again 
corroborates a rule which we have mentioned before, and which 
was first observed in a study of the corrected degree of dissocia¬ 
tion, obtained by a combination of conductivity and trans¬ 
ference data. 

Mixtures Containing Two or More Valence Types; The Ionic 
Strength. The remaining cases in Table 2 involve mixtures of 
thallous chloride with uni-bivalent salts. Hence we are now 
forced to consider activity coefficients in mixtures of different 
valence types. We might guess the activity coefficient of a 
given electrolyte to depend simply upon the total luolal concen¬ 
tration of electrolytes, or to depend upon the total equivalent 
concentration (which would be assuming that one molecule of a 
bivalent ion has the effect of two molecules of a univalent ion). 
Neither of these two guesses is correct, although, the latter comes 
nearer the truth than the former. 

In attempting to solve this problem we have brought to light 
what appears to be a remarkably simple and precise generaliza¬ 
tion,* which wo shall find to be in exact agreement with all of the 
experimental results which are at present available. Before 
stating this new principle, let us introduce a new term, the 
ionic strength. 

In any solution of strong electrolytes let us multiply the 
stoichiometrical molality of each ion by the square of its valence 
for charge). The sum of these quantities, divided by two (since 

^ Lewis and Randall, J. .4m. Chem. Soc.^ 43, 1112 (1921). 



374 


THERMODYNAMICS 


Chap. XXVIII 


we have included both positive and negative ions), we call the 
ionic strength, and designate by /x- Thus in pure solutions of 
potassium chloride, magnesium sulfate and barium chloride, all 
at 0.01 M, we have, respectively, /x = 0.01, /x = 0.04, and /x = 
[(4 X 0.01) + 0.02]/2 = 0.03. Wc may now state our general 
principle: In dilute solutions, the activity coeffleient of a given 
strong electrolyte is the same in all solutions of the same ionic 
strength. 

In a solution which is 0.01 M in K 2 SO 4 the solubility of TlCl 
is 0.01779. We take half the sum of 0.01779 for T1+, 0.01779 for 



Figure 2. —Solubility of Barium lodate. 


Cl~, 0.02000 for K+, and 4 X 0.01000 for SO. , hence n = 
0.04779. Obtaining by this procedure the other values for 
K 2 S 04 , TI 2 SO 4 and BaCU, given in Table 2 , we plot, also in 
Figure 1, l/w± against the square root of the ionic strength, 

We see that all the series give curves which coincide, in dilute 
solutions, with one another, and with the curves obtained with 
the uni-univalent salts. As a further check it would be desira¬ 
ble to have measurements of the solubility of thallous chloride 
in salts like magnesium sulfate and lanthanum sulfate. 

The Solubility of Uni-bivalent Salts.— We may next test the 
principle of the ionic strength by a study of the influence of 
other salts upon the solubility of a uni-bivalent salt. Here we 
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shall utilize the data of Harkins and Winninghoff^ on the solu¬ 
bility of barium iodate in the presence of barium nitrate, and 
of potassium nitrate (represented, respectively, in Figure 2 by 
circles and squares). Their results, together with the calculated 
values of l/m^ and of /x, the ionic strength, are shown in Table 4 . 

These values of 1 /mj.are plotted against the cube root of the 
ionic strength in Figure 2 . Our rule for mixtures evidently 
holds with great precision. For practically all of the range 
shown in the figure the two series fall on the same curve, which 
moreover proves to be a straight line. 


Table 4.—Solubility of Barium Iodate in Barium Nitrate and in 
Potassium Nitrate 


m Ba(NOa)f 

m Ba(IOa)i 

l/m± 


m KNOa 

m Ba(IOa)2 

i/m± 


0 

0.000790 

797 

0.00237 





0.0005 

0.000681 

770 

0.00354 

0.002 

0.000812 

776 

0.00444 

0.001 

0.000606 

751 

0.00482 

0.01 

0.000913 

690 

0.01274 

0.0025 

0.000488 

706 

0.00896 

0.05 

0.001320 

477 

0.0528 

0.01 

0.000337 

597 

0.0310 

0.2 

0.001595 

395 

0.2098 

0.025 

0.000307 

472 

0.0759 





0.05 

0.000283 

396 

0.1508 





0.1 

0.000279 

317 

0.3009 






Throughout the range of concentration shown in Figure 2 we 
may certainly assume that the value of 7 is the same at a given 
ionic strength as it would be for pure barium iodate. It can be 
found from the figure if we divide the ordinate at any concentra¬ 
tion by the limiting ordinate. Owing to the accuracy of the 
results, and especially to the insolubility of barium iodate, 
which renders necessary only a small extrapolation, we may 

Table 5.—Activity Coefficients of Barium Iodate and Barium 
Chloride, at 25°C 


in 

Ba(IOa)2 

BaCl2 

0.001 

0.834 

0.865 

0.002 

0.790 

0.830 

0.005 

0,714 

0.771 

0.01 

0.639 

0.716 

0.02 

0.549 

0.655 


> Harkins and Winninghoflf, J. Am. Chem, Soc., S3, 1827 (1911). 
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obtain the activity coefficients of barium iodate with much cer¬ 
tainty. In Table 6, values of y so obtained arc given at round 
values of the molality, and compared with those of barium 
chloride (Tables XXVII-l and XXVII-12). In accordance with 
the observation that we have previously made, it is seen that 
in this case also the activity coefficient of a salt of an oxygen 
acid is less than that of the corresponding halide. 

Bi-bivalent Salts. In the study of salts with two bivalent 
ions we have little to add to our previous theoretical treatment, 
but we have material for a still more severe test of our rule that 
the activity coefficient of any electrolyte varies only with the 
total ionic strength of the solution. 

Let us use for study the data of Harkins and Paine^ on the 
solubility of CaS 04 in the presence of MgS 04 , CUSO 4 and KNO 3 . 
The solubilities are given in the second column of Table 6, the 
first column showing the molality of the other salt which is 
added. The third column gives the reciprocal of the mean 
molality, and it will be noted that in the case of added potas¬ 
sium nitrate is simply the solubilit}' of CaS 04 , while in the case 


Table 6 .- 

—Solubility of 

Calcium Sulfate in 
Salts at 25®C 

THE Presence 

OF Other 

Added 

salt 

m 

CaS04 

l/m± 


T(MgS04) 

1/»W± 

7(MgS64) 

None 

MgS04 

0.01535 

05.15 

0.0614 

0.358 

182 

0.00502 

0.01441 

59.77 

0.0777 

0.327 

183 

0.01012 

0.01362 

55.59 

0.0950 

0.305 

183 

0.01528 

CuS04 

0.01310 

51.92 

0.1135 

0.286 

181 

0.01254 

0.01360 

53.08 

0.1046 

0.298 

179 

0.05010 

0.01239 

35.97 

0.250 

0.200 

180 

0.1010 

0.01242 

26.67 

0.454 

0.162 

166 

0.2120 

0.9771 

KNO, 

0.01329 

0.01654 

12.92 

7.81 

0.901 

3.974 

0.113 

114 

0.02766 

0.01812 

55.19 

0.1001 

0.300 

184 

0.05293 

0.02019 

49.53 

0.1237 

0.277 

179 

0.1038 

0.02130 

46.95 

0.1890 

0.231 

204 


* Harkins and Paine, J. Am, Chem. Soe., 41, 1156 (1910). 
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of the other two salts it is the geometrical mean of the total 
calcium and total sulfate. The fourth column gives the ionic 
strength, /i. 

We already have activity coefficients for a substance very 
similar to calcium sulfate, namely, magnesium sulfate. The best 
way, therefore, to determine the proportionality factor, which 
converts the values of 1 /m^ into values of 7 , would be to divide 
each value of 1 /m^ by 7 for magnesium sulfate at the same ionic 
strength, and then to find the limiting value of this ratio at zero 
concentration (zero ionic strength). This is essentially the 
method which we have illustrated before, in determining the 
activity coefficients of potassium chloride. We have, in Tables 
XXVII -1 and XXVII- 12 , 7 for MgS 04 at several values of the 
ionic strength (which is four times the molality). By inter¬ 
polating we have thus obtained the values of 7 (magnesium sul¬ 
fate) in the fifth column, corresponding to the values of /x in our 
table. The ratios which we have just mentioned are given in the 
last column. 

The results are very striking. Evidently, within the limits of 
experimental error, the activity coefficient of calcium sulfate is 
identical with that of magnesium sulfate up to an ionic strength 
of over 0 . 1 . Taking the limiting value of the ratio as 182, we 
find for calcium sulfate, in molal copper sulfate (m = 4), 7 = 
7.81/182 = 0.043. 

It may be that these results do not show superficially what an 
extraordinary confirmation of our rule is furnished by these fig¬ 
ures. Supposing that w^e had measurements of the solubility of 
calcium sulfate in the presence of magnesium or copper sulfate, 
and were obliged to estimate from these values its solubility in 
the presence of 0.05 M potassium nitrate. Reversing our pre¬ 
vious procedure (and using the method of approximations) we 
should calculate a value within 1 % of that actually found, or 
within the limits of experimental error. On the other hand, if 
we made a similar calculation, assuming that it is not the ionic 
strength, but the equivalent concentration, which determines the 
activity coefficient, we should make an error of over 20%. Or 
if we should assume neither of these, but rather the molal con- 
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centration, to be the governing factor, our error would prove to 
be over 50%. 

XJni-trivalent Salts. It is evident that our rule for activity 
coefficients in mixtures will be given a very severe test in systems 
involving trivalent ions, for here, according to our rule, a certain 
concentration of trivalent ion is nine times as effective as a 
univalent ion at the same molal concentration. It is regrettable 
that no one has studied the influence of salts containing poly¬ 
valent ions upon the activity coefficients of uni-univalent 
electrolytes, although this could readily be done, either by adding 
a lanthanum salt to the hydrochloric acid in the cell with hydrogen 
and calomel electrodes, or by measuring the solubility of thallous 
chloride in the presence of such a salt. On the other hand, 
Harkins and Pearce^ have measured the solubility of lanthanum 
iodate in the presence of lanthanum nitrate, lanthanum arhmo- 
nium nitrate, and sodium nitrate. Unfortunately an error seems 
to have slipped into the first two of these series, the source of 
which we are unable to discover, but the series with sodium 
nitrate furnishes an excellent opportunity of testing our rule of 
mixtures. 

Table 7.—Solubility and Activity Coefficient of Lanthanum Iodate 
IN Solutions of Sodium Nitrate at 25°C 


NaNOa 

La(I03)3 

l/m± 


7-La(N03)3 


7-La(I03)i 


7-La(N03)3 

0 

0.00103 

426 

0.00618 

0.809 

527 

0.809 

0.001 

0.001043 

421 

0.00726 

0.796 

529 

0.79(5 

0.002 

0.001056 

415 

0.00834 

0.784 

529 

0.784 

0.010 

0.001150 

382 

0.0169 

0.720 

529 

0.720 

0.025 

0.001309 

335 

0.0329 

0.645 

520 

0.633 

0.050 

0.001492 

294 

0.0589 

0.570 

517 

0.556 

0.100 

0.001748 

251 

0.1105 

0.505 

497 

0.475 


Once more, in Table 7, together with the molality of added 
salt and the solubility of lanthanum iodate, we give the values 
of 1/m^ calculated therefrom. Lanthanum iodate and nitrate 
should closely resemble each other. We have already obtained 
values of y for the nitrate, and from these we have interpolated 

> Harkins and Pearce. J. Am. Chem. Soe., 38. 2679 (1916). 
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the figures corresponding to the several values of m (where, for 
pure lanthanum nitrate, m = 6 m). Dividing l/m± by y of 
lanthanum nitrate, we obtain the figures in the next to the last 
column, which afford once more a remarkable confirmation of 
our rule, and show that for values of m up to about 0.02, the 
activity coefficient of lanthanum iodate is the same as that 
given by Lewis and Linhart for lanthanum nitrate, the average 
deviation being hardly 0.1%.^ In order to show the deviation 
at higher concentration we have given in the last column of 
Table 7 the activity coefficient of lanthanum iodate in the mixture, 
obtained by dividing each value of 1/m^ by 529. 

The Activity Coefficients of Individual Ions 

In developing our equations we have made use of the activity 
coefficient of the separate ions, and we have shown that, for a 
salt like potassium chloride, the activity coefficient is the geo¬ 
metrical mean of the activity coefficients, 7 + of potassium ion, and 
7 -. of chloride ion. It remains for us to consider whetner these 
separate values can be experimentally determined. This is a 
problem of much difficulty, and indeed we are far from any com¬ 
plete solution at the present time. 

At infinite dilution the activity coefficient is the same for all 
ions, and equal to unity. As the concentration increases, we 
might expect that the activity coefficients of two ions of similar 
type would remain approximately the same, up to moderately 
concentrated solutions. We have,seen in the preceding section 
that, in dilute solutions, the mean activity coefficient of an 
electrolyte is independent of the particular ions present in the 
solution, and this would hardly be true if it were not true also 
of the activity coefficients of the individual ions. 

Maclnnes^ has assumed that in two univalent salts with a 
common ion, and at the same concentration, the common ion 
has the same activity coefficient in both. This assumption, 

* From considerations which we are about to give, we should expect the values for the 
iodate to be slightly smaller than those for the nitrate, even at 0.01 M. The above data hardly 
suffice to warrant any exact conclusion in this regard. 

* Macinnes, J. Am. Chem. Soe., 41, 1086 (1919). 
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which should be confined to dilute solutions, will be seen to be a 
corollary of a much wider generalization, which the consideration 
of the preceding sections now permits us to make; a generalization 
which will give us a very novel idea of the activities of the separate 
ions in salts of a mixed valence type. 

Hypothesis of the Independent Activity Coefficients of the 
Ions. In studying the mean activity coefficients of the ions of 
numerous electrolytes it has been seen how advantageous it is to 
employ the quantity which we have called the ionic strength; 
and the conclusion was reached that, except in rather concen¬ 
trated solutions, the activity coefficient of a certain electrolyte is 
independent of the particular character of any other strong 
electrolytes which may be present, but depends solely upon the 
total ionic strength. Now, unless some peculiar compensation 
operates, this could hardly be true in general if it were not true 
of the individual activity coefficients of the several ions, and we 
are thus led to the following simple hypothesis: In dilute 
solution^ the activity coefficient of any ion depends solely upon 
the total ionic strength of the solution. 

Accepting this hypothesis, it is possible to calculate the activity 
coefficient of a salt when the activity coefficients of other salts 
are known. For example, let us consider KCl, KIO3, BaCU and 
Ba(I 08 ) 2 , each at an ionic strength of 0.01; in other words, we 
will consider the first pair at 0.01 M and the second pair at 
0.0033 M. From Table XXVII-1 (interpolating in the case of 
barium chloride), we find 7 kci = 0.922, y^iOi = 0.882, and 
7 BaCi 2 == 0.800. Let us calculate from these the value of 7 for 
barium iodate. Writing 7kci = TK+7cr; Tfiaci, = 7Ba++la“» 
and so on, and taking the activity coefficient for each ion as the 
same in whichever salt it appears, we obtain by simple algebra 

7kci \ ^ I 7Bttci2 

7kI 03 / \7Ba(I03)2 

1 When we uae tlie rather vague phrase **dilute solution” in a case like this, we mean that 
the principle as stated approaches complete validity as the dilution is indefinitely increased. 
It becomes then a matter of experiment to determine to what conoentrations such a principle 
may be regarded as valid within certain limits of permissible error, say 1 %. With such inter¬ 
pretation it is our belief that this hypothesis is correct over the same range as our previous rule 
of mixtures, namely, up to an ionic strength of a few hundredths to a few tenths, according to 
the nature of the ions. The degree of departure in concentrated solutions doubtless depends 
upon numerous factors, such as the amount of hydration of the ion. 
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and substituting the above values we find 7 Ba(i 03)2 “ 0.754, 
while by interpolating the experimental values of Table 6 we 
find 0.746. The agreement is well within the limits of error. 

Unfortunately, the number of such checks which are at present 
available is small, and our principle must therefore be regarded 
rather as a prediction than as a summing up of accurate data now 
existing. We feel confident, however, that this hypothesis will 
be verified by further exact experimentation, and that even now 
we are safe to employ it, sometimes in preference to experimental 
data if these are of a low grade of accuracy. 

Numerical Values of Ion Activity CoeflBicients. It is evident 
that if we ascertain, or if we arbitrarily assume, the individual 
activity coefficient of some one ion, at a given value of the ionic 
strength, we can then proceed to determine the values for other 
ions. Thus, at a given value of /i, if we had given the activity 
coefficient of sodium ion, we could combine this with the known 
activity coefficient of sodium chloride to obtain the value for 
chloride ion. Using then the known value for barium chloride, 
we could obtain that of barium ion, and so on. Macinncs has 
suggested that at each concentration the two ions of potassium 
chloride, ^^which have nearly the same weight and mobility/^ 
be considered to have equal activity coefficients. This conven¬ 
tion which, at least in the concentrated solutions, must be 
regarded as purely arbitrary, we may adopt as well as any other 
for the sake of obtaining a table of individual activity coefficients 
for the ions. 

Thus when fi = 0.01 we take, both for and Cl“, y = 0.922 
from Table XXVII- 1 . From the same table tkios = 0.882, 
whence for IO 3 -, 7 = (0.882)V0.922 = 0.845. Tor BaCU, 
when /X = 0.01 or m = 0.0033, 7 is 0.800. Whence, for Ba"^+, 
7 = (0.800)V'(0.922)- = 0.602. Hence the activities in the 
solution at this concentration are, for Ba+^, a+ = 0.00333 X 
0.602 = 0.00201, and for Cl” a. = 0.00333 X 2 X 0.922 - 
0.00614. Obviously this is a very radical departure from the 
idea that the concentration, and hence approximately the 
activity, is half as great for the barium as for the chloride ion. 

By the method that we have just sketched, and by means of 
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the previous tables, the values of Table 8 have been obtained.^ 
These values may be interpolated at intermediate concentrations, 
and thus we find for MgS 04 at 0.01 M, where ^ == 0.04, 7 + = 
0.44, and 7 - = 0.38, whence 7 = 0.41. This is to be compared 
with the value 0.40, which we obtained from experimental 
measurements. The agreement is better than we should expect, 
considering the uncertainty of some of the experimental data. 

Table 8.—^Activity Coefficients of Individual Ions at Various 
Values op the Ionic Strength 



0.001 

0.002 

0.005 

0.01 

0.02 

0.05 

0 1 


0.98 

0.97 

0.95 

0.92 

0 90 

0.88 

0.84 

OH- 

0.98 

0.97 

0.95 

0.92 

0.89 

0.85 

0 81 

C1-, Br-, I- 

0.98 

0.97 

0.95 

0.92 

0.89 

0.84 

0.79 

Li+ 

0.98 

0 97 

0.95 

0.92 

0.89 

0.85 

0.81 

Na+ 

0.98 

0 97 

0.95 

0.92 

0.89 

0.84 

0.80 

K+ Rb+, Cs+ 

0.98 

0 97 

0.95 

0.92 

0.89 

0.84 

0.79 

Ag+ 

0.97 

0.96 

0.93 

0.90 

0.85 

0.80 

0.77 

T1+ 

0.97 

0.96 

0.93 

0 90 

0.85 

0.75 

0.64 

NOr 

0.97 

0.96 

0.94 

0.91 

0.87 

0.77 

0.68 

ClOs-, BrOs-, IO 3 - 

0.95 

0.93 

0.89 

0.85 

0.79 

0.70 

0.61 


0.78 

0.74 

0.66 

0 60 

0.53 

0.43 

0.34 

SO 4 — 

0.77 

0 71 

0.63 

0.56 

0.47 

0.35 

0.26 

La+++ Fe(CN)r"’ 

0.73 

0.66 

0.55 

0.47 

0.37 

0.28 

0.21 


This table is prepared from fragmentary data and will need 
revision when more data are available. 

The Possible Determination of Ion Activity Coefficients with¬ 
out any Arbitrary Assumption. Although the development, as 
far as we have carried it, suffices for all ordinary thermodynamic 
calculations, it would be of much theoretical interest if we could 
determine the actual activity of an ion in a solution of any con¬ 
centration. This indeed might be accomplished if we had any 
general method of calculating the potential at a liquid junction. 
Such an attempt to estimate individual ion activities even in 
very concentrated solutions has been made by Harned,^ but he 
was obliged to make certain assumptions regarding the elimina¬ 
tion of liquid potentials which may be very far from valid. 

> Under Me++ we include Mg++, Ca^. Sr++, Cu^, Zn++, Cd++, except that for Cd'^ 
the value is not to be used for obtaining the activity coefficient of a halide. 

* Hamed, J, Am. Chem. Soc., 42, 1808 (1920). 
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Supposing that we consider the cell, H*, dil. HCl, cone. HCl, 
Hj, the electromotive force may be expressed by the equation 

E = ^ln^, + Ex., (6) 

where the activity of hydrogen ion in the dilute solution is 
and in the concentrated, a+', while El is the potential at the 
liquid junction. Now, if a+ were very small, so that it could be 
taken as equal to the molality, we could determine directly a+' 
if we knew El. This, unfortunately, we do not know. The 
Nernst equation for the liquid potential between the two concen¬ 
trations of an electrolyte might be improved by replacing con¬ 
centration by activity, but even so the equation could at best be 
valid only in very dilute solutions. Efforts to eliminate such a 
liquid potential by interposing, between the two solutions, some 
concentrated salt solution like potassium chloride have doubt¬ 
less served in many eases to reduce such a potential to a few 
millivolts. But, by the methods so far proposed, the elimina¬ 
tion has never been complete, and the uncertainties increase 
with the concentration of the solutions between which .he liquid 
potential is to be estimated. 

In the case of a liquid junction between two different solutions 
of the same concentration, conditions are quite similar.* The 
equations that have been proposed we are going to discuss in 
the next chapter. At best, they are valid only in dilute solu¬ 
tions. At the present time we must conclude that the determi¬ 
nation of the absolute activity of the ions is an interesting prob¬ 
lem, but one which is yet unsolved. 

R£sum£ of our Conclusions concerning the Activity 
Coefficients of Strong Electrolytes. 

In this and in the pn'ceding chapter we have permitted 
ourselves to go much farther than usual in the blending of 
thermodynamics with various empirical equations of no more 

* On the other hand, the potential between two concentrations of the same electrolyte is 
absolutely constant and reproducible, while that between two different electrolytes depends 
upon the method of making the junction, and upon the time. See Lewis, Brighton and Sebas¬ 
tian, J. Am. Chem. Soc., 39. 2245 (1917). 
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than approximate validity. It may therefore be well, for the 
sake of clarity, to review the results in order to see which depend 
upon thermodynamics alone, and which rest to some extent 
upon conjecture. 

The methods employed in Chapter XXVII rest solely upon 
thermodynamics, except that certain empirical rules were em¬ 
ployed in the extrapolation to infinite dilution. In so far as the 
methods of extrapolation are doubtful, the activity coefficients 
for a given electrolyte may be in error by a constant factor. 
With the same proviso, the activity coefficients in mixtures, as 
determined in the present chapter from electromotive force 
and from solubility, are obtained from experimental data with 
the aid of nothing but pure thermodynamics. 

On the other hand, the assumption that in a mixture of salts 
of the same type the activity coefficient of a given salt depends 
solely upon the total concentration, is not only extra-thermo- 
dynamic, but, if stated as an exact rule, conflicts with thermo¬ 
dynamic principles, as Bronsted has shown. If such a principle 
is to be employed, it must be regarded merely as a limiting 
principle which Ixjcomcs more nearly valid the higher the dilu¬ 
tion, and it is for experiment to decide how far it deviates from 
the truth, with different salts and at different concentrations. 
At present the existing data arc not entirely consistent as to 
this point, although the rule appears to hold without sensible 
error in dilute solutions in which the concentration of the salt 
in question is small compared with the total salt content. 

The hypothesis regarding the independent activity coefficients 
of individual ions is also one which cannot be considered strictly 
accurate. We are sure that in concentrated solutions the behavior 
of each ion will depend upon the particular ion with which it 
is associated, and it would be unreasonable to suppose that such 
specific effects absolutely disappear at any finite concentration, 
however small. 

As to the concept of the ionic strength, we believe that it 
promises to be of much service, whether or not we employ the 
other two empirical rules which have just been mentioned. 
Aside from the specific characters of individual ions, there is 
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unquestionably a factor, depending upon the concentration of 
the ions and upon their charge, which largely determines the 
properties of any electrolytic solution; and we feel confident 
that this factor is the ionic strength, as we have defined this 
term. It is our belief that with the aid of the ionic strength 
the behavior of ions in a solution of electrolytes of mixed valence 
type may be predicted with the same degree of accuracy as in 
a solution containing only a single valence type; and while 
any such prediction is rendered uncertain, especially in more 
concentrated solutions, by variations depending upon the specific 
properties of the individual ions, it will be best to regard such 
variations as minor deviations from the rule of the ionic strength, 
which may be taken as the norm. 



CHAPTER XXIX 


THE GALVANIC CELL 

We have had occasion in several previous chapters to illus¬ 
trate various thermodynamic methods through the study of 
some simple type of galvanic cell. We may now proceed a little 
more systematically to discuss these cells and the general methods 
of utilizing the valuable data which are obtained by their 
employment. 

Conditions which Determink the Reversibility of a Cell 
AND THE Constancy and Reproducibility of 
its Electrodes 

Of all the chemical reactions which we meet in our thermo¬ 
dynamic calculations, comparatively few may be studied by the 
simple measurement of an electromotive force. This is due to 
the difficulty of finding a galvanic cell in which a given reaction 
occurs, and occurs with such ease as to permit an approach to 
complete reversibility. 

Every cell reaction is irreversible when a finite current is passing, and 
theoretically every cell reaction is reversible with an infinitely small current. 
But in practice there is a very limited number of cases in which an experi¬ 
mentally determined electromotive force may be regarded as equal to the 
reversible electromotive force when a measurable current is employed. 

When a finite current passes through a cell, a certain amount of the 
applied electromotive force is required to overcome the electrical resistance 
of the circuit, and in rare cases, especially when some poorly conducting 
film is produced at one of the electrodes, this may become a very large factor. 
However, after allowance is made for this increase of electromotive force 
due to ohmic resistance, there remains a difference between the imposed and 
the reversible electromotive force. This difference, which is a counter elec¬ 
tromotive force, is known as polarization.^ 

* The term polarization was formerly used to include also the potential drop due to electrical 
resistance, but it is better to differentiate between these two entirely unlike phenomena, and to 
limit the term polarization to the counter electromotive force induced by electrolysis. 
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In some cases it is easy to sec the cause of this counter electromotive 
force or polarization. If a solution of copper sulfate is electrolyzed between 
two.copper electrodes, the result of the electrolysis is to increase the con¬ 
centration about the anode and to diminish that about the cathode. Thus 
a concentration cell is set up, whose electromotive force opposes the one 
which is applied. If the current is constant, and if convection could be 
avoided, a steady state would ultimately be established in which the differ¬ 
ence in concentration at the two electrodes would be determined by the shape 
and size of the cell and by the rate of diffusion of the electrolyte. Any 
process, such as stirring, which would favor the equalization of the two 
concentrations, would diminish polarization. 

Material accumulating at an electrode may be removed not only by 
physical transfer but by some chemical reaction. In one of the most 
valuable contributions to our knowledge of polarization, Haber^ studied 
the depolarization of a cathode upon which hydrogen was evolved, by a 
substance which reacts with hydrogen; and he was able to predict quan¬ 
titatively the effect of nitrobenzene in diminishing the cathode polariza¬ 
tion of hydrogen. Here the rate of reduction of nitrobenzene is the de¬ 
termining factor. 

In many cases the mechanism of polarization is still obscure, and often 
depends upon processes occurring on the surface of the electrode* or in a 
very thin film surrounding it. Nevertheless it seems probable t) at all types 
of polarization may be given the interpretation which we may quote from 
Lewis and Jackson.^ 

“We assume that all true polarization (excepting the apparent polariza¬ 
tion caused by an clecjtric resistance at the electrode) is due to a counter- 
electromotive force caused either by the exhaustion of the substances used 
in the electrolytic reaction faster than they can be replaced, or by the 
accumulation of the products of this reaction faster than they can be re¬ 
moved. The degree of polarization is therefore a measure of the slowness 
of some irreversible process or ])rocesses, these being either processes of 
diffusion to or from the field of action (situated at or near the electrode 
surface), or chemical processes which supply the factors or destroy the pro¬ 
ducts of the electrolytic action. From this point of view, the potential of the 
electrode, when the current is passing, differs from that of the unpolarized 
electrode by the potential of a concentration cell." 

We see then that polarization involves certain time factors, 
such as rates and velocities, with which thermodynamics at the 
present time is not competent to deal. The phenomenon there- 

* Haber, Z. phyaik. Chem,, 32. 193 (1900). 

* There is also a possibility of polarisation at any other junction of two dissiuiilar substances, 
such as the junction between two electrolytes. 

* Lewis and Jackson, Proc. Amer. Acad., 41, 399 (1906); Z. phyaik. Chem.^ 56, 193 (1906). 
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fore need not concern us, except in so far as it influences the 
experimental determination of the reversible electromotive force. 
With the present construction of galvanometers, electrodes* are 
considered satisfactory if a current of the order of 10~® or 10“® 
amperes produces no sensible polarization. The measured elec¬ 
tromotive force is then independent of the direction of the small 
current used in the measurement, and may be taken as equal to 
the reversible electromotive force. 

To this class belong most electrodes of the common metals in 
solutions of their salts, except when we meet the still mysterious 
phenomenon of passivity, which may ultimately prove to be a 
phenomenon of pure polarization. It includes electrodes of hy¬ 
drogen in the presence of finely divided platinum, or better still, 
iridium; and chlorine, bromine and iodine in the presence of an 
inert electrode such as an alloy of platinum and iridium. Finally, 
it includes a number of oxidizing-reducing mixtures in the 
presence of an inert electrode. Such cases are usually free 
from excessive polarization if the electrode process consists 
merely in changing the charge upon an ion, for example Fe’*“^-Fe'^''“'^, 

T1+.T1+++, Fe(CN)6--Fe(CN)6-, Mn 04 “-Mn 04 “. As a 

rule an electrode process consisting in a change of the oxygen 
content of an anion is not sufficiently rapid to prevent serious 
polarization, although Sammet^ succeeded in measuring the poten¬ 
tial when the electrode process involved the reduction of iodate 
to iodine, and bromate to bromine. Doubtless at high tempera¬ 
tures numerous electrodes could be studied which are too highly 
polarized under ordinary conditions. 

Constancy and Reproducibility of Electrodes. Quite aside 
from the possibility of polarization there is often a considerable 
variability in the potential of an electrode, due to changes in 
physical state. This is especially true when solid metals are 
used. Two plates of the same metal, immersed in a solution of 
some salt of that metal, give a difference of potential which 
amounts in extreme cases to tenths of a volt. If the metal is 
pure such differences can hardly be ascribed to any other cause 
than a variation in the physical state of the metal, or at least 

> Sftmmet, Z. phynk. Chem., 53, 641 (1906). 



THE GALVANIC CELL 


389 


of its surface. In fact any treatment such as produces surface 
strains has a marked effect upon the electrode potential. 

It is known that when a metallic film is produced by elec¬ 
trolysis it sometimes is disrupted with almost explosive violence. 
Silver deposited electrolytically has a higher potential^ the greater 
the current density, until the latter reaches a point at which the 
film breaks and gives way to a spongy mass. Then the potential 
drops to the value given by silver in its most stable condition. 
Such surface strains might be expected to persist less strongly 
in the softer metals, which yield more readily. This is found to 
be the case experimentally. Thus the alkali metals form elec¬ 
trodes of a higher constancy and reproducibility than have been 
attained with any other solid metals.- 

In order to minimize these irregularities, Richards and Lewis® 
proposed the use of a mat of finely divided metal, and this method 
has proved, in a great number of cases, to give extremely satis¬ 
factory results. Such electrodes possess a high degree of con¬ 
stancy and reproducibility, and presumably give the potential 
which is characteristic of the metal in its most stable state. 

In proceeding from this general discussion to a consideration 
of individual cells, we shall imply henceforth that a given elec* 
tromotive force is obtained under reversible conditions; and that 
the electrode materials are not in some accidental physical 
condition, but are in the well defined states indicated by our 
symbols and conventions. 

Convention regarding the Sign of Electromotive Force 

We have hitherto left open the rather troublesome question 
as to the sign of the electromotive force. It is not sufficient 
to state that a cell composed of cadmium amalgam, saturated 
cadmium sulfate solution, mercurous sulfate, and mercury, 
gives an electromotive force of 1.0183 volts at 20®; for a person 

1 See Lewis, J. Am. Chem. Soe., 28, 158 (1906). 

*See Lewis and Kraus, J. Am. Chem. Soc., 32, 1459 (1910). 

• Richards and I^ewis, Proe. Am. Acad., 34, 87 (1898); Z. physik. Chem., 28, 1 (1899). 

* If the particles were exceedin«;ly small, their free energy might exceed that of the metal 
in its standard condition (see Chapter XXI), but such very minute particles would rapidly 
disappear in the presence of the electrolyte ant) in contact with larger particles. 
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unacquainted with the cadmium cell would not know whether 
this cell would do work through the consumption of cadmium and 
the deposition of mercury, or vice versa. 

If we express such a cell diagramatically as 

Cd(sat. amalg.), CdS 04 *?^H 20 (sat.), Hg 2 S 04 (sat.), Hg, 

we shall adopt the convention that the electromotive force 
given shall represent the tendency of the negative current to pass 
spontaneously through the cell from right to left. Thus, at 
25®C we write E == 1.0181. If now we write the reaction which 
occurs when the current runs in this direction, namely, Cd(in 
sat. amalg.) + Hg 2 S 04 (s) + %^20 (in solution sat. with 
CdS 04 %H20) = CdS 04 ?1jH,0(s) + 2Hg(l), we are led to the 
equation which we have already employed, and which is entirely 
general, 

AF = ~ NFE. (1) 

Similarly, we write 

H2(g), HC1(0.1 M), Cl2(g); E298 « 1.4885, 
but 

Cl2(g), HC1(0.1 M), H2(g); E 298 = ~ 1.4885. 

Of course our knowledge of the chemistry of the cell usually 
prevents an error in sign, even although no conventions such 
as those above are observed, but this is by no means always 
the case. Thus two electrodes, one of silver and silver chloride, 
the other of mercury and mercurous chloride, both in the same 
solution of some chloride, yield an electromotive force of 0.0455 v. 
Not all chemists could state offhand whether the silver or the 
mercury is consumed when the cell operates spontaneously. 
However, if we write 

Ag, AgCl, KCl(aq), HgCl, Hg; E = 0.0455, 

we are at once informed, not merely of the magnitude of the 
electromotive force, but we learn that silver spontaneously 
replaces mercury in the chloride, since this is the process which 
accompanies the passage of a negative current through the cell 
from right to left. 
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There is a very siiriilar and entirely compatible convention 
which we may also use. If we merely write 

Ag(s) + HgCl(s) = AgCl(s) + Hg(l); £ 29 ^ = 0.0455; 

AF 298 = - 23074 X 0.0455, 

this statement (together with our common knowledge of the 
substances concerned) gives all the information that is desired. 
For a positive value of E always means a negative value of AF; 
and therefore shows that the reaction as written proceeds 
spontaneously, so that the substances on the left are consumed 
and those on the right are produced. 

If we are to use the two methods simultaneously, in other 
words if we are to state both the composition of the cell and the 
cell reaction, then, in order to prevent inconsistency in our 
conventions, we must write the reaction in the way in which 
it will occur when the negative current passes from right to left 
through the cell as specified. For example, 

Ag, AgCl, ZnCl 2 (a(j), Zn; 2Ag + ZnC^Caq) = 2AgCl + Zn. 

Effect of Temperature on the Electromotive Force of a 

Cell 

We have already given in Chapter XV the fundamental 
equations for change of electromotive force with temperature. 
But it may be well to illustrate at this point the methods which 
are to be employed in cases more complicated than those which 
we have so far considered. 

Lewis^ measured carefully the electromotive force, at different 
temperatures ,2 of the cell H 2 , HC1(0.1 M), HgCl, Hg. His results 
are given in Table 1, the data being arranged in the order in which 
they were obtained. The values of E are corrected in each case 
to hydrogen at one atmosphere.^ 


Table 1 

i . 17.85 18.60 25 30 18.30 16.85 46.42 41.85 33.75 27.45 

E. 0.3978 0.3984 0.3995 0.3983 0.3980 0.4014 0.4011 0.4004 0.3996 


»See Lewis and RandaU, J, Am. Chem. Soc., 36. 1969 (1914). 

* These measurements were later repeated by Ellis (/. Am. Chem. Soc., 38, 737 (1916)) 
but his results prove to be somewhat inferior in accuracy. 

» The acid in the cell was not precisely 0.1 M, but sufficiently close for our present purpose. 
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All of these values of E except the first, when plotted against 
the temperature, lio on a smooth curve which is far from being a 
straight line; thus showing that the temperature coefficient of 
the cell is itself diminishing rapidly with increasing temperature. 
The slope of the curve at any point gives dE/dT, and we may at 
once determine the heat of the cell reaction, HH* + HgCl = 
HC1(0.1 M) + Hg, by Equation XV-5, namely. 


E + 


AH 

NF 


rpdE 

df‘ 


( 2 ) 


HereN = 1, as we have written the reaction, and by substituting 
the values from the curve we obtain^ the values of Ah at round 
temperatures (centigrade) given in Table 2. 



Table 2 


t 

AH 

ACp 

20® 

-7995 

-58 

25® 

-8291 

-42 

o 

O 

CO 

-8471 

-30 

CO 

o 

-8609 

-22 

40® 

-8694 

-18 

45° 

-8774 

-15 


From available calorimetric data, AH for this reaction is — 8000 
at about 18°C. The indirect determination which we have just 
discussed is undoubtedly the more accurate. 

The great change in dE/dT and in AHj in such a case as this, 
is due to the high negative partial raolal heat capacity of the 
electrolyte. If we plot the \ alues of AH against the temperature, 
the slope of this curve gives ACp for the cell reaction, and the 
values so obtained are given in the third column of Table 2. 
The accuracy thus obtained is not great, but probably compares 
favorably with that of existing calorimetric data. The calori¬ 
metric values for the pure substances involved in this reaction 
are,Cp(Hg) = 6.7,Cp(HgCl) = 11.5, and CpC^Ha) = 3.4. Com¬ 
bining these values with the ACp found* for the cell reaction, say 
at 25®C, we find HC1(0.1 M); Cp 298 =* - 33.8. This is of the 

1 Another method of utilising these data is given in the paper of Lewis and Randall. The 
present method is, however, simpler and has a wider range of validity. 
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same order of magnitude as the value calculated from Thomsen’s 
measurements. 

This is perhaps the only case in which we have any evidence 
as to the change of a partial molal heat capacity with the tem¬ 
perature, and it is interesting to observe that the high negative 
value of Cp for hydrochloric acid is apparently falling rapidly as 
the temperature increases; although the experimental results 
can hardly be accurate enough to give a really quantitative 
measure of this change. 

Activity and Electromotive Force 

In Chapter XV we have obtained also an equation for the 
effect of pressure upon the electromotive force. Equation 
XV-10 shows how simply the pressure effect can be calculated 
if we know the volume change which accompanies the cell 
reaction. Instead, however, of considering the cell as a whole, 
we might have considered separately how the pressure affects the 
activity of each of the substances entering into the cell reaction. 
Indeed it will be evident that at any given temperature the 
electromotive force will be completely determined by the activi¬ 
ties of the several substances concerned. 

Let us consider a cell such that, when N equivalents of elec¬ 
tricity pass, we have the reaction 

IL + mM + • •• = qQ + rR + • • • . 

When each of these substances is in its standard state, that is, 
when each substance has unit activity, we write the change of 
free energy as AF®, and the electromotive force as E®. In the 
more general case, where the activities are not unity, the corre¬ 
sponding values of AF and of E are given immediately by Equa¬ 
tion XXIV-4 which reads 

+ RT lu • -I, (3) 

aiaS • • 


and since AF - — NFE, 
E = E‘ 


NF aialf • 


( 4 ) 
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If we avoid those irregularities in the surface conditions of 
metal electrodes which we have discussed in a preceding sec¬ 
tion, the activities of the various cell constituents will ordinarily 
depend, at given temperature, only upon pressure and concen¬ 
tration. The pressure effect is usually negligible except when 
some one of the substances concerned is a gas. In such case 
the activity may be found by the methods of Chapter XVII, or 
it frequently suffices to assume a perfect gas, and to write the 
activity equal to the partial pressure. 

When the hydrogen electrode came into common use, it was 
important to show that this electrode gives a reversible electro¬ 
motive force, and one which is in accord with the assumed cell 
reaction. The simplest test was to study the effect of pressure 
upon the electromotive force of a cell with hydrogen and calomel 
electrodes in hydrochloric acid, the cell reaction being 

H 2 -f 2HgCl = 2Hg + 2HCl(aq). 

If pure hydrogen passes through such a cell against a given 
external pressure, the partial pressure of the hydrogen is equal 
to the difference between the <^xternal pressure and the vapor 
pressure of water from the solution. By varying the external 
pressure, the partial pressure of the hydrogen, p, is also changed. 
If this is the only variable we may write by Equation 4 

E = const. 4"^^ In p. 

This equation was first tested by Lewis^ who allowed the hydro¬ 
gen in such a cell to escape against a variable excess pressure. 
The results (at 25°C) are given in Table 3. The excess pressure 
is given in cm. of water. (Between the fourth and fifth experi¬ 
ments the excess pressure was raised to 100 cm.) 

Table 3.—Effect of Pressure upon the Hydrogen Electrode 


0 37 63 84 84 63 37 

®(ob8.). 0.40089 0.40134 0.40163 0.40190 0.40189 0.40164 0.40138 

. 0.40089 0.40134 0.40165 0.40189 0.40189 0.40165 0.40134 


The very satisfactory agreement between the observed and 

See Lefvis and Randall, J. Am, Chem, 8oc., 36, 1969 (1914). 
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the calculated values, together with the lack of appreciable 
polarization in the electrode, make it certain that we are dealing 
here with a well defined and reversible reaction. Some years 
ago a similar oxygen electrode was often employed, but has 
since been shown by indirect methods to give quite erroneous 
results. This would have been detected earlier if similar experi¬ 
ments had been made with varying partial pressures of oxygen.^ 
In order to illustrate more generally the relation between the 
electromotive force of a cell and the activity of the cell con¬ 
stituents, we may take a case which was fully studied experi¬ 
mentally and thermodynamically by Dolezalek:^ 

H 2 , H2S04(aq), PbS04, PbOg, Pb, 

with the cell reaction, 

H2(g) ”1" Pb02(y) "h 112804(7^1 == 

= PbS04(s) + 2H2O (with H2SO4 at m = x). 


Expressing as in (chapter XXIV the activity of a gaseous sub¬ 
stance by the formula in brackets, and that of a substance in 
solution by its formula in parentheses, Equation 4 becomes 


E = E° 


RT j (H20)2 
2F (H2S04)[H2l^ 


(5) 


the solid substances being omitted, since their activity is taken 
as unity. Thus the electromotive force varies with the pressure 
of hydrogen, and with the composition of the solution (which 
affects the activity of both H 2 SO 4 and H 2 O). By measuring the 
electromotive force of some one cell, and by placing the activity 
of the hydrogen equal to its partial pressure, while the activity 
of the water and that of the sulfuric acid (a 2 = a4:) deter¬ 
mined by the methods which we have fully illustrated in the 
preceding chapters; we obtain the value of E®. This is the 

^ The intereating case studied by Edgar, of the sulfur dioxuie electrode in sulfuric acid, 
which leads to erroneous results, in spite of the fact that the change of the electromotive force 
with the pressure is approximately the one predicted, is discussed by Lewis, Randall and 
Bichowsky (X. Am. Chem. Soe., 40, 366 (1918)), 

* Dolesalek, Z. Ekhtrochem., 5, 633 (1899). 
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electromotive force of the cell when each substance is in its 
standard state; namely, for the reaction, 

H 2(1 atmos.) + Pb 02 (s) + H 2 S 04 (a 2 = 1) 

= PbS04(8) + 2H20(1). 

In a case like the preceding it makes no difference whether we 
deal with the activity of the electrolyte as a whole, or with the 
activities of the individual ions. Thus we might have written 
the reaction 


H 2 + PbOa + 2 H+ + SO 4 — = PbS 04 + 2 H 2 O, 
in which case we should have in place of Equation 5 


E == E° 


RT._ (H20)2 
2F (H+j2rS04”)[H2]‘ 


( 6 ) 


But the two equations are identical, since our conventions re¬ 
garding activities of electrolytes make (H2SO4) = (H+)2(S04—). 


Electromotive Force and Equilibrium Constant 

Since the standard free energy change of a reaction may be 
calculated at once from an equilibrium constant by Equation 
XXIV-6, and since, moreover, it is related to the standard 
electromotive force of a galvanic cell by the equation, AF® = 
^ NFE^ we may determine E® for a cell from the equilibrium 
constant of the reaction occurring within the cell. Thus 



- AT In iC - = - NFE®, 

(7) 

and 




E" - 1„ K. 

(8) 

or at 25“C 




log Km. 

(9) 


If we construct a cell Ag, Ag+, Fe++, ‘Fe+^+, Pt, where ‘‘Pt'' 
stands for any inert electrode, the cell reaction may be written 

Ag + Fe+*^ = Ag+ + Fe-^. 
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Now the equilibrium in this reaction has been studied by Noyes 
and Brann,^ who allowed silver and ferric nitrate to form ferrous 
nitrate and silver nitrate until equilibrium was established. 
They worked at various concentrations, and by extrapolation to 
infinite dilution were able to obtain the true equilibrium constant 
in the above reaction, namely, Km = (Fe'^+)(Ag+)/(Fe++^) = 
0.128. Hence from Equation 9, where N = 1, E® 2&8 = - 0.0528. 
This value agrees within the limits of error with one obtained 
from electromotive force measurements. 

Cases in which the Cell Reaction is not Definitely Known 

Liquid Potentials. If we are dealing with a cell which involves 
not only the electrode potentials, but also the potentials between 
electrolytes, it is often impossible to state the exact reaction oc¬ 
curring when a certain current passes. In the case of the so- 
called concentration cell with transference we have seen that it 
is possible to make such a statement when the transference 
number has been adequately* studied. But let us consider such 
simple cells as 

(a) Hj, HC1(0,1 M), KOH(0.1 M), Hj 

(b) Ha, HC1(0.1 M), KC1(0.1 M), KOH(0.1 M), Ha. 

In the first cell there is one liquid junction and in the second 
there are two. In neither case do we know just what occurs 
during the passage of a small current. If the liquid contacts 
are not always made in just the same way, the electromotive 
force will not be reproducible; and if the nature of the junction 
changes with the time, the electromotive force will change with 
the time. Even if the junction is constant and reproducible, and 
if we know the exact composition of the solution at every point 
in the neighborhood of the junction, it would still be necessary 
to know just how each ion moves with the current before we 
could state fully the cell reaction. 

In a case such as (b) simple equations have been set up for 

» Noyes and Brann, J. Am. Chem. Soe., S4, 1016 (1912). 
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the calculation of the liquid potentials. Planck^ was the first 
to give the theory of such a liquid junction, and his equation 
in all probability may be regarded as completely valid when the 
solutions are at infinite dilution. At moderate concentrations 
his equation gives less satisfactory results than a modification 
proposed by Lewis and Sargent.* According to the latter, if two 
uni-univalent electrolytes at the same concentration have a 
common ion, and if Ai and A 2 are the equivalent conductivities 
of the electrolytes on the left and on the right, respectively, the 
equation for the liquid ijotential reads, in the case of a common 
anion, 

E == In (10) 

and in the case of a common cation. 


E = 

Let us consider the celP 


In 

F A2 


( 11 ) 


(c) Ag, AgCl, HC1(0.01 M), KCKO.Ol M), AgCl, Ag; 

E = 0.0272. 


Now, as we shall show in the next chapter, the two electrode 
potentials depend only upon the activity of chloride ion on the 
two sides. But our previous work has shown that these two 
activities are the same, and theref.ire the whole electromotive 
force of the cell is presumably (vjual to the liquid potential. 
The formula of Lewis and Sargent gives in this case 0.0274 
which is in sufficiently satisfactory agreement with experiment. 

If, however, we consider a similar cell with the two chlorides 
at 0.1 M (identical results are also obtained with mercury- 
calomel electrodes) we may still assume that the measured elec¬ 
tromotive force is very nearly equal to the liquid potential. 
Here the measured value is 0.0278, while the formula of Lewis 
and Sargent gives 0.0284 and the unmodified Plancjc equation 
gives 0.0266. 

■ Planck, Ann. Phytik, 40, 561 (1890). 

* Lewis and Sargent, /. Am. Chem. Sjc., SI, 363 (1909) 

« For the numerical values see Lewis, Brighton and Sebastian. J. Am. Chem. Soe., 39, 2246 
(1917), and also Bjerrum, Z. Elektroehem., 17, 58 (1911), and Myers and Acree, Am Chem J 
so, 390 (1913). 
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The whole problem is a difficult one. Henderson* showed 
that the correct theoretical treatment differs if we assume that 
the concentration changes at the junction depend partly upon 
convection and not merely upon diffusion; and it has been re¬ 
peatedly shown by experiment that the liquid potential varies 
according to the method of establishing the j unction. ^ 

Instead of calculating liquid potentials, numerous investigators 
have sought to eliminate them by interposing between the two 
electrolytes a concentrated solution of some salt such as ammo¬ 
nium nitrate or potassium chloride. It is now certain that the 
first of these salts by no means eliminates, and sometimes may 
even increase, the liquid potential. The use of concentrated 
potassium chloride doubtless serves in many cases to reduce 
a large liquid potential to a value of the order of a few millivolts, 
but the elimination has certainly never been complete. 

Fortunately we are going to be able to show that by the 
exercise of some ingenuity it is possible to obtain all the data 
which are of thermodynamic interest, from cells which involve 
no liquid potentials. Therefore in the future we may hope to 
eliminate this source of uncertainty. In the meantime, however, 
it is necessary to employ the existing data, and here for want of 
anything better we shall employ the formula of Lewis and Sar¬ 
gent, recognizing that, in the most unfavorable cases which we 
shall consider, this may lead to an error of as much as one 
millivolt. 

When we wish to express the electromotive force which a cell 
would have, exclusive of its liquid potentials, we insert two 
vertical bars in the diagrammatic formulation of the cell, at the 
point where the liquid potentials are eliminated. Thus, either 
of the above cells (a) and (b), without liquid potentials, is 
written 

H 2 , HC1(0.1 M) II KOH(0.1 M), H 2 , 
and for cell (c) we write 

Ag, AgCl, HCI(O.OIM) li KCI(O.OIM), AgCl, Ag; E =0. 

1 Henderson. Z. phyaik, Chern,, 59. 118 (1907); 63. 325 (1908). 

* See the recent paper of Lamb and Larson. J. Am. Chem. Soc., 42. 229 (1920). 
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Other Uncertainties as to the Cell Reaction. We cannot too 
strongly emphasize the importance of considering the electro¬ 
motive force as a property, not of the cell, but of the reaction 
which occurs within the cell. Until that reaction is definitely 
known, measurements of electromotive force have no meaning. 
This is not a point of mere academic interest. A great deal of 
material which has been accumulated regarding so-called oxida¬ 
tion and reduction cells awaits interpretation until a more 
definite knowledge of the cell reactions is obtained. This is 
especially true in those cases in which the electrode reactions 
are not very rapid. Thus Bornemann* has apparently succeeded 
in interpreting a mass of questionable data on cells involving 
hydrogen peroxide as an oxidizing or reducing agent, by a careful 
study of the possible and the most probable reactions occurring 
in these cells. 

iBornemann, “Nernst Festachrift,” p. 119, Knapp, Halle (1912). 



CHAPTER XXX 


SINGLE POTENTIALS; STANDARD ELECTRODE 
POTENTIATES OF THE ELEMENTS 

It is customary to regard the electromotive force of a galvanic 
cell as the sum of a number of single potentials, arising at the 
several points or regions of contact between two phases which 
differ in substance or in concentration. Thus, in the cell, 

Ag, AgNOaCO.l M), AgNOaCO.Ol M), Ag, 

we have the two electrode potentials, and the potential between 
the solutions. 

In the cell, 

Zn, ZnS 04 ( 0.01 M), AgNOaCO.Ol M), Ag, 

in addition to the electrode potentials and the liquid potential, 
there is the potential at the junction between zinc and silver. 
It was the idea of Volta that this potential at the junction between 
the two metals is large and, to a great extent, determines the 
total electromotive force. This idea, which was for a long time 
discredited, has been shown during the last decade to be correct 
in the main. Meanwhile, however, it has become the custom to 
ignore this potential between metals, or rather to include it with 
the electrode potentials; and since this practice introduces no 
practical difficulties, we may continue to employ it until the 
time comes when we are able to determine the absolute values of 
our electrode potentials. 

Twenty years ago it was hoped that the problem of determining 
single electrode potentials had been solved by the use of the 
so-called drop electrode. This hope, however, proved to be 
illusory, and while the problem still remains one of theoretical 
interest, in practice we are quite content to reckon electrode 
potentials from some purely arbitrary zero. 
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We shall thus assume that the potential of hydrogen at 
atmospheric pressure, against an aqueous solution containing 
hydrogen ion at unit activity, is zero at all temperatures. This 
arbitrary assumption will make it possible to give numerical 
values to other single electrode potentials. 

The sign of the single potential at a junction will be determined 
by the same convention that we have adopted for the galvanic 
cell as a whole. Thus, if we are considering the junction at an 
electrode, we may represent this junction by the expression: 
electrode, electrolyte. We then say that the single potential 
measures the tendency for negative electricity to pass from right 
to left, that is from the electrolyte to the electrode. On the 
other hand, we may express the, junction as: electrolyte, electrode. 
Here again the potential measures the tendency of the negative 
current to pass from right to left. It has the same magnitude 
as before, but the opposite sign. 

The same convention is employed for a liquid junction such as: 
KC1(0.1 M), HC1(0.1 M). The single potential once more measures the 
tendency of negative electricity to pass from right to left. In this par¬ 
ticular case the potential is negative, but is positive if we reverse the junc¬ 
tion and write: HCl(0.l M), KC1(0.1 M). 

Usually the material of which the electrode is composed is one 
of the substances which takes part in the reaction at the electrode, 
but when this is not the case, an inert electrode is employed. 
Since platinum is commonly used for this purpose we shall find it 
convenient to designate any inert electrode by the symbol Pt. 

To illustrate further, the sign of the potential differs according as we 
write: Na, Na"*"; or Na"*", Na. This is because the sodium serves as the 
electrode. So also the sign of the potential changes according as we write: 
Pt, Fe^'*', Fe+'‘^+; or P^e^^, Fe^'*'^, Pt. On the other hand, the order in 
which Fc^^ and Fe'^^^ are set down is immaterial. 

Just as we divide the cell into two* parts, each with its own 
electromotive force or potential, it is also convenient to divide 
the total cell reaction into two electrode reactions^ (or half 

1 We are here using the same conventions as formerly (Lewis, J. Am. Chem, Soe.^ S5, 1 
(1913)), but the mode of expression is somewhat changed, since the time has come to recognise 
the negative electron as the atom of electricity, in our formal equations. We shall therefore 
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reactions) in which negative electricity appears as one of the 
substances in the chemical equation. Here also we decide by 
convention to write the equation for the electrode reaction in 
the direction in which it will occur when negative electricity 
passes from right to left through the junction in question. 
Let us consider once more the cell with hydrogen and calomel 
electrodes in aqueous hydrochloric acid. If we divide this cell 
in halves we may express the composition of the half-cell and 
the corresponding electrode reaction as follows: 

(a) Pt, H,(g), H+; KH*(g) = + E", 

(b) C1-, HgCl, Hg; HgCl + E- = Hg + Cl'. 

As these now stand, the sum of the two electrode potentials 
gives the electromotive force of the cell, and the sum of the 
two electrode reactions gives the cell reaction. If, however, 
instead of (b) we had written 


(c) Hg, HgCl, C1-; Hg + Cl" = HgCl + E" 


then the value of E for (c) subtracted from that for (a) gives the 
electromotive force of the cell, and likewise the subtraction of 
the two chemical equations gives the equation for the total cell 
reaction. 

In general, if we consider the single electrode reaction, 

IL + mM + • • • = rR + sS + • • • + NE", (1) 

we may write, as for a whole cell. 


E = E° 


RT j ^ 

NF aLaS- ■' 


( 2 ) 


Here N represents the number of equivalents of electricity 
appearing in the equation (on either side). Thus for the above 
reaction (a) we have 


(a) 


E = E° 


RT, (H+) 
F [H*]^’ 


• treat electricity as though it were a typical element, and the symbol E"“ will represent one 
equivalent or F coulombs of negative electricity. This symbol represents N electrons, where 
N is the number of molecules in a mol (6.059 X 10*»); just as the symbol Na represents A” 
atoms of sodium. 
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It is this reaction for which we have arbitrarily decided to 
write E® = 0. Likewise, 

(b) E = E® - In (C1-), 

r 

and in the two last cases E is numerically the same but opposite 
in sign, that is E(b) = - E(c), and E®(b) = — E®(c). As 
further illustrations we may consider the following half-reactions; 

(d) Ag = Ag+ -I- E-, 

(e) CU(g) + 2E- = 2C1-, 

(f) Clj(aq) -1- 2E- = 2C1-, 

(g) Fe-H- = Fe+++ + E", 

(h) Fe(CN),-— + E- = Fe(CN),-, 

(i) Br,(aq) + 6HsO(l) = 2Br08- + 12H+ + lOE". 


The corresponding equations for the single potentials are 
(d) E = E®--^^ln(Ag+), 


(e) 

(f) 

(g) 

(h) 

(i) 


E = E° 
E =E® 
E = E® 
E = E® 
E = E® 


(Cl-)» 

2F [Ch] ’ 

2F (CU)’ 

RT, (PV^+) 

F ■(Fe++)’ 

(Fe(C N).-) 

“F (FeCGN),—) ’ 
RT, (BrO»-)*(H+)>» 
lOF (Br*)(H20)«' 


The Potentials of Some Reference Electrodes, at 26 ®C 

Pt, Hs, H'*'. We have agreed to write for this electrode 

E® = 0. (3) 

This standard of electrode potentials is not to be identified with 
the one which was adopted by Abegg, Auerbach and Luther* 

lAbegg, Auerbach and Luther> '^Mesaungen elektromotoriacher Kr&fte galvaniaoher 
Ketten/* Abhandlungen der deutachen Bunaengeaellschaft, No. 6. Halle, 1911. 
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in their extensive bibliography of electromotive force data. 
They take as zero the potential of hydrogen at one atmosphere 
against a solution of unit concentration in hydrogen ion, the 
ion concentration being determined by conductivity. However, 
this definition is quite indefinite, since different acids give very 
different values for the activity of hydrogen ion, when the ion 
concentration calculated from conductivity is unity. Thus 
this definition, according as sulfuric or hydrochloric acid is 
employed, gives standard potentials differing by 3 centivolts. 

As a matter of fact, however, they use the potential of the 
normal calomel electrode for the great part of their calculations, 
and their value for its potential happens to differ only by a few 
millivolts from our own. 

Abegg, Auerbach and Luther, departing from well-established 
custom, reversed the sign of electrode potentials so as to make 
the electrode potential of sodium negative and that of chlorine 
positive. Their reasons for making this change seem to us 
inadequate, and the sign which we employ is the same as that of 
all the early tables of electrode potentials. 

Hg, HgCl(s), Cl’~. We have already discussed in Chapter 
XXVI the various measurements of the cell H 2 , HCl(aq), 
HgCl, Hg. With 0.1 M HCl, E = 0.3989 with an uncertainty 
of not more than 0.0001 v.' From equation XXVI-13, 

E = E“ - In (H+)(C1-) = E” - In (my). (4) 

F F 

At 0.1 M we find, from Table XXVI-4, y = 0.814. Substi¬ 
tuting we find E° = 0.2700 for the standard e.m.f. of the cell 
Pt, H*, H++C1-, HgCl, Hg. 


This 

cell we now divide 

into 


(a) 

Pt, H*, H+, 

(b) 

C1-, HgCl, Hg, 

or 




(a) 

Pt, Hs, H+, 

(c) 

Hg, HgCl, C1-, 


so that 0.2700 = E^Ca) + E°(b) = E®(a) - E®(c). Now, by 

1 Lewis, Briichton and Sebastian, J. Am. ^hem. Soe.^ 39, 2245 (1917). 
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Equation 3, E®(a) = 0, hence E®(c), the standard electrode 
potential of mercury-calomel is 

Hg, HgCl(s), C1-; E^ = - 0.2700. (5) 

Mercury and calomel in O.lMKCl constitute a reference 
electrode which has been frequently employed, and is sometimes 
known as the deci-normal calomel electrode. The equation for 
its potential is 

where E® is the value given in Equation 5 and the activity of 
chloride ion in 0.1 M KCl is found from Table XXVIII-8 to be 
0.0794, whence for the deci-normal electrode (D.E.), 

D.E.jE = - 0.3351. (7) 

Very nearly the same value would doubtless be obtained with 
any other univalent chloride at the same concentration. 

The Normal Calomel Electrode. At high concentrations it 
makes an appreciable difference whether the composition of the 
solution is given in mols per liter or in inols per 1000 grams of 
water. The normal calomel electrode (N.E.) has long been one 
of the most important of referencct electrodes. Following the 
original custom it is made up with a solution containing one mol 
of potassium chloride per liter of solution, or about 1.03 M. In a 
large percentage of the cases in which this electrode has been 
used for exact measurement it has been connected with another 
electrode through KCl (0.1 M). Hence has arisen^ the custom 
of including this potential between the two concentrations of 
potassium chloride in the definition of the normal electrode, 
which we therefore write 

Hg, HgCl(s), KC1(1 mol per liter), KC1(0.1 M). 

We thus eliminate the need of attempting to estimate the poten¬ 
tial between the two solutions. The most recent direct measure- 

> See Lewis and Randall, J, Am. Chem. /See., 36, 1969 (1914). 
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ments of the normal electrode against the deci-normal electrode 
give' 0.0529 v. Hence with Equation 7 we find® 

N.E.;E - - 0.2822 (8) 

Ag, AgCl(s), Cl”. The silver chloride electrodes prepared by 
Jahn’s method of electrolyzing a chloride solution with a silver 
anode give potentials which vary according to the conditions of 
preparation. This variability was eliminated by Linhart^ who 
employed an electrode of finely divided silver, intimately mixed 
with silver chloride prepared in the wet way. In an investigation 
which is not yet published,^ Dr. R. H. Gerke has made a thorough 
study of the difference of potential between this electrode and 
one of mercury-calomel, both in the same chloride solution. 
This electromotive force, assuming the solubility of the two 
chlorides to be negligible, should be independent of the composi¬ 
tion of the electrolyte, and is so found in practice. He obtains 
as the most reliable value 

Ag, AgCl, MeCl(aq), HgCl, Hg; E = 0.0455, (9) 

and by combining with Equation 5 we find immediately for the 
standard potential of silver-silver chloride^ 

Ag, AgCl(s), Cl~; E° = - 0.2245. (10) 

Hg, Hg 2 S 04 (s), S 04 “ According to the experiments of 
Lewis and Lacy, and of Randall and Cushman, which we have 
already discussed in Chapter XXVII, we have H 2 , H 2 SO 4 
(0.0506 M), Hg2S04, Hg; E = 0.7544. By a slight interpolation 
from Table XXVII-9, we find the activity coefficient to be 
0 . 394 . Whence 0.7544 = E” - (RT/2'B) In (4 otV) and E® = 
0.6213; and combining with Equation 3, 

Hg, Hg2S04(s),S04--; E° =-0.6213. (11) 

»See Harned, J. Am. Chem. Soc., 38, 1986 (1916); Lewis, Brighton and Sebastian, J. Am- 
Chem. Soe., 39. 2245 (1917). 

*Cf. Beattie, J. Am. Chem. Soc., 42, 1128 (1920), who obtains for the normal electrode 
(neglecting liquid potential)--0.2822, the same value as ours, but he used different activity 
coefficients from those employed above. 

»Linhart, J. Am. Chem. Soc., 41, 1176 (1919). 

< This investigation, to which we often refer in this and later chapters, has just been pub¬ 
lished; Gerke, J. Am. Chem. Soc., 44, 1684 (1922). 

* There is a discrepancy between this value and one based directly upon the measurements 
of Linhart (-0.2234) which remains at present unexplained. 
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Pt, H 2 , OH~. In addition to the potential of hydrogen 
against hydrogen ion, it is important to give the potential of 
hydrogen against a solution in which the activity of the hydroxide 
is unity. Here the electrode reaction per equivalent is 3^H2 + 
OH'* = H 2 O + E”*. It was shown by Lewis and Randall^ 
that the measurements of Lorenz and Bohi and of Lewis were 
in almost perfect accord, and led, after the elimination of liquid 
potentials by the formula of Lewis and Sargent, to the value 
E = 0.7008 for the cell Pt, H 2 , KOH(0.1 M) liHCl(O.lM), 
H 2 , Pt. Using the activity coefficients for OH“ and given in 
Table XXVI11-8 (and taking the activity of the water as unity), 
we have Pt, H 2 , OH' || H+, H 2 , Pt; E° = 0.8289. 

Likewise we may use the value of Lewis, Brighton and Sebas¬ 
tian, in hundredth molal solutions, namely, Pt, H 2 , KOH(0.01 M) 
II KC1(0.01 M), HgCl, Hg; E = 1.0972, and introducing the 
activity coefficients we obtain also Pt, H 2 , OH- || CP, HgCl, 
Hg;E^ = 1.0972. Combining with Equations 3 and 5, we find in 
this case Pt, Hj, OH" || H^, H,, Pt; E° = 0.8272. 

The value obtained with the tenth molal solutions is expend 
mentally more certain; on the other hand, the elimination of 
liquid potentials is less certain in that case. We may take as an 
average 

Pt, H*, OH"; E” - 0.8280. (12) 

Hg, HgO(s), OH“. The cell studied by Bronsted*, Pt, Hj, 
KOH(aq), HgO, Hg, gives the same electromotive force at 
different concentrations of the hydroxide, except for small 
differences due to changing activity of the water. His value 
in dilute solutions is E® - 0.9268, which, reduced to the new 
volt*, is 0.9265. More recently Ming Chow* and also Buehrer 
(in an unpublished investigation) have found E® = 0.9264. 
With Equation 12 we then find, 

Hg,HgO(s),OH-; E° = - 0.0984. (13) 

* Lewis and Randall, J. Am, Chem. Soe., 36, 1969 (1914). 

* firdnsted, Z. phyaik, Chem., 65, 84, 744 (1909). 

* All values in terms of the old volt become 0.03 per cent lower in terms of the new inter¬ 
national volt. 

* Ming Chow, /. Am. Chem. Soe., 42, 488 (1920). 
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Methods of Avoiding Cells with Liquid Potentials 

It is to be hoped that in the future we may be spared the 
uncomfortable necessity of guessing at the values of liquid 
potentials, since it seems to be possible in nearly all if not in all 
cases to obtain the data which are of thermodynamic value, solely 
by means of cells which contain no liquid junctions. 

To exemplify this statement we shall outline a series of measure¬ 
ments which would, with no experimental difficulty, lead to a more 
certain value of the standard potential of hydrogen against 
hydroxide ion than the one given in Equation 12. First, we may 
consider a cell composed of a thallium amalgam (preferably 
saturated), saturated thallous chloride, silver chloride, and 
silver. Knowing from Table XXVIII-3 the activity coefficient 
of saturated thallous chloride, we would then calculate the E® 
value for the cell, and thence by Equation 10, the standard 
potential of the thallium amalgam. Next we might study, at 
several concentrations, the electromotive force of the cell, 
Tl(amalg.), TlOH(aq), K 2 . This would give the activity coeffi¬ 
cient of thallous hydroxide and the value of E® for the cell, 
which, combined with the value obtained for the standard poten¬ 
tial of the thallium amalgam, would lead at once to a new value 
for the potential of Equation 12. 

We shall make use of an entirely analogous method in dis¬ 
cussing the electrode potential of sodium, and shall also consider 
a somewhat similar method of avoiding liquid potentials when 
we are discussing the electrode potential of mercury. 

The Free Energy Change in an Electrode Process 

By ignoring the potential existing between two metals, or 
rather, by dividing it between the electrode potentials, in accord¬ 
ance with our conventions, we have, for the sake of certain 
practical advantages, foregone the theoretical advantage of treat¬ 
ing electricity as we treat other substances. In conformity with 
this usage, we define the increase in free energy in the electrode 
process by — NFE, where E is the electrode potential. Simil- 
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arly, for the standard change of free energy in the electrode 
process, we write AF® = - NFE®. 

By combining two such values of AF for individual electrode 
processes, or “half-reactions,’* we may obtain the value of AF 
for a complete cell reaction. Thus we write by Equations 3 
and 11 

Pt, Hj, H+; E® = 0 ; = 2 H+ + 2 E“; AF^ = 0, 

Hg, Hg2S04, SO 4 —;E® = - 0.6213; 

2Hg + SO 4 — = Hg2S04 + 2 E-; = 28670, 

and by subtraction 

H 2 + Hg2S04 = 2Hg + 2 H+ + SO 4 --; AF® = - 28670. 

Likewise, by combining Equations 5 and 11, we obtain the equa¬ 
tion 

2HgCl(s) + SO 4 -- = Hg 2 S 04 (s) + 2C1~; AF® = 16210. 

A problem, which at first sight is a little confusing, was first 
stated and solved in the valuable papers by Luther,^ “On the 
Electromotive Behavior of Substances with Several Oxidation 
Steps.” If a copper electrode is placed in a mixture of cuprous 
and cupric ions, a reaction will occur until such an equilibrium 
is established that the potentials of copper to cuprous ion, 
of cuprous to cupric ion, and of copper to cupric ion all become 
identical. This fact, although important in itself, in no way 
helps us to determine the several standard electrode potentials 
which are here involved, namely, (a) the potential of copper in 
cuprous ion at unit activity, (b) the potential of an inert electrode 
in a mixture of the two ions, each at unit activity, and (c) the 
potential of copper in cupric ion at unit activity. It might be 
thought at first glance that the third of these potentials might 
be obtained by adding the other two, but this is not the case, as we 
may see by finding the values of AF® for the three electrode 
reactions, 

(a) Cu = Cu+ + E-; AF\ = - FE®a, 

(b) Cu+ = Cu++ + E-; AF\ = ~ FE^b, 

(c) Cu = Cu++ + 2E‘“; AF\ = ~ 2 FE^. 

> Luther and Wilson, Z . phyaik . Chem ., 34, 488 (1900); Luther, Z . phyaxk . Ckem ., 36, 386 
(1901). 
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Now by adding the first two free energy equations we find 
Cu = Cu++ + 2E~; = - F(E®« + E^) = - 2PE^ 


whence 


E O I IJO 

_ o T" JC# 6 


E^ = 


(14) 


In this particular case the experimental values given by 
Luther and other authors' are in no sort of agreement with 
one another. So also the extensive investigations of Abegg 
and Spencer^ on cells involving thallous and thallic salts, in 
spite of their evident accuracy, are difficult to employ, partly 
on account of the large liquid potentials which were present, 
and partly because of our previously mentioned lack of knowledge 
regarding the activity coefficients of halides of trivalent metals. 

In the case of iron it is possible to obtain values for the 
first two of the three electrode potentials, (a) iron, ferrous ion; 
(b) ferrous ion, ferric ion; and (c) iron, ferric ion. In this case 
we find by Luther^s method, 

-g™. (15) 


In the next section we shall find E°„ = 0.441. The most accurate 
method of obtaining E^^ is to use the equilibrium data which we 
discussed in the last chapter and which led to E° = — 0.0528 for 
the cell Ag, Ag**^ |i Fe'*"'", Pt. We shall see in the next 

section that E° = — 0.7995 for Ag, Ag+, and therefore = 
— 0.7467. Whence we find the potential of iron against ferric ion 
at unit activity, E^^ = 0.045 from Equation 15. 


The Standard Electrode Potentials of the Elements 

AT 25°C 

The importance of the standard electrode potentials will be 
realized when it is seen that from a few such values it is possible 
to obtain the free energy of formation of a great number of 
electrolytes in dilute aqueous solutions. These values, it is 

* See Bodl&nder and Storbeck, Z. anorg. Chem., 91, 1, 40S (1902). 

* Abegg and Spencer, Z, morg. Chem., 44, 379 (1905). 
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truei are valid for a single solvent, water. But as long as aqueous 
solutions retain their prominence in scientific and industrial 
work, these standard electrode potentials must be regarded as 
among the most important of physico-chemical constants. 

Of especial value are the standard electrode potentials of the 
elements. The first systematic tabulation of these quantities 
was made in 1900 by Wilsmore,^ who made a careful review of 
all data then existing, and calculated the standard potentials 
of the elements, taking that of hydrogen as zero. His tables 
were not much improved, in 1911, by the committee of the 
German Bunsen Gesellschaft, Abegg, Auerbach and Luther, to 
whose work we have already referred. They concluded at that 
time that, **even for the most accurately measured electrodes, 
the value of the normal potential can at best be given with an 
accuracy of one centivolt.^^ 

In the meantime the work of Lewis and his associates has made 
it possible to determine many of these important values with 
nearly a hundredfold greater accuracy, on the average, and it is 
these new values which we shall proceed to discuss in some detail. 

Tl, Tl"^. Early investigations^ of the potential of thallium 
gave anomalous results with changing concentration of thallous 
ion, which led to suggestions of various types of possible ions 
which might be present. It was shown, however, by Brislee® 
and by Lewis and von Ende^ that these anomalies were due solely 
to oxidation of the electrodes by atmospheric oxygen. By the 
careful exclusion of air the latter authors obtained results, even 
in the most dilute solutions (0.002 M), which were in remarkably 
good accord with the thermodynamic equation for the change of 
electrode potential with ion concentration. From various cells 
in which an electrode of saturated thallium amalgam, in thallous 
salts of various concentrations, was measured against a normal 
calomel electrode, they obtained as an average value for the 
standard potential, Tl(sat. amalg.), T1+, N.E.; E = 0.6170. 


1 Wilsmore. Z. phyaik. Chem., 35. 201 (1900). 

> Neumann. Z. phyaik. Chem., 14. 193 (1804); Abegg and Spencer. Z. anorg, Chem.t 46. 406 
(1905); Shukoff. Bar, deut, ehem, Oea.^ 38, 2691 (1905). 

* Brislee, TVane. Faraday Soe., 4, 157 (1909). 

«Lewie and von Ende, J. Am, Cham, Sac., 32, 732 (1010). 
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This value, however, included a small liquid potential and was 
based upon activity coefficients which were slightly different 
from those which we now employ. Two other series of their 
measurements furnish material for an accurate calculation of 
this electrode potential without making any assumptions regard¬ 
ing liquid potential, namely,^ Tl(sat. amalg.), TlCl(s), KC1(0.1 
M), N.E.; E = 0.7704, and Tl(sat. amalg.), TlCl(s), KCl M, 

N. E.; E = 0.8225. 

In the first of these cells we may make a very accurate cal¬ 
culation of the activity of thallous ion by the method of Chapter 
XXVIII. There we have seen that the mean activity of the 
ions of TlCl in any saturated solution at 25®C. is 0.01422. The 
solubility of TlCl in 0.1 M KCl is 0.00396 M, and the total 
molality (which is here the ionic strength) is 0.10396. The 
activity of Cl” in this solution is 0.792 X 0.10396 = 0.0823; 
and dividing the square of the mean activity by this figure we 
find for the activity of T1+, = 0.00246. Using this value in 

Equation 2, we find E = 0.6162 for the cell Tl(sat. amalg.), 
TU II N.E., and with Equation 8, Tl(sat. amalg.), TV ; E° = 

O. 3340. 

In the case of the cell with molal KCl throughout, the whole 
cell reaction is T1 (sat. amalg.) + HgCl(s) = TlCl(s) + Hg, and 
since the activity of solid TlCl is the same as that of its saturated 
solution it is equal toa^ = (0.01422)^ Hence, T1 (sat. amalg.), 
T1+ II Cl”, HgCl, Hg; E® = 0.6040. Combining with Equation 8 
we have Tl(sat. amalg.), TU; E° = 0.3340. 

Some recent unpublished measurements of a similar character 
by Dr. R. H. Gerke lead to the value E° = 0.3336. We may 
take E® = 0.3338 as a very reliable mean. 

It was previously assumed that the potential of solid thallium 
is the same as that of the saturated amalgam. This was based 
on the statement of Kurnakov and Puschkin^ that thallium and 
mercury form no solid compounds, and the statement of Sucheni* 
that mercury does not dissolve in solid thallium. However^ 

^ These two vaiuee given by the authors have been reduced by 0.0002 to conform to the 
new international volt. 

> Kurnakov and Puschkin, Z. anorg, Chem., SO, 86 (1902). 

*Sucheni, Z, SUktroehem,, 12, 726 (190(0. 
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Richards and Daniels^ experimentally found a difference of 
potential between the two electrodes of approximately 0.0026. 
This proves the incorrectness of Sucheni's statement, and we 
must assume that mercury dissolves in solid thallium to an 
appreciable extent. New measurements by Gerke lead to the 
same conclusion. Thallium is not a very soft metal and is 
liable to changes in its surface conditions. Therefore the 
electrode of solid thallium is less reproducible than that of the 
saturated amalgam. Using finely divided thallium, Gerke 
finds^ Tl, T1 salt, Tl(sat. amalg.); E = 0.0025. Combining this 
with the potential obtained for the saturated amalgam, we obtain 
as the final value for the standard electrode potential of pure 
thallium, 

Tl(s), T1+; = 0.3363. (16) 

Ag, Ag"*". It was shown by Lewis'^ that while massive silver 
electrodes differ very widely in their potential, finely divided 
silver (whether prepared by rapid electrolysis or by heating 
silver oxide) gives reproducible values. He measured the cell, 
Ag, AgNO3(0.1M), KN 03 ( 0 . 1 M), KC1(0.1 M), D.E., and 
found E = — 0.399. This same measurement was repeated 
by Noyes and Brann^ who found E = — 0.3992, or after cor¬ 
recting for liquid potentials, Ag, AgNO 3 ( 0 . 1 M) 1| D.E.; E = 
— 0.3985. By Table XXVIII-8 the activity of the silver ion is 
0.077, whence, changing to unit activity and eliminating the 
deci-normal electrode by Equation 7, 

Ag(s), Ag+: E° = - 0.7995. (17) 

Na, Na"''. For many years the measurement of the electrode 
potentials of the alkali metals in aciueous solution seemed hope¬ 
less, and in all of the earlier tables of electrode potentials those 
of the extremely electro-positive metals were only roughly 
estimated, from heats of reaction. Lewis had conceived the 

* Richards and Daniels, J. Am. Chem. Soc., 41, 1732 (1019). 

*This is for stable crystalline tliallium. Recent measurements of Jones and Schutnb 
(Proc. Am. Acad., 56,190 (1921)) give as the potential difference of solid thallium and saturated 
amalgam, 0.()028v. 

* Lewis, J. Am. Chem. Soe., 28, 158 (1906;. 

* Noyes and Brann, J. Am. Chem. Hoc., 34, 1016 (1912). 
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idea of making such a measurement by obtaining, first the* 
difference of potential between the metal and a dilute amalgam, 
and, second, the electrode potential of the amalgam in aqueous 
solution. In the first stage it is evident that any cell, whatever, 
which will carry, per equivalent, one mol of sodium from the 
pure solid to the given amalgam, should give the same electro¬ 
motive force. In his first experiments, however, the search for a 
solvent which would dissolve a sodium salt to form a conducting 
solution, and at the same time have no action upon the solid 
metal, was unsuccessful. 

The discovery that ethylamine had approximately the desired 
properties was due to the investigations of Kraus, and it was his 
extraordinary experimental skill which made it possible to obtain 
for the first time the electrode potential of a highly electropositive 
metal, and with a constancy and reproducibility exceeding any 
that has hitherto been obtained with any electrode of solid metal. 

In the work of Lewis and Kraus^ the cell was composed of 
electrodes of pure sodium and of 0.206 per cent amalgam, both 
in the same solution of sodium iodide in liquid anhyd.ous ethyl- 
amine. In the first cell (in which the last trace of water may 
not have been removed) E 298 was 0.8457 v. Two other cells, 
prepared with even greater care, both gave 0.8456, and these 
cells were constant for many days. The variations which are 
usually found with electrodes of solid metal were absent, and in 
the words of the authors, ‘'it was perhaps to be predicted that in 
the case of so soft a metal as sodium such variations would not 
appear.^^ Subtracting 0.0003 to conform to the new inter¬ 
national volt wo have 

(a) Na(s), Na(amalg. 0.206%); E = 0.8453. 

The next step was to determine the electrode potential of 
the same dilute amalgam. It was found that such an amalgam 
would remain unattacked for a short time, in a solution of sodium 
hydroxide, but that after the evolution of hydrogen once began, 
this reaction proceeded with increasing rapidity. By a device 
which permitted the frequent restoration of a fresh amalgam 

1 Lewis and Kraus, /. Am. Chem, Soc., 32, 1459 (1910). 
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surface, a reproducible electromotive force, £ = 2.1749 v., was 
found for the cell Na(amalg. 0.206%),NaOH(0.2M), NaCl(0.2M), 
KC1(0.2 M), N.E. The authors, after correcting for the liquid 
potentials by the method of Lewis and Sargent, obtained a 
value which we now diminish by 0.0006 for the new volt. Hence 

(b) Na(amalg. 0.206%), NaOH(0.2 M) || N.E.; E = 2.1980, 

and taking the activity coefficient of Na'*' in this solution as 
0.756, and combining with Equation 8, we find 

(c) Na(amalg. 0.206%), Na+; E = 1.8673. 

Thus, by adding (a) and (c), we find for the standard potential 
of sodium, 

(d) Na(.s), Na+; E“ = 2.7126. 

The uncertainty in this value resides almost entirely in the 
liquid potentials, and it is very fortunate that in this important 
case we have material for calculating the electrode potential 
without introducing liquid potentials at all. We have already 
referred to the experiments of Allmand and Polack* who used 
several different amalgams in their work. By interpolation we 
find from their measurements 

(e) Na(amalg. 0.206%), NaCl(1.022M), HgCl, Hg; 

E = 2.1582, 

and with (a) 

(f) Na(s), NaCl(1.022 M), HgCl, Hg; E = 3.0035. 

Now taking from Chapter XXVII the activity coefficient of 
NaCl (1.022 M) as 0.650, we find 

(g) Na(s), Na+ || Cl", HgCl, Hg; £“ = 2.9825. 

And finally with Equation 5, 

(h) Na(8), Na+; E“ = 2.7125. 

This value is identical with the one found before, (d), and while 
on account of the uncertainty in the liquid potentials in the former 

■AUmand and Polack, J. Chm. Soc., 118, 1080 (1919). 
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case, the exact agreement seems somewhat fortuitous, it wUl 
increase our confidence in the approximate correctness of other 
determinations of electrode potentials, where the liquid potentials 
have not yet been avoided. From the nearly identical values (d) 
and (h) we write for the standard potential of sodium 

Na(s), Na+; E” = 2.7125. (18) 

K, K+; Li, Li+ and Rb, Rb+. The work of Lewis and 
F. G. Keyes on the potentials of potassium' and lithium,* and 
that of Lewis and Argo on the potential of rubidium* followed an 
entirely similar procedure. In the case of lithium, propylamine 
had to be used as the solvent; and in the case of rubidium, the 
only adequate solvent was a mixture of ethylamine and ammonia 
in a very definite proportion. The results of the several experi¬ 
ments, after correcting for liquid potentials (and calculating to 
the new volt in the case of potassium), are as follows, 

(a) K(s), KOH(0.2026 M) 1| N.E.; E = 3.2531, 

(b) Li(s), LiOH(0.1 M) || N.E.; E = 3.3044, 

(c) Rb(s), RbOH( 0.1 M) || N.E.; E = 3.2715. 

Taking 7 + in the three cases as 0.749, 0.814 and 0.794, 
respectively, and combining with Equation 8 , we find 

K(s), K+; E° = 2.9224, (19) 

Li(s), Li+; E® = 2.9578, (20) 

Rb(s), Rb+; E° = 2.9242. (21) 

Hg, Hg 2 ++. Mercury, although regarded as univalent in 
mercurous salts, exhibits there the curious phenomenon of a 
double ion, which is therefore a bivalent ion. Ogg* was the 
first to prove that the ion of mercurous salts is not Hg+ but 
Hg 2 +‘''. This view was thoroughly corroborated by the work of 
Linhart,® who concluded that even at such low concentrations 
as 0.00005 M the double ion shows no signs of dissociation. 

* Lewis and Keyes, J. Am. Chem. Soe., S4, 119 (1912). 

* Lewis and Keyes, J. Am. Chem Soc., S5, 340 (1913). 

* Lewis and Argo, J. Am. Chem. £loe.,.S7, 1983 (1915). 

« Ogg, Z. phyeik. Chem., 27. 295 (1898). 

* Linhart, J. Am. Chem. Soe., 38 , 2356 (1916). 



418 


THERMODYNAMICS 


Chap. XXX 


It may be that the calculation of Linhart's data which we are 
about to make shows some indication of a dissociation of the 
double ion, but such dissociation, if it exists at all, must be 
slight. 

This investigation illustrates another method of avoiding 
liquid potentials. The cell as studied may be expressed in the 
form, H 2 , HC 104 (xM), HC 104 (:rM) + Hg 2 (C 104 ) 2 (yM), Hg. 
Now if 2 / is made small as compared with Xj the two solutions 
become nearly identical and the liquid potential is negligible. 
It is therefore only necessary to determine the activity of H+ 
in the solution on the left and of Hg 2 ^‘^ in the solution on the 
right, in order to calculate from the measured e.m.f. the value 
of E® for the cell Pt, H 2 , |1 Hg 2 '*^'^, Hg, according to the 

equation, 


E = E° 


0 ^ 5 ^ 5 , ( H +)2 

2 ' ^(Hg2^^r 


When Linhart^s paper was published, the problem of the 
activity of bivalent ions was still somewhat obscure. With the 
aid of certain assumptions he obtained the E® values given in 
the third column of Table 1 , and chose 0.7926 as the average 
of the results in the three most dilute solutions. With the new 
values of activity coefficients at various ionic strengths given in 
our tables, we have been able to calculate new values, assuming 
74 . to be the same for Hg 2 “*'"^ as for other bivalent ions. Thus 


Table 1 


m 

m 


E® 

HCIO 4 

Hg2(CI04)2 

Linhart 


0.0817 

0.002750 

0.001375 

0.7896 

0.7989 

0.0817 

0.000550 

0.000275 

0.7895 

0.7984 

0.0236 

0.000550 

0.000275 

0.7927 

0.7986 

0.0118 

0.0001062 

0.0000531 

0.7929 

0.7978 

0.0060 

0.0001062 

0.0000631 

0.7922 

0.7963 
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we obtain the values of E® given in the last column of the 
table. 

It is evident that it is in the more concentrated solutions 
that the values of E® are approximately constant. The falling 
off in the last two cases is probably to be regarded as the same 
phenomenon which we have noted in the case of every series of 
electromotive force measurements which is carried to high 
dilutions (due to the heightened effect of small experimental 
variations). We shall therefore take the average of the first 
three experiments, and write 

Hg(l), Hg2++; E® = - 0.7986. (22) 

Cd, We have already discussed in Chapter XXVII the 

measurements of Horsch upon the cell Cd(amalg.), CdCl 2 (aq), 
AgCl(electrolytic), Ag; and we have seen that although cadmium 
chloride is a weak salt, his measurements were of such accuracy, 
even in dilute solutions, as to lead to a dependable value of E®, 
namely 0.5700. His measurements were made with silver 
chloride electrodes of the old type, made by electrolytic de¬ 
position, but they were measured against hydrogen in 0.01 M 
HCI; those measurements led to the value Pt, H 2 , || Cl“, 

AgCl(electrolytic), Ag; E® = 0.2258. His other electrode v/as 
not of pure cadmium, but of cadmium amalgam; however, this 
amalgam he compared with pure finely divided cadmium, 
prepared as recommended by Richards and Lewis. ^ He found 
Cd(s), Cd(amalg.); E = 0.0534. Combining all these values we 
find a value for the standard potential which, on account of the 
difficult extrapolation to infinite dilution, can probably be 
regarded as reliable only to about one millivolt, namely, 

Cd(s), Cd++; E® = 0.3976. (23) 

Zn, Zn++. Horsch made some preliminary measurements of 
the cell Zn, ZnS 04 , Hg 2 S 04 , Hg. The measurements at low 
concentrations cannot be at present interpreted because of the 
uncertain effect of the solubility of Hg 2 S 04 . The results at 

* Richards and L^wis, Proc. Am. Aead.t S4,87 (1808); Z. Chem.^ 28, 1, 1890. 
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0«1 M we have already used to help establish the activity co¬ 
efficients of bi-bivalent salts. 

We may therefore proceed to the more accurate series of 
Horsch in which pure finely divided zinc, in zinc chloride of 
several concentrations, was measured against the same silver 
chloride electrodes as were used in his experiments with cadmium. 
His results are given in the following table, omitting cells with 
concentrations below 0.0007 M, which possess little significance. 
The first column gives the molality of zinc chloride; the second, 
the observed e.m.f.; the third, the activity coefficient, which we 
assume to be the same as that of BaCb, and the fourth the 
values of E® calculated upon this assumption. 


Table 2.—e.m.f. op 

THE Cell Zn(8), ZnCl2, AgCl (electrolytic), Ag 

mCZnCb) 

£ 

y 


0.01021 

1.1558 

0.714 

0.9839 

0.006022 

1.1742 

0.757 

0.9843 

0.003112 

1.1953 

0.804 

0.9832 

0.001453 

1.2219 

0.850 

0.9817 

0.001253 

1.2289 

0.854 

0.9831 

0.000772 

1.2475 

0.875 

0.9840 

The lack of any 

trend in the E 

® values shows that, unlike 

cadmium chloride, 

zinc chloride is 

a typical strong electrolyte. 


The individual fluctuations may be in part attributed to some 
inconstancy in the solid zinc electrodes. We shall choose the 
value 0.9839 as the most probable. Once more taking Pt, 
H 2 , H+ 11 Cl~, AgCl(electrolytic), Ag; E® = 0.2258, we have for 
the standard potential of zinc, 

Zn(s), Zn++; E® = 0.7581. (24) 

Cu, Cu+“*’. The first intimation of the extraordinary di¬ 
vergence between the true activity coefficient and that cal- 
culated from conductivity values was contained in the work of 
Lewis and Lacey* on the potential 9 f the copper electrode. 
Their results, however, were not entirely conclusive because of 
a discrepancy which they found between the free energy of 

* Lewis and Lac^y, J, Am, Chem. Soe„ 36, 804 (1014). 
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dilution of copper sulfate, as determined by measurements of 
e.m.f. and of freezing point. This discrepancy we now know to 
be due to the use of mercurous sulfate electrodes, which in 
dilute solutions give erroneous results if the solubility of 
mercurous sulfate is neglected. 

They studied the cell, Cu, CuS 04 (aq), Hg 2 S 04 , Hg, with the 
copper sulfate at 0.05 M and 0.005 M. The first series is the 
only one which we are at present able to use. Nine cells were 
investigated and the average deviation from the mean e.m.f. 
was 0.00023 v. This is very satisfactory for so stiff a metal as 
copper. The finely divided metal was prepared electrolytically, 
and this raised an interesting question which was answered by 
the experiments. During electrolysis the metal is charged with 
hydrogen and there is therefore a possibility that the metal 
might be acting as a hydrogen rather than as a copper electrode. 
To settle this doubt, a small amount of sulfuric acid was added 
to the electrolyte in some experiments, not enough to change 
the e.m.f. if the metal is serving as a copper electrode, but 
enough to change it enormously if it acts as a hydrogen electrode. 
It was found that such addition of acid had no effect upon the 
measurements. 

With 0.05 M CuS 04 the measured e.m.f. was 0.3928 v. 
With 0.005 M CuS 04 the solubility of Hg 2 S 04 changes the 
e.m.f. by nearly 8 millivolts, and it is possible that this effect is 
not entirely negligible at the higher concentration. Therefore 
our final result may be (numerically) too low by several tenths 
of a millivolt. Taking the activity coefficient of 0.05 M CUSO 4 
as 0.216, we find for the above cell E® = 0.2765, and hence, 
combining with Equation 11, 

Cu(s), Cu++; E® = - 0.3448. (25) 

Pb, In spite of several very accurate investigations 

of electromotive force, the electrode potential of lead remains 
somewhat uncertain, because of doubt as to the activity co¬ 
efficients of the lead salts. In the work of Lewis and Brighton^ 
the following cells were measured: 

* Lewis and Brighton, /. Am. Chem. Soe., S9, 1906 (1917;. 
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(a) Pb, Pbl* (s), KI (0.1 M), N.E.; E « 0.5812, 

(b) Pb, Pbl 2 (s), KI (O.OIM), N.E.; E « 0.6277, 

(c) Pb, PbBr 2 (s), KBr(0.1 M), N.E.; E - 0.4979, 

(d) Pb, PbCl 2 (s), KC1(0.1 M), N.E.; E - 0.4862. 

Getman,' measuring a cell analogous to (d), used eleven different solid 
lead electrodes. The average deviation from the mean was 0.0005 v., and 
his average value agrees with the value given in (d) within 0.0002 v. On the 
other hand, he studied some lead electrodes prepared by treating a rod of 
common lead with a concentrated solution of lead acetate. Under these 
circumstances a very peculiar phenomenon occurs. The solid lead disinte¬ 
grates, forming what has been supposed to be a more stable allotropic modifi¬ 
cation, but the results of Getman do not really support this explanation, for 
he found that the lead thus produced had a higher potential than ordinary 
lead. 

We may also mention measurements of Henderson and Stegeman* on the 
cell Pb, PbCbfsat.), D.E., but on account of our lack of knowledge of the 
hquid potential and of the activity coefficient of Pb'*'"'’ in the saturated solution, 
we are unable to use this value for the calculation of the standard potential. 
Another interesting cell studied by these authors was Pb, PbSOiCs), SO 4 , 
Hg 2 S 04 (s), Hg. With a concentrated sulfate solution as electrolyte, this cell 
was found to be extremely constant, £298 * 0.9697, but in this case also it is 
impossible with existing data to employ the result for the calculation of the 
standard potential of lead. 

More recently Gerke has measured the cell 

(e) Pb, PbCl 2 (s), KCl + PbCl*. HgCl, Hg; E = 0.5357. 

All of these measurements were made in two stages, lead 
amalgam being used in the cells, and later compared with pure 
lead. Lead is so soft a metal that this comparison is a very 
accurate one. Lewis and Brighton found that sticks of pure 
lead, some of which were several years old, gave identical values 
with lead freshly prepared by electrolysis. 

In addition there is available a series of measurements by 
Bronsted* on the cell Pb, PbCLCaq), AgCl, Ag, which cannot be 
employed for the absolute determination of the standard lead 
potential, because the silver chloride electrodes were of the old 

1 Getman, J. Am. Chem. Soe., 38, 722 (1916); 40. 611 (1918). 

* Handenon and Stegeman, /. Am, Chan. Soe., 40, 84 (1918), 

•BrOnMad, Z, Chem., 50, 645 (1906). 
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type, but which are of great service in helping to determine the 
activity coefficient of lead chloride. 

It has long been known from conductivity measurements, and 
otherwise, that lead halides are distinctly weak electrolytes. For 
this reason Lewis and Brighton based their determination of 
the potential of the lead electrode upon measurements with lead 
iodide, which is so insoluble that the activity coefficient in the 
saturated solution might be assumed to be nearly normal. 
They say, “The only chance of error in our value for the normal 
lead potential hes in the possibility that even in so dilute a 
solution as that of lead iodide in water, the ordinary methods of 
calculating the solubility product may be slightly incorrect.” 
In fact, the new calculations which we are about to outline show 
that lead iodide is one of the weakest uni-bivalent salts which 
has so far been investigated, and that even in the saturated 
solution, which is only 0.00165 M, the activity coefficient is 
still surprisingly low. 

By the methods which we have already fully illustrated, we 
may employ the results of Bronsted, which we have here inter¬ 
polated to 25°C, to determine the activity coefficient of lead 
chloride at various concentrations. We shall not take the 
space to describe these calculations in detail, but merely give 
the results in Table 3. 

Table 3.—Activity Coefficient of Lead Chloride. 

m . 0.001 0.002 0.005 0 01 0.02 0.039 

7. 0 81 0.74 0.63 0.55 0.47 0.39 

A comparison of these values with those of Table XXVII —11 
shows that lead chloride is nearly as weak a salt as cadmium 
chloride. 

Now in cell (e), in which the same electrolyte is in contact 
with both electrodes, the cell process consists solely in the 
formation of solid lead chloride and mercury from lead and 
calomel. We may therefore write E = E® - {RT/2F) In 02 , 
where 02 = 4(my)® is the activity of saturated PbCU. The 
solubility, m, is 0.0390 and 7 we see from the Table to be 0.39, 
hence, 
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(f) Pb, II Cl- HgCl, Hg; * 0.392, 
or 

(g) Pb, Pb++; W = 0 . 122 . 

With this value we may now calculate from cell (a), where 
the liquid potential is entirely negligible, the activity of Pb^"^; 
and knowing the activity of I~ we may further calculate for 
saturated Pbl 2 , and the value of 7 in that solution which thus 
proves to be 0.71. Therefore in its activity coefficient lead 
iodide lies nearly as much below cadmium chloride as the latter 
does below barium chloride. 

The same calculation with cell (b) requires a slight correction 
for the liquid potential, and for the increase of I- due to the 
solubility of Pbl 2 . Making a reasonable assumption as to the 
latter, we are led to an almost identical value of 7 for saturated 
Pblj. 

A similar calculation of the activity coefficient in saturated 
PbBr 2 may be made from cell (c), but the greater solubility of 
the bromide makes the calculation uncertain. We find, however, 
that the activity coefficient of this salt must be very near to 
that of cadmium chloride. 

The electrode potential of lead could be obtained with great 
accuracy, either by finding the activity coefficient of PbCU, 
through freezing point measurements, and combining with 
measurement (e), or by using lead perchlorate in the same type 
of cell as was studied by Linhart in the case of mercury. In the 
meantime we may use the value obtained above, 

Pb(s), Pb^-^; = 0 . 122 . (26) 

Sn, With the same accuracy as was obtained in the 

case of lead we may obtain the electrode potential of tin, for 
Noyes and Toabe^ have obtained the equilibrium between Pb, 
Sn, Pb(C 104)2 and Sn(C 104)2 with a high degree of accuracy. 
The ratio at 25®C of the tin salt to the lead salt was found to be 
constant at 2.98, showing that in the various mixtures the 
activity coefficients of the two salts are the same. Hence the 

> Noyes and Toabe, J, Am, Chem. Soc., 39, 1537 (1917). 
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electrode potential of tin is higher than that of lead by 0.0140 
± 0.0001 V. Hence 

Sn(s), Sn-H-; E“ = 0.136. (27) 

Fe, Fe**^. One of the most important of all standard electrode 
potentials is that of iron, and yet its experimental determination 
presents the greatest difficulties. It is a metal in which condi¬ 
tions of strain in the surface, when once established, will persist 
almost indefinitely; at ordinary temperatures the transition 
between the several modifications of iron is too slow to permit 
the attainment of equilibrium; the surface may easily be affected 
by dissolved or adsorbed hydrogen; finally this metal exhibits 
in marked degree the phenomenon of passivity. 

Richards and Behr‘ made an exhaustive study of the difference 
in potential of various kinds of iron, differing in mode of prepa¬ 
ration and in mechanical and thermal treatment. Enormous 
differences were obtained, but with the use of finely divided 
reduced iron it was found possible to obtain constancy within about 
one centivolt, and with this form of iron they found 0.79 volts 
for the cell Fe, FeSOiCO.S M), KC1(0.1 M), HgCl, Hg. Because 
of the large liquid potential involved, and because of the unknown 
activity of Fe++ in this concentrated solution, it is impossible 
to calculate from this measurement a value of the standard 
electrode potential. 

A more recent and as yet uncompleted investigation of 
Hampton has shown that finely divided iron prepared in several 
ways gives approximately the same e.m.f. His measurements 
of the cell Fe, FeCl 2 (aq), HgCl, Hg (assuming 7 to be the same 
as for BaClj) led to a value of E® = 0.711, which can hardly be 
in error by more than a few millivolts. This value combined 
with Equation 5 gives 

Fe( 8 ), Fe++; E® = 0.441. (28) 

Pt, Cl~, CU(g). Turning now to a consideration of the non- 
metallic elements, we must note in the first place that, in con¬ 
formity with our conventions, the electrode process here indicated 

> Richards and Behr, Z. phytik, Chem., 58 , 301 (1007). 
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is the one in which the negative current passes to the electrode 
from right to left. The reaction indicated is therefore, per 
equivalent, Cl~ = + E~. 

An inert electrode, such as platinum-iridium, in the presence 
of chlorine and chloride ion, each at a fixed activity, gives 
readily a reversible electromotive force. In the measurements of 
Muller^ the cell was H 2 (g), HCl(aq), CUCg). The electromotive 
force was constant and reproducible, but the values of E® 
Ci rculated from his measurements at various concentrations 
vary enormously. Muller himself recognized that the dis¬ 
crepancies must be due to reactions between chlorine and the 
electrolyte, which affect the activity of Cl”" in two ways, (1) by 
the formation of tri-chloride ion, C )2 + Cl” = CI 3 "", and (2) by 
hydrolysis, CI 2 + H 2 O = HOCl + H+ + Cl”. 

Lewis and Rupert^ found it possible to make both of these 
disturbing factors negligible by using a small partial pressure of 
chlorine at the electrode. They employed the cell Hg, HgCl, 
HC1(0.1 M), CLCg) in which the chlorine gas was diluted with 
varying amounts of air, the total pressure being about 1 atmos. 
In a series of 13 measurements, in which the partial pressure of 
the chlorine ranged from 0.003 to 0.05 atmos., they obtained 
E® = 1.0896, with an average deviation of 0.0002. This is 
based on the assumption that the activity of the chlorine gas is 
equal to its partial pressure. Calculating to unit activity (see 
Exercise XIX-5) we must raise E® by 0.0001 v., to 1.0897. 

In this cell, where the pressure of the chlorine is sufficiently 
reduced so that the electrolyte is the same at both electrodes, 
the cell process is merely the formation of calomel from its 
elements, and E must be independent of the concentration of 
the hydrochloric acid. We may therefore write Hg, HgCl, Cl”, 
CLCg); E® = 1,0897, or, in the new volt, E® = 1.0894. Com¬ 
bining with Equation 5 we therefore find 

Pt,Cl”,Cl2(g);E® = T 1-3594. (29) 

Pt, Br”, Br2(l). The potential of the bromine electrode has 


1 Muller. Z, phyaik. Chem., 40 , 158 (1002). 

^ Lewis ftnd Rupert, J. Am. Chem. Soc.^ 3S, 299 (1011). 
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been extensively investigated by Lewis and Storch^ Their 
best series of measurements was made with the cell H 2 , HBr(aq), 
Br 2 (aq). Here, as in the case of chlorine, the cell is complicated 
by a reaction between bromine and the electrolyte. In this case 
the tendency to hydrolyze is small, and the hydrolysis can be 
entirely ignored in the acid solutions which were employed. 
On the other hand, the formation of tri-bromide is very appreci¬ 
able, and must be corrected for. The concentration of bromine 
was kept small and its activity was fixed by shaking the solutions 
with a known solution of bromine in carbon tetrachloride. 
From the dissociation constant of tri-bromide the concentration 
of bromide as such was determined. 

In their measurements the concentration of bromine was 
varied over wide limits, and the concentration of hydrobromic 
acid ranged from 0.01 to 0.1 M. Repeating their whole calcu¬ 
lation, except that we use the very slightly different activity 
coefficients given for HCl in Table XXVI-4, we obtain an 
average E° of 1.0870, with an average deviation of 0.0003. 
Within these limits of error we may take this average as the 
standard e.m.f. of the cell Pt, H 2 , H“^ \\ Br*^, Br 2 (aq), Pt. 

Lewis and Storch found the difference in potential between 
bromine in water and liquid bromine as Br 2 (aq), Br“, Br 2 (l); 
E° = — 0.0211. Combining this with the above value, we 
find for the standard potential of liquid bromine 

Pt, Br- Br2(l); E*^ = - 1.0659. (30) 

Pt, I“, l 2 (s). The potential of the iodine electrode was 
established within a few millivolts by the work of Sammet- 
and of Maitland®. The numerous and careful measurements 
of the latter author will certainly determine the potential 
much more accurately than this, given the activity of the 
various substances involved in his work. However, ten years 
ago these activities were unknown, and Lewis and Faragher^ 

1 Lewis and Storch, J. Am. Chem. Soe., S9, 2644 (1917). 

’Sammet, Z. physik. Chem.f 53, 641 (1905). 

« Maitland, Z. EUktrochtm., 12, 263 (1906). 

«Lewis and Faragher. This work has not been published, but see Lewis and Eandall, 
/ Am. Chem. Soc., 36, 2259 (1914). 
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undertook a redetermination of the standard iodine potential. 
They attempted to eliminate this uncertainty by making a 
series of measurements with increasing dilution of electrolyte, 
and extrapolating to infinite dilution. This led nearer to the 
E® value which we are about to obtain, but such a method 
always has the disadvantage of giving the greatest weight to 
measurements in the dilute solution, where the experimental 
accuracy is least. 

We are now, with the aid of our new tables of activity co¬ 
efficients, in a position to utilize more directly the experimental 
data of Faragher and those of Maitland at his lowest con¬ 
centration (0.1 M). Maitland shook 0.1 M KI with a solution 
of carbon tetrachloride containing known amounts of iodine 
and thus obtained material for determining the ratio of the 
activity of I 2 in the solution to that of a solution saturated with 
solid iodine. A certain fraction of the potassium iodide was 
thus converted into tri-iodide, without, however, changing the 
ionic strength, n =0.1. Knowing the concentration of I 2 as 
such, and measuring the total free iodine, he calculated the 
concentration of tri-iodide and hence the concentration of 
uncombined iodide. His results for the cell N.E., KI + KI 3 
(m = 0.1), Pt, are given in the following table. 


Tabli*; 4 


KI -h KI, 

Degree of 
Saturation 
of I, 

KI 

£ 

E® 

0.1 

0.3127 

0.0674 

0.3100 

0.2530 

0.1 

0.1383 

0.0881 

0.2970 

0.2541 

0.1 

0.0686 

0.0938 

0.2865 

0.2542 

0.1 

0.0338 

0.0968 

0.2763 

0.2539 


The second column gives the ratio of the activity of I 2 to that 
of a solution saturated with solid iodine, and the third gives the 
(stoichiometrical) concentration of the iodide left after the tri¬ 
iodide formation. Multiplying this column by the activity 
coefficient of I~ when m = 0.1, namely, 0.794, we obtain the 
activity of I~. The fourth column gives the measured e.m.f.; 
and the last column, for the cell N,E., 1 “”, 12(8). The liquid 
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potential is negligible. Except in the first case, where the 
uncertainties in the determination of the third column are 
largest, there is good agreement. (The value of E®, calculated 
by Maitland himself, was 0.2569.) 

The measurements of Lewis and Faragher were very similar, 
except that they employed solutions of potassium chloride to 
which were added small amounts of potassium iodide, and still 
smaller amounts of iodine, which were fixed by shaking with 
standard tetrachloride solution. The results are given in 
Table 5, where the first column gives the molality of KCl; the 
second, that of added KI; the third, total free iodine by analysis; 
the fourth, the free iodide; the fifth, the relative activity of the 
iodine; the sixth, the measured electromotive force; and the last 
gives the values against N.E. of E® for the cell with solid iodine. 
In obtaining these values it is to be noted that the ionic strengths 
are in the three cases, respectively, 0.1031, 0.0431 and 0.0131, 
whence by interpolation of Table XXVIII-8 the activity co¬ 
efficients of are 0.792, 0.857 and 0.915. Moreover, in the 
last two cases there are small liquid potentials between 0.1 M 
KCl and the two more dilute solutions, amounting by the Nernst 
formula to 0.0004 and 0.0007 v., which must be added to the 
observed value of E. 


KCl 

KI + KI, 

L 

Table 5 

KI 

Degree of 
Saturation 

£ 

E® 

0.1 

0.003113 

0.000595 

0.00274 

of U 

0.1411 

0.3862 

0.2539 

0.04 

0.003113 

0.000588 

0.00273 

0.1411 

0.3840 

0.2539 

0.01 

0.003113 

0.000589 

0.00272 

0.1411 

0.3820 

0.2538 


These values of E® are in perfect agreement with those of 
Table 4. Eliminating the normal electrode by Equation 8, we 
have for the standard electrode potential Pt, I”*, laCs); E® * 
- 0.5361. 

Although the agreement between the values which we have 
just obtained is entirely satisfactory, the work of Maitland 
and of Lewis and Faragher was so nearly the same that any 
error of calculation would affect both equally. Fortunately we 
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now have material for a completely independent determination. 
In the hitherto unpublished work to which we have already 
referred, Gerke has investigated the cell Pb(s), Pblj(s), Pb(C 104)2 
(aq), Pbl*(s), l 2 (s), and has found E = 0.8994. This cell was 
designed to give solely the reaction Pb(8) + 12 ( 3 ) = Pbl 2 (s). 
It therefore gives the same e.m.f. as the hypothetical cell Pb(s), 
Pbl 2 (s), KI(O.lM), l 2 (s), if such a cell could be constructed 
without reaction between the iodine and potassium iodide. 
Now we have already spoken of the cell measured by Lewis and 
Brighton, Pb(s), Pbl 2 ( 8 ), KI( 0.1 M) H N.E.; E = 0.5812. 
Merely by subtracting the values of E for these two cells, we 
find l 2 (s), KI (0.1 M) II N.E.; E = - 0.3182, and taking the 
activity coefficient of 1“ as 0.794, we have l 2 (s), I~ || N.E.; 
E° = — 0.2531, or with Equation 8, Pt, I“, l 2 (s); E° = 
- 0.5353. 

Of these two methods of determining the standard potential 
of iodine, which differ by 0.0008v., it is probable that the 
second is more reliable. We shall, however, merely take the 
average and write 

Pt, r-, l2(s); E° = - 0.5357. (31) 

Standard Potentials in Non-Aqueous Solvents. Existing data 
do not suffice for any extensive calculation of standard electrode 
potentials in solvents other than water. Neither the electro¬ 
motive forces nor the activity coefficients have been adequately 
studied. It has sometimes l)een supposed that the potential 
of a metal against a solution of one of its salts at some fixed 
concentration, this concentration being very small, would be 
the same in different solvents; but this is very far from being 
the case. The potential of silver against silver ion will be the 
same for all electrol 3 rtes in which the fugacity of silver ion is 
the same, but, owing to our definition of activity, and the choice 
of a different standard state for each different solvent, the 
potential of silver against silver ion at unit activity will not be 
the same in two different solvents unless the distribution coef¬ 
ficient of silver ion between the two solvents shotild happen to 
be unity. 
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Change op Single Electrode Potentials with 
Temperature, and Individual Ionic Heat Contents 

Let us consider once more the cell Pt, Hj, H+ 1| Cl~, HgCl, 
Hg, and the corresponding cell process J 4 H 2 + HgCl = Hg + 
H+ + Cl“. We have previously obtained E° 2«8 = 0.2700. In 
Chapter XXIX we have found, for this cell, AHjss (the same for 
any dilute solut on) to be — 8291. Such a value, if determined 
calorimetrically, enables us to calculate, by the Gibbs-Helmholtz 
equation, the temperature coefficient of electromotive force. 
Conversely it may be determined from measured values of the 
temperature coefficient. Indeed we have seen that the latter 
method permits a far more accurate determination of AH than 
can be obtained by ordinary calorimetry. 

Now let us divide the above cell into the two half-cells, (a) 
Pt, H*, H+, and (b) Cl”, HgCl, Hg. The corresponding 
electrode reactions are (a) = H+ -f E”, and (b) HgCl 

-I- E” = Cl” + Hg. Then applying the Gibbs-Helmholtz equa¬ 
tion to each electrode, we write 

where E is the single electrode potential, and dE/dT is its 
temperature coefficient; while A// is the heat of the single 
electrode reaction. Now AH for the separate electrode reactions 
is something which we do not know. All that we know is the 
sum of the two values of A//, which, as we have stated, is 
- 8291 cal. 

However, by choosing an arbitrary value of AH for one such 
electrode reaction, we may obtain the other by difference, and 
so proceed to obtain the values of AH for numerous other 
electrode reactions. Indeed we have already made that choice 
by deciding to make E® = 0, at all temperatures, for the hydro¬ 
gen electrode (a). Hence Equation 32 forces us to choose for 
the electrode reaction (a), AH = 0 (and also ACp = 0). Con¬ 
sequently we may write for (b) 

HgCl + E- * Cl- + Hg; AH,o, = - 8291. 
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In the same manner thermoch^mical measurements give 

+ J^CIa(g) « + Ch; A //298 = - 39590. 

Or once'more taking the heat of formation of hydrogen ion as 
zero, we find. 

MCU(g) + E- = Cl-; A//298 = - 39590. 

Using this value of Aff with Equations 29 and 32, we could 
obtain at once the temperature coefficient of the chlorine 
potential. 

Knowing the heat of formation of aqueous sodium chloride 
or zinc chloride, we could subtract the heat of formation of 
chloride ion and obtain that of sodium or zinc ion. Proceeding * 
in this manner, it is possible to obtain a very useful table of the 
heats of formation of important ions.^ 

We had indeed contemplated the preparation of such a table, 
but the heats of reaction now available differ so greatly in 
accuracy (the probable error ranging fr6m less than one calorie 
to Inore than ten thousand) that we have felt that such a table 
would be too misleading, unless we should go more fully than is 
desirable into the sources of error attending the several measure¬ 
ments. New determinations carried on both electrometrically 
and calorimetrically, which would furnish us an adequate table 
of this character, constitute one of the most important tasks of 
applied thermodynamics. 


Summary 

For the sake of ready reference, we have brought together in 
three tables the numerous results which we have obtained in 
this chapter. In order to show the advance which has been 
made in this field, and which has been due in part to more 
improved experimental measurements, and in part to a more 
precise knowledge of ion activities, we give side by side in Table 
6 the results published by Wilsraore* in 1900, by Abegg, Auerbach 

i See Oetwald, ‘*Lehrbuch der allffemeinen Cbemie", H-l. p. 965, Engelinaiiii, Leipsig, 1893. 

’ Wilfmpre, Z. Chem., SB, 291 (1900) 
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and Luther^ in 1911, and those which we have calculated in 
this chapter, chiefly from the measurements of Lewis and of 
those who have worked with him in this field, namely, Sargent, 
von Ende, Kraus, Rupert, F. G. Keyes, Lacey, Faragha-, Argo, 
Linhart, Brighton, Sebastian, Storch, Horsch, Hampton, Buehrer 
and Gerke. It is to be noted that the value for tin is based 
solely on the measurements of Noyes and Toabe, that the value 
for silver depends on the measurements of Noyes and Brann, 
which corroborate the earlier work of Lewis, and that the values 
for oxygen and sulfur are not based directly upon measurements 
of electromotive force, but are obtained indirectly by methods 
which we shall discuss in later chapters. 

• In Table 7 we calculate from the new values of electrode 


Table 6 .— Single Electrode Potentials of the Elements at 25®C 



Wilsmore 

Abe^. 

Auerbacn and 

Lewis and 
Associates 


(1900) 

Luther (1911) 

(1921) 

Li, Li+ 


2.7 

2.9578 

Rb, Rb+ 



2.9242 

K, K+ 

(3.20) 

3.2 

2.9224 

Na, Na-»- 

(2.82) 

2.8 

2.7125 

Zn, Zn++. 

0.770 

0.76 

0.7581 

Fe, Fe++ 

0.340 

0.43 

0.441 

Cd, Cd++ 

0.420 

0.40 

0.3976 

Tl, T1+ 

0.322 

0 32 

0.3363 

^n, Sn+-»* 

<0.192 

0.10 

0.136 

Pb, Pb++ 

0.148 

0.12 

0.122 

Fe,* Fe^++ 


0 04 

0.045 

Pt, H„ H+ 

0 

0 

0 

Cu, 

-0.329 

-0.34 

-0.3448 

Hg, 

<-0.750 

-0.86 

-0.7986 

Ag, Ag^ 

<-0.771 

-0.80 

-0.7995 

Pt, S—, S(rhomb.) 



0.51 

Pt, OH“ O 2 

00 

0 

1 

-0.41 

-0.3976 

Pt, I- I2(S) 

-0 520 

-0.54 

-0.5357 

Pt, Br’*, Br 2 (l) 

-0.993 

-1.08 

-1.0659 

Pt, Cl- CU(g) 

-1 417 

-1 35 

-1.3594 


lAbegg, Auerbach and Luther, ‘‘MeaaunKen elektromotoriacher Kr&fte galvanaicher 
Ketten,*^bhandlungen derdeutachen Bunaengeaellschaft, No. 5. Halle, 1911. 
tSee page 411. 
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potentials the free energy of formation of the corresponding 
elementary ions. 

In Table 8 the electrode potentials and the free energy change 
in the corresponding electrode reactions arc given for a number of 
reference electrodes. 


Table 7. —Free Energy of Electrode Reactions at 25°C (per 

Equivalent) 


Reaction 



Reaction 


Li = Li+ + E- 

-68248 

y2ih 

- + E- 

0 

Rb - Rb+ + E- 

-67473 

HCu 

- J^Cu++ + E- 

7956 

K - K+ + E- 

-67431 

Hg 

= + E- 

18427 

Na - Na+ + E" 

-62588 

Ag 

= Ag+ + E- 

18448 

MZn - HZn++ + E- 

-17492 




- HFe++ + E" 

-10175 

ys- 

= /^S(rhonib.) + E~ 

-11700 

J^Cd - KCd++ + E- 

- 9174 

011- 

= + J^HaO + E' 

- 9175 

T1 - T1+ + E- 

- 7760 

1- 

■= Hl.(s) + E- 

12361 

- HSn++ + E- 

- 3138 

Br- 

= J^Bra(l) + E- 

24595 

)^Pb = + E- 

- 2815 

Cl" 

- + E- 

31367 

HFe = + E" 

- 1040 




Table S.— Reference Electrodes 


Electrode 



Reaction 


Pt, Hi. 0 


HHi - H+ -f E" 

0 

Hg, HgCl, Cr -0.2700 


Hg + cr - HgCl + E" 

6230 

Ag, AgCl, Cr -0.2245 


\g 4- cr - AgCl + E" 

5180 

Hg. Hg*S04. S04 — -0.6213 


Hg 4- HSO 4 -" =* l^HgSOi 4- E" 

14336 

Pt,Hi, OH" 0.8280 


Hil* 4- OH" - HiO(I) 4- E" 

-19106 


Hg. HgO, OH” -0.0984 HHg + OH" - HHgO + HHiO + E” 2270 

D.E. -0.3361 

N.E, -0.2822 
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THE THIRD LAW OF THERMODYNAMICS 

Up to this point it has been our purpose to develop as fully 
as possible the science which may be called classical ther¬ 
modynamics, and which consists in a study of the consequences 
and applications of the first and second laws. It has seemed 
desirable to build broadly upon these two principles, which are 
universally accepted, before introducing certain other principles 
of more recent discovery, the validity of which has not yet 
been so completely demonstrated. Nevertheless there are two 
of these principles which we believe will ultimately secure the 
same degree of credence as the classical laws of thermc iynamics, 
and these two principles respectively will engage our attention 
in this chapter and the next. 

The Integration Constant of the Free Energy Equation 

Some method of calculating the driving force of a chemical 
reaction from purely thermal data has long been sought. By 
such a formula as Equation XV-9 we see that the change of free 
energy in a reaction may be expressed as a series of terms, 
every one of which is obtained from measurements of heats of 
reaction or of specific heats, except the one involving 7, the 
constant of integration. If in turn this constant could be 
evaluated from the known physical and chemical properties of 
the substances involved in the reaction, without the necessity of 
studying an equilibrium, the problem would be solved. 

Le ChatelierS in his great Memoir of 1888, integrated the free 
energy equation,* and stated very clearly the problem of the 
integration constant. ‘‘It is highly probable that the constant 

> Le Chatelief, Ann . Mines ^ 13, 157 (ISSSi). 
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of integration is a determinate function of certain physical 
properties of the substances in question. The determination of 
the nature of this function would lead to a complete knowledge of 
the laws of equilibrium. It would permit us to determine a priori, 
independently of any new experimental data, the full conditions 
of equilibrium corresponding to a given chemical reaction.^' 

♦ Le Chatelier showed that if a chemical reaction is equivalent 
to the sum of two other reactions its constant of integration will 
be the sum of their integration constants. Thus the constant 
of any complex chemical reaction ^'can be obtained from the 
constants relating to phenomena of simple dissociation • • • and 
of vaporization. 

He predicted that reactions of the same type would have the 
same integration constants. Thus for the process of vaporization 
of liquids this assumption leads to the generalization commonly 
known as Trouton’s rule. Also for a number of dissociations 
which involve solid and gaseous substances he found approx¬ 
imately equal values of the constants of integration; and finally 
he predicted that for homogeneous gaseous reactions of similar 
character, such as the union of hydrogen with the several 
halogens, measurements would lead to very nearly equal 
constants—a prediction which has been abundantly verified by 
recent experiment.* 

Unfortunately, owing to the inaccessibility of the journal in 
which Le Chatelier’s paper was published, his study of the 
integration constant was for a long time overlooked, until in 
1906 his methods were revived by Nernst in his work on the 
so-called chemical constants. 

In 1899 the free energy equation was again investigated by 
Lewis, ^ with a view to ascertaining what relationship exists 
between the constant of integration and the change of heat 
capacity in a reaction. That such a relationship must exist 
was manifest, but except for a few cases in which the constant 
I was predicted and found to be approximately equal to zero, the 
available data seemed inadequate for a precise formulation of 
the relations sought. 

J Lewi*. Proc. Am. Acad., S5, 3 (1899). Z, phyaik. Chem., 32. 364 (1900). 
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However, Richards^ further pursuing this investigation, found 
a study of the free energy and heat changes in a number of 
galvanic cells to yield results of great interest. His evidence 
showed that in a great many cells the two quantities, AF and Aff, 
approach each other rapidly as the temperature is lowered, and 
in a manner exemplified in Figure 1. According to his curves, 
d{AF)/dT and d{AH)/dT not only are opposite in sign but both 
rapidly approach zero as the absolute zero of temperature is 
approached. Now we see from Equations XV-3 and IX-2 that 
d{AF)/dT = - AS, and d{AH)/dT = ACp, so that, in almost 
every cell studied, the available experimental material showed 
the change in heat capacity and the change in entropy to be 
equal to zero at the absolute zero of temperature. Thus, except 



Figure 1. 


for the fact that these cells involved solutions, the curves pre¬ 
sented by Richards very nearly imply the generalizations which 
were later to be embodied in the third law of thermodynamics. 

In a paper by van't Hoff* the results of Lewis and Richards 
were further discussed, and the probable form of the free energy 
curve in the neighborhood of the absolute zero was again 
examined. He thus obtained a rule which will later be seen to 
be a limited form, or a corollary, of the third law of thermody¬ 
namics. It states that when two forms (solid or liquid) of 
a substance exist, the one with the larger specific heat is the one 
which is stable at higher temperatures. 


I Richards. Z. physic. Chem„ 42.129 (1902). 

’ van*t Hoff, ** HQltsmann p, 233, Barth, Leipsig, 1904, 
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HaberS dealing with gas reactions, considered at length the 
nature of the thermodynamically undertermined constant 7. 
He concluded, in the case of gas reactions in which there is no 
change in the number of molecules (in which therefore ACp 
ordinarily is small), that I is zero. We shall find, however, 
that this rule is probably not exact. • 

All of these attempts to secure information regarding free 
energy from other than equilibrium data were brought to a focus 
in the important paper of Nernst®, ‘'Ueber die Berechnung 
chemischer Gleichgewichtc aus thermischer Messungen.^' Here 
he announced the general principle that in any chemical reaction 
between solid or liquid substances, d{AH)/dT and d(AF)/dT 
approach zero (tangentially) at the absolute zero of temperature. 
While we shall show that this principle is only true after some 
serious limitations, it may be regarded as the basis of the fun¬ 
damental generalization which will be known as the third law 
of thermodynamics. 

Aside from the question of the limitations to which we have 
referred, Nernst, in attempting the calculation of chemical 
equilibrium, employed certain additional assumptions regarding 
specific heats, which at best could not be expected to possess more 
than approximate validity. He was thus led to the use of 
certain quantities called ‘‘chemical constants^' to which we shall 
turn later. In the meantime we may give our attention to 
the simple principle stated above, free from the other extraneous 
portions of the Nernst heat theorem. 

Heat Capacity and Entropy at the Absolute Zero 

The two principles announced by Nernst for condensed 
systems (systems containing no gaseous phase) are obviously 
equivalent to the statement that, for any reaction in such systems. 
ACp and AS both approach zero asymptotically at the absolute 
zero of temperature. 

In order to explain the vanishing of ACp, he assumed that the 

^ Haber, '* Thermodynamik techniacher Gaareactionen,” Oldenbourg. Mtinohen. 1905. 
English translation by Lamb, liongmans, Green and Co., New York tnd London, 100$. 

* Nernst, Naehr, kgl, 0€9, Wts«., OOttingen. Math^^phyHk. Xlaue, 1S06, 1. 
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heat capacity of solids and liquids approached the same finite 
value per atom at the absolute zero. As we have seen in Chapter 
VII, Einstein predicted that heat capacities would approach not 
a finite but a zero value with diminishing temperature We 
have also seen that that prediction has been abundantly verified 
by experiment, and although the experimental values do not 
obey the simple equation suggested by Elinstein, they show 
that, in all cases so far investigated, the heat capacity falls off 
with such rapidity that not only Cv but also Cv/T approaches 
zero. 

However, for the formulation of the third law which we are 
going to offer, it is only necessary to assume that for every solid 
or liquid, as an empirical law, 

when T = 0; Cd - 0; ^ is zero or finite. (1) 



Figure 2. 

An Important Corollary, We have seen by Equation XIII-4 
that the difference between the entropy of a substance at two 
different temperatures is given by the equation 

j dS = j Cvd In T = dT. 

In order therefore to evaluate such a change of entropy, we 
may plot Cp against In T as in Chapter XIII, and obtain the 
area under the curve between two temperatures. Or, if we pre¬ 
fer, we may plot Cv/T against T and obtain the area under 
this curve. Now by (1), the area under the curve so plotted 
must be finite, and therefore the change in entropy from any 
finite temperature to the absolute zero is a finite quantity. 
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(See, for example, Figure 2, .which shows the curve of Cv/T 
against T for metallic copper.) 

Entropies at the Absolute Zero. The second part of Nernst’s 
principle is equivalent to the statement that in any reaction, 
involving only solids and liquids, the entropy change becomes 
zero at the absolute zero. Or at T =0 the entropies are additive, 
in the sense that the entropy of a compound is the sum of the 
entropies of its elements. Before discussing, the necessary 
modifications of this statement, we may consider the very 
interesting interpretation offered by Planck,^ who stated that 
the entropy of every solid or liquid may be taken as zero at the 
absolute zero of temperature. 

We have seen in Chapter XIII that the value of the entropy 
of any one substance at any one temperature may be arbitrarily 
chosen. We now see that if So is taken as zero for rhombic 
sulfur, and if there is no change in entropy in passing at the 
absolute zero from rhombic sulfur to monoclinic sulfur, then 
also for the latter So = 0. So likewise if we choose to write 
aSo = 0 for lead and for iodine, and if there is no change of entropy 
in the formation of lead iodide from its elements at the absolute 
zero, we must also write for lead iodide So = 0. 

Limitations op the Nernst Principle 

Solutions. One of the first questions to arise concerning the 
additivity of the entropies at the absolute zero was the question 
as to the applicability of this principle to solutions. Can a solid 
solution, or a supercooled liquid solution such as ordinary glass, 
be assigned zero entropy at the absolute zero?y^^nck^ answered 
this question in the negative. Indeed if we consider a perfect 
solution, the entropy change in producing one mol of the mixture 
from the two pure constituents is given by the equation (see 
Exercise XIX-3), 

A/S « - Nii? In Ni - N 2 R In N 2 , 

* PUnok, B«r. deut. chem. Oea., 45» 5 (1912). 

’Planck, **Thermodynainik,*’ 3rd Ed., p. 279, Veit and Co., Leipsig, 1911. 
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where Ni and N 2 are the two mol fractions. For an equimolal 
mixture in which Ni ~ N 2 =* 0.5, 

AS = In 2 « 1.4 cal. per degree. 

Now if the solution remains perfect down to the absolute 
zero, this same entropy difference will persist, and taking So 
~ 0 for the pure components, we should find So == 1.4 for one 
mol of the mixture. On the other hand, since solutions ordinarily 
become less perfect with diminishing temperature, it might be 
assumed that this departure from the perfect solution would 
manifest itself in such manner as to reduce AS to zero at the 
absolute zero. 

Let us see how this might occur. According to Equation 
XII-8, d{AS)/dT = ACpjTf where ACp is the difference between 
the heat capacity of the solution and that of its pure constituents. 
This is zero for a perfect solution. In order that AS should 
diminish with diminishing temperature, ACp must depart from 
zero and acquire a positive value. 

In order to test this point experimentally, Gibson, Parks and 
Latimer^ have made a careful study of the specific heats of 
supercooled ethyl alcohol, propyl alcohol, and their equimolal 
mixture, from room temperature down to 86®K. Throughout 
this range they found no appreciable difference between the 
heat capacity of the mixture and the sum of the heat capacities 
of the pure constituents. 

It is true a difference might appear at still lower temperatures, but it 
was pointed out by Lewis and Gibson* that even if this phenomenon were 
to occur in some solutions, it could hardly occur in such a way as to reduce 
ASo to zero for all types of solutions. Thus with a mixture of two almost 
identical organic isomers we should expect ACp to be nearly zero, and 
therefore AS to be nearly constant, over a wide range of temperature. This 
reasonable surmise becomes a conviction when we consider the extreme 
case of a mixture of two‘isotopes. Here we have substances which are so 
nearly identical in properties that as yet no way has been found for bring¬ 
ing >bout thefr separation. We even know isotopes which have not only 
the same atomic number but also the same atomic weight. It seems hardly 
conceivable that two such isotopes would suffer any measurable change in 

* Gibson, Parks and Latimer, J. Am. Chem. Soe., 42, 1542 (1920). 

* Lewis and Gibson, J. ^m. Chem. Soc.^ 42, 1529 (1920). 
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heat capacity on mixing, and therefore we must conclude that in such a 
case the entropy change on mixing remains essentially constant down to 
the absolute zero. 

In fact one such solution has already been thoroughly investigated. 
Ordinary lead is known to be a mixture of isotopes, and yet its specific 
heat at low temperatures follows quantitatively the course that would be 
predicted from the behavior of other metals. 

Failure of the Nemst Principle in the Case of Liquids. The 

conclusion that the additivity of entropies is invalid for solutions 
led Lewis and Gibson to a further conclusion which is of vital 
importance in the interpretation of the entropy principle. We 
may quote their words. 

“The distinction between a pure liquid and a solution is in 
some measure artificial. Thus water is probably composed of 
several molecular species, including simple molecules, various 
types of associated molecules, together with hydrogen and hy¬ 
droxide ions. Yet water is regarded as a pure substance, since at 
ordinary temperatures the establishment of equilibrium between 
these various types of molecules is so rapid that water, in the 
condition in which we know it, can be formed instantly from a 
single molecular species. This might not be the case, however, 
if we could cool water to a very low temperature where the several 
molecular species could behave as independent constituents of a 
mixture.’’ 

*yust such a state of affairs is known in the case of sulfur. 
Liquid sulfur at high temperatures has entirely reproducible 
properties, but at lower temperatures it behaves like a mixture of 
two substances, SX and Sm, which are only slowly transformable 
into one another. By rapid cooling, and treatment with carbon 
disulfide, it is possible to ascertain the amounts of the two 
species, since one is soluble and the other insoluble in this solvent. 
In so far as the two species are not transformed into one another, 
they act as entirely independent substances. Thus when crystal¬ 
line sulfur melts it produces pure liquid SX and the addition of S/x 
lowers the melting point just as any other solute would. There¬ 
fore, if SX and S/x are mixed there must be a definite increase in 
entropy.” 
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“This liquid mixture is readily supercooled by sudden chilling. 
If we should study this material at low temperatures and also 
pure S\ and Sm in the supercooled liquid state we should un¬ 
doubtedly find at least a part of this entropy change persisting 
down to the absolute zero. If then we assign zero entropy to the 
supercooled SX and S^t we cannot assume zero entropy for the 
mixture. But this mixture would ordinarily be classed as a 
pure substance, and is in fact composed of a single element. 
These conditions which happen to have been observed in the case 
of sulfur may exist in many other liquids and glasses.” 



Absolute Temperature, T. 
Figure 3.—Heat Capacity of Glycerine. 


“Even if a substance contain but a single molecular species, 
if it is in an amorphous state or in the state of a supercooled 
liquid, there seems at present no reason, theoretical or experimen¬ 
tal, which forces us to believe that such a substance falls within 
the scope of the third law/’ 

On the experimental side, the few measurements of the entropy 
of liquids which have been carried out are shown by Gibson and 
Giauque (in a paper about to be published) to support the v’ 
that there is an increase in entropy in passing fr*" ' '' 
crystalline solid to the corresponding supers 
absolute zero. However, the only 
accurately enough to be regarded 
themselves have investigated, and w 
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They have measured the entropy change in the fusion of gly¬ 
cerine, and also the heat capacity of crystalline glycerine and 
the supercooled liquid, down to low temperatures. 

The upper curve of Figure 3, which is the one for the supercooled 
liquid, is characteristic of this type of substance. At a certain 
temperature the heat capacity of this supercooled liquid begins 
to drop very rapidly and approaches that of the crystalline form. 
Indeed the drop is so sharp as to suggest a change of phase, but 
the evidence is all against this supposition. If at low tem¬ 
peratures the two curves continue to coincide down to the 
absolute zero, and if the entropy of fusion is zero at the absolute 
zero, then, in going from the absolute zero to the melting point 
of glycerine, the increase in entropy of the liquid form should 
be greater than that for the crystalline form by an amount just 
equal to the entropy change in fusion. This is not quite true, 
and the experiments indicate that the entropy of the liquid form 
is appreciably greater than that of the crystalline form at the 
absolute zero. 

It is of course possible that the two curves may depart from one another 
at lower temperatures than those which have been so far investigated. 
Indeed the experiments show a very slightly greater heat capacity for 
liquid than for solid at the lowest temperature so far studied. The experi¬ 
ments are therefore being continued to still lower temperatures, but it 
seems hardly likely that the curves will be found to diverge sufficiently 
from one another to make AiSo » 0. 

A Restatement of the Entropy Principle 

The discussion of Lewis and Gibson led them to the following 
conclusions. 

, ‘‘When we turn to the consideration of crystalline solids we not 
■ find numerous cases in which the third law has been verified 
‘^lly, but we also seo some a priori reasons for the 
law, evjfn though these reasons cannot at 
e lucidity that might be desired.^^ 
ty defined for the purpose of giving 
the second law of thermodynamics. 
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and since that law, from the standpoint of statistical mechanics, 
is essentially a consequence of the law of probability, it is natural 
to look for a relation between the entropy of a substance in a 
given state and the probability of the particular arrangement of 
molecules which determines that state. Essays in this direction 
by Boltzmann and more recently by Planck, important and 
suggestive as they have been, have not sufficed to show just what 
this relationship is. Nevertheless, it seems to us that if the 
entropy of a given state be regarded as in some sense a measure 
of the randomness of that state, the condition of a perfect 
crystal of a pure substance at the absolute zero is unique. In a 
solution there is a random distribution of several types of mole¬ 
cules. Even in a pure liquid or glass there is some randomness 
of arrangement. In any substance at a finite temperature there 
is a random distribution of energy among the individual mole¬ 
cules. But in the pure crystal at the absolute zero no random¬ 
ness remains, for when the positions and the properties of a few 
molecules are fixed, the positions and properties of all other 
molecules are completely determined; thus when a few elements 
of the crystalline structure are known we may build up the 
whole crystal by a process of repetition. It is this lack of any 
sort of randomness that we believe to be the theoretical basis for 
the conclusion that the entropy of a perfect crystal of a pure 
substance vanishes at the absolute zero.^^ 

They were therefore led to state: *Tf the entropy of each 
element in some crystalline form be taken as zero at the absolute 
zero, the entropy of any pure crystal at the absolute zero is zero, 
and the entropy of any other substance is greater than zero. 
It seems likely, however, that the difference between the entropy 
of a pure substance in a ciystalline state and in an amorphous 
state may, in many cases, prove to be very small. 

Entropy as a Positive Entity. We have seen in Chapter XIII 
how we may calculate the difference between the entropy of a 
substance at a given temperature and in a given physical state, 
and the entropy of the same substance as a crystalline solid at 
the absolute zero of temperature. Now if we ascribe zero 
entropy to the crystalline solid at the absolute zero, such a 
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calculation gives us the numerical value of the entropy in the 
given state. 

By such computations we may obtain from existing data the 
absolute value of the entropy for a large number of solids, 
liquids and gases. In examining the results we are struck by the 
fact that these entropies are invariably positive. 

In the older thermodynamics, entropy was regarded as a 
property which might equally well have a value positive or 
negative, finite or infinite. Let us consider, for example, the 
entropy of a perfect monatomic gas. Taking the molal heat 
capacity as constant, namely, cp = ^R, its entropy is given 
by the thermodynamic equation (from Equations XII-8 and 
XII-17), 

s = In T — R\n P + const., (2) 

s = ^R In T + 72 In V + const., (3) 

where these constants were formerly regarded as undeter¬ 
minable, but can now be assigned definite values. Thus for 
helium Lewis and Gibson calculate the entropy at 1 atmos. and 
25®C to be 29.2 cal. per degree. This fixes the value of the 
constants, and it is evident that at constant pressure the entropy 
would diminish with diminishing temperature, becoming negative, 
according to Equation 2, at temperatures a little below 1°K. 
However, long before it reaches so low a temperature, helium 
ceases to be a perfect gas, and therefore Equation 2 becomes 
invalid. Indeed helium ceases to be a gas at all, but goes over 
into the liquid and into the solid form (and this occurs at tem¬ 
peratures at which the entropy of the gas is greater than the 
diminution in entropy which must accompany the process of 
liquefaction and solidification). 

Likewise if we maintain the gas at 25°C, but increase the 
pressure, the entropy diminishes, and according to Equation 2 
would become negative at something over one million atmo¬ 
spheres. But, long before such a pressure is reached. Equation 2 
would be invalid, and the entropy would be changing very slowly 
with the pressure, as in the case of a liquid. 

It seems highly probable that, with respect to the third law, 
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infinite pressure would correspond closely to the absolute zero of 
temperature. Unfortunately, we are far from having sufficient 
data to enable us to ascertain whether the entropies of substances 
approach small values or zero at infinite pressure, as they do at 
zero temperature. 

On the basis of existing experimental data, we believe it safe 
to generalize, and to state that no realizable substance can possess 
a negative entropy. Further we believe that no substance can 
even be properly imagined, which would possess a negative 
entropy. Suppose, for example, that we imagine a gas, cooled 
under such conditions that, through the phenomenon of super¬ 
saturation, it is prevented from liquefying or solidifying; we 
must believe that eventually such a gas would acquire the same 
kind of rigidity as is exhibited by solids or glasses, and that as it 
approached the absolute zero, its heat capacity curve would 
resemble the one shown in Figure 2. 

Thus in place of the older vague and formless entropy concept, 
we arrive at the idea of entropy as a positive entity, or we might 
almost say substance, of which every material contains a definite 
amount, which may be removed by increase of pressure or 
diminution of temperature. But no more entropy can be removed 
from a substance than it possesses, for, according to this view, 
a negative entropy would have no more meaning than a negative 
mass or a negative volume. 

If we adopt the idea that entropy is the logarithm of a proba¬ 
bility, then this probability must be so defined as always to be 
greater than unity. The full significance of this idea still remains 
hidden, but the work of Planck, and others who are developing 
the theory of qmnta, already gives us some inkling of the explana¬ 
tion which will ultimately be forthcoming. 

Final Statement of the Third Law 

All that we believe to be correct of the various detailed propo¬ 
sitions which have so far been discussed in this chapter, we may 
condense into a single statement, the third law of thermo¬ 
dynamics. 
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If the entropy of each element in some crystalline state be 
taken as zero at the absolute zero of temperature: every substance 
hOrS a finite positive entropy, hid at the absolide zero of temperature 
the entropy may become zero, and does so become in the case of 
perfect crystalline substances. 

Presumably it is only for a single perfect crystal that Sq = 0, 
but a substance composed of crystals of microscopic size would 
not in this regard differ appreciably from a single crystal. If, 
however, a metal should be worked until the number of separate 
crystals (or regions throughout which the molecular structure 
could be completely expressed by a few specifications) should 
become comparable with the total number of atoms, So might 
be expected to be greater than zero. 

Experimental Determination of Entropies and Tests of 
THE Third Law 

We discussed fully in Chapter XIII the methods of calculating 
the entropies of the elements from various thermal data, and 
since the methods are essentially the same for compound sub¬ 
stances, we need consider them no further here. In that chapter, 
all that we attempted to ascertain was S — So, where So is the 
entropy at 0®K. But now we see by the third law that for any 
crystalline solid. So = 0. 

In addition to values of entropy obtained from measurements 
of heat capacity, the third law permits us to calculate entropies 
indirectly, and by such calculations we shall at the same time 
test the validity of the third law and obtain some important 
entropy values. 

The available material for testing the adequacy of the third 
law of thermodynamics has been collected by Lewis and Gibson,^ 
and again more recently by Lewis, Gibson and Latimer.^ Their 
calculations we shall follow closely in the remainder of this 
chapter and in the following. 

Lewis and Gibson, after examining nine cases in which the 

1 Lewis and Gibson, J. Am. Chem. Soc., 39, 2554 (1017). 

• Lewis, Gibson and Latimer, J. Am. Chem. Soc., 44, 1008 (1922). 
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third law could be tested, found an average discrepancy of 1.6 
entropy units (or less than 500 cal. in AF or AH at 25®C). They 
believed that these discrepancies lay within the limits of experi¬ 
mental error, and therefore stated: ‘‘While we hope that in the 
near future more accurate data concerning heats of reaction 
may be available, in the meantime we may assert that the third 
law rests upon a more adequate experimental basis than either 
the first or second laws of thermodynamics possessed at the time 
of their universal adoption. We believe, therefore, that it would 
be an excess of conservatism to refuse the acceptance of this 
powerful weapon of calculation in energetics until additional data 
are made available.^' 

The later paper of Lewis, Gibson and Latimer, dealing with 
new experimental material which had become available, very 
greatly reduces the former discrepancies, so that possibility of 
error in the third law now seems to be negligibly small. 

We may now consider these tests individually, and shall begin 
with two cases in which the reaction in question is merely the 
transition between two crystalline forms of an elementary 
substance. Afterwards we shall discuss a number of reactions in 
which the changes in free energy and heat content are vastly 
greater, and in which therefore the scope of the third law is more 
fully illustrated. 

S(rhomb.) = S(monocl.). From the measurements of Nernst^ 
and of Wigand^ on the specific heats of the two common crystal¬ 
line forms of sulfur the entropy per gram-atom of rhombic 
sulfur at 25®C, aS® 298 , is 7.6 cal. per degree. (In general 5® will 
represent the entropy of a substance in its standard state.) 
The data on the specific heat of monoclinic sulfur are not good 
enough for a very accurate determination of the entropy, but 
they permit an estimate which shows the entropy of this form to 
be two or three tenths of a unit higher than that of the rhombic 
form. By means of the data which we shall give in Chapter 
XXXVIII, we find for this reaction AF^m = 17, AHm ~ 82, 
whence AS^m = (82 ~ l7)/298 = 0.22. 

« Nernst. Ann. Phyaik. [4], 36, 345 (1911). 

a Wigand, Ann. Phyaxk. [4], 22, 04 (1907). 
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Sn (white) » Sn (gray). Bronsted^ has made a careful study 
not only of the specific heats, but also of the free energy and 
heat of transition. From the specific heats we have for white 
tin, S ®298 = 11.17, and for gray tin, = 9.23, whence AS ®298 *= 

— 1.94. From the free energy and heat of transition AS ®298 * 

— 1.87. The difference between the two values is only 0.07, and 
we thus have an excellent confirmation of the third law. 

The Entropy of Chlorine Calculated by Several Different 
Methods. One method of testing the third law is to calculate, 
by means of this law, the entropy of some one substance from 
the entropies of other substances, and from the changes in free 
energy and heat content in the corresponding reactions. In the 
case of chlorine this was done by Lewis and Gibson, first by 
employing the rough data for the specific heat of chlorine in its 
various states, together with the heats of fusion and vaporization; 
and again by considering the entropies of mercurous chloride, 
lead chloride, silver chloride, thallous chloride and sodium chlor¬ 
ide, together with the free energy and heat of formation of these 
substances. The mean value of for V^C\% was 25.7, from the 
six calculations, with an average deviation from the mean amount¬ 
ing to nearly two units. Since the values of A// were taken 
from the work of Thomsen and of Berthelot, it was believed that 
the discrepancies were within the limits of experimental error. 

From Gerke's new and unpublished measurements of the 
electromotive force, and its temperature coefficient, in cells with 
electrodes of chlorine, of silver-silver chloride, of lead-lead 
chloride, of mercury-mercurous chloride, and of thallium- 
thallous chloride, Lewis, Gibson and Latimer have repeated four 
of the above calculations. The first three give within one-tenth 
of a unit the same value of S ®298 for chlorine, namely, for 

= 26.3; while the fourth case with thallous chloride gives a 
considerably higher value, namely 28.2. 

The exactness of the agreement in the first three cases is 
probably somewhat fortuitous. On the other hand, the dis¬ 
crepancy in the fourth case has led to a reinspection of the 
specific heat of thallous chloride which shows that the value of 

«Brdiwted, Z. phunk. Chem , 88. 479 (1014). 
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the entropy calculated by Lewis and Gibson is unquestionably 
too high. However, even including this case as it stands, the 
average discrepancy found by Lewis and Gibson has been reduced 
tenfold, and this series of results furnishes the best proof of the 
accuracy of the third law which has yet been obtained. 

The Entropy of Iodine Calculated by Two Methods. The 
newer work by Giinther^ not only proves the unreliability of 
the earlier measurements of the specific heat of iodine made by 
Nernst, but also shows that his own measurements were affected 
by some peculiar phenomenon which he believes to be a slow 
transition between two forms of iodine. It does not seem possible 
at present to obtain a reliable value for the entropy of iodine 
from the measurements of heat capacity. 

On the other hand, the measurements of Gerke have been 
extended to include the two cells, 

(a) Pb, Pbl 2 , PbC 104 (aq), Pblj, l 2 (s), and 

(b) Pb, Pbl 2 , Kl(aq), Agl, Ag. 

Thus for the two cell reactions, 

(a) Pb -h l 2 (s) = Pbl 2 ; = - 1.2, 

(b) Pb + 2AgI = Pbl2 + 2Ag; AS^298 = - 8.0. 

Now from the papers of Lewis and Gibson and of Lewis, Gibson 
and Latimer, we find for Pb, S^m = 15.5; for Pbl 2 , aS °298 = 41.3; 
for Ag, S ®298 = 10.2 and for Agl, == 26.8, all obtained from 
specific heat measurements. The first two values, combined 
with AS° for reaction (a) give directly the entropy of iodine, 
namely for Kl 2 (s), S°m = 13.5. 

On the other hand, by combining Equations (a) and (b) we 
eliminate Pb and PbL, and find 

Ag + y2h(s) = Agl; AS%8 = 3.4. 

And now combining with the entropies of Ag and Agl we find 
for ; S ®298 ~ 13.2. The difference between the two values 

amounts only to three-tenths of a unit. 

^ Gttnther. Ann. Phyaik. [A], SI, 828 (1916). 
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Three Determinations of the Entropy of Oxygen. In the 

case of oxygen we have three reliable methods of determining 
its entropy which are so different in character as to furnish once 
more a very satisfactory test of the third law. 

We have seen in Chapter XIII how, from the study by Eucken 
of the specific heats and the heats of transition of the various 
forms of oxygen, we may calculate the entropy of oxygen gas at 
standard temperature. This gives for y^Oi, S°m =24.1. 

From a similar investigation by Eucken of carbon monoxide, 
we find for it the value S°m = 45.6. For carbon in the form of 
graphite the specific heat measurements give/S° 2»8 = 1.3. Finally 

the free energy and heat of formation of carbon monoxide we 
shall find in Chapter XL to be AF°m = - 32510 and AHtm = 

- 26140. Whence 

C(graph.) + KO, = CO; = 21.4. 

By combining these data, we find for J^O*, S°m = 22.9. 

A third very reliable calculation is now permitted by the 
measurements of Giinther* on the specific heat of mercuric 
oxide, which leads to S°m = 16.3. The entropy of mercury is 
well established as 17.8. For the formation of HgO from its 
elements we are going to find in Chapter XXXIV AF°m = 

— 13810 and AHm = — 21600, whence 

Hg(l) -f HO* = HgO, AS\, = - 26.1. 

By combining these data, we find for HO*, = 24.6. 

Considering the great variety of experiments employed in the 
determination of these values, the three results 24.1, 22.9 and 
24.6 are in very satisfactory agreement, and serve to fix the 
entropy of oxygen to within less than one unit. (Lewis and 
Gibson attempted also to utilize the data on the heat capacity 
of ice, and its free energy and heat of formation. The heat ca¬ 
pacity data are, however, very uncertain, and the resulting 
value of the entropy of oxygen, namely, 26.7, can be given no 
weight.) 

> aonther, Ann. Phvnk. [4]. 51, 828 (1916). 
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The Constant of the Free Energy Equation and Nernst’s 
Chemical Constants 


From Ek]uation XV-2 we may write for any process, 
AF - AH = - TAS, 


and by Equation XII-8, 


or 


fT 

A-S = / ACpd In r - 3, 


AF - AH = - T InT + iT. 


(4) 

(5) 


Here the constant of integration 3 must be distinguished from 
the constant I which we ordinarily use in our equations of free 
energy, and which depends upon empirical equations of heat 
capacity that are approximately true over a limited range of 
temperature, but rarely are even approximately valid in the 
neighborhood of the absolute zero. 

The equation corresponding to Equation 4, obtained from the 
empirical equations of heat capacity, is found by subtracting 
Equation IX-7 from XV-9 and dividing by T, whence 


AS = AFoCl -f In T) -h ATiT -f (6) 


Now if we compare Equations 4 and 5, we see that 3 can be 
obtained only when we know the heat capacity of each substance 
involved in the reaction, down to the absolute zero, while I is 
found from empirical equations, usually obtained from measure¬ 
ments over a limited temperature range. Therefore the two 
quantities may differ very widely from one another. 

With this introduction we turn to the discussion of the chemical 
constants of Nernst. Let us consider some reaction between 
solid substances. 

A(s) + B(s) = C(8). 


For such a reaction it is a consequence of the third law that at 
0®K, AS is zero, Cn/T is not infinite, and therefore 3=0. 
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We may next consider the same reaction when the substances 
are gases. 

A(g) + B(g) = C(g). 

The integration constant for this reaction we may call 3 '. 
Finally, we may write the three reactions, 

A(8) = A(g); B(s) = B(g); C(s) = C(g), 

and the integration constants for these three reactions we may 
write as Ha, Hb and He- Now, if we combine the equations for 
these reactions with that for the solid reaction, we obtain the 
equation for the gaseous reaction, and thus 

y =H +Hc -Ha -Sb -He -Ha - Hb. 

Now if we have the complete heat capacity curves of the three 
solids and of the three gases, and if we know the three heats of 
vaporization, we could calculate Ha, Hb and 3c from measure¬ 
ments of vapor pressure, and thus obtain an exact value for 
the constant W of the gaseous reaction. 

Unfortunately, Nernst, in his attempt to use this method, 
and in the absence of thermal data at low temperatures, made 
use of empirical equations based on measurements at ordinary 
temperatures (and further complicated the situation by em¬ 
ploying liquids instead of solids). He thus obtained values of 
Ia, 1b, and Ic from which he hoped to calculate I'. The 
quantities Ia, 1b and /c, multiplied by a constant factor, were 
called by Nernst the chemical constants. 

While Nernst saw the need of studying specific heats at low 
temperatures, and was one of the first to enter this important 
field of investigation, this did not stay the rapidly growing use 
of the chemical constant; and the various efforts which have 
been made to square the calculations based on these constants 
with the results of equilibrium measurements constitute a 
regrettable episode in the history of chemistry. 



CHAPTER XXXIl 


THE ENTROPY OF MONATOMIC GASES AND A 
TABLE OF ATOMIC ENTROPIES 

Nothing can be of greater service to applied thermodynamics 
than an accurate table of the entropies of the common elements. 
Thus if we once have, under standard conditions, the entropies 
of carbon, hydrogen, oxygen and nitrogen, the third law permits 
us to determine the free energy of formation of an organic sub¬ 
stance, merely by determining the heat of formation and the 
entropy of that substance. 

However, before giving such an entropy table we must discuss 
another exact principle which is going to be as serviceable in 
the calculation of the entropies of the elements as the third law 
itself. 

The Equation of Sackur 

From the known values of a number of atomic entropies, it 
was shown by Sackur* that the constant in the thermodynamic 
equation for the entropy of a perfect monatomic gas could be 
separated into two terms, one depending upon the atomic weight 
of the gas, and the other being a constant independent of the 
nature of the gas. Thus Equation XXXI-3 may be written 

s = R In (T^w^ V) 4- C = R In (CT?^ v), (1)* 

where C' and C (= R In C') are universal constants. 

Sackur attempted to calculate the value of these constants 
from the theory of quanta, but obtained values which are not 
consistent with the experimental data. A similar calculation 
which gives a result more nearly in accord with the experimental 
values has been made by Tetrode.® 

> Saokur, Ann. PhytOt. (4], S6, S98 (1911); 40. 67 (1913). 

• Tetrode, Ann. Pkytik. (4], 38, 434 (1912). 
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The Sackur Constant from Ultimate Rational Units 

It would carry us too far from the purpose of this book to give 
an exposition of the very unusual theory which permitted Lewis 
and Adams^ in 1914 to calculate certain physical constants far 
more accurately than they were at that time measured, and to 
predict values which have since been thoroughly corroborated by 
experiment. 

In this theory the dimensions of every physical quantity are 
reduced to a power of a single dimension, which may be taken as a 
length. Consequently, every quantity is expressed in terms of a 
single unit, which, in the present development of the theory, may 
be provisionally taken as the centimeter (although this arbitrary 
unit will eventually be replaced by a rational one). Our present 
units are then translated as follows: 

1 second = 2.999 X 10^® centimeters. 

1 gram = 2.499 X 10®’ reciprocal centimeters. 

1 erg = 2.779 X 10^® reciprocal centimeters. 

1 degree (Celsius) = 3.813 reciprocal centimeters. 

Units which bear these ratios to the chosen unit of length (or 
reciprocal length) are called ultimate rational units (U.R.U.). 

If Sackur's equation is a precise law of nature, it has recently 
been shown by Lewis'^ that when we employ in Equation 1, instead 
of the molal quantities, the mass of one molecule, the volume 
occupied per molecule, and the entropy per molecule, and 
reduce to ultimate rational units, then C" = 1 and C = 0. 
This is equivalent to the statement that in ordinary units 

c = ~ = 3.252 X 10-». (2) 

Here k is the molecular gas constant (= R/N = 1.372 X 10“^®), 
c is the velocity of light (~ 2.999 X 10^®), N is the number of 
molecules in a mol (=6.059 X 10^®), and e is the electron charge 

1 Lewis and Adams, Phjfa. Rev. [2], 3, 92 (1914). 

* Lewis, Phya. Rev. [2], 18, 121 (1921). The question is more fully discussed in the volume 
dedicated to Professor £. H. Hall, Jefferaon Phyaieal Laboratory ContribtUiona, Vol. XV, Cam¬ 
bridge, Mass., 1922. 
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in electrostatic units (= 4.774 X lO”*®). Substituting these 
values, Equation 1 becomes 

s = Kin (T^w^v) - 11.39, (3)* 

or, 

s = K In V X 3.252 X 10"®). (4)* 

Using pressure in atmospheres and substituting for v from the gas 
law, we find 

s = K In (Ty^vi'i/P) - 2.63, (5)* 

and .at 25®C, and 1 atmos., 

5°298 = HR In w + 25.70. (6)* 

In obtaining these various equations we have assumed a 
perfect gas. So in Equation 6, shows the entropy of a gas 
in its hypothetical standard state; in other words, in a state in 
which its heat content is the same as at zero pressure, and its 
fugacity is unity. For a gas at 1 atmos.. Equation 6 is applicable 
only if the gas law is assumed; otherwise the entropy at 1 atmos. 
may be obtained by finding from Equation 5 the entropy at 
some small pressure, and then ascertaining the work and the 
heat involved in compressing to one atmosphere. 

For only four monatomic gases have the entropies been 
experimentally determined with sufficient accuracy to permit 
a significant comparison with the theoretical equation. Table 1 
compares the values calculated by Equation 6, and the experi¬ 
mental values given by Lewis, Gibson and Latimer.^ 

Table 1.—Entropy of Four Monatomic Gases at 25°C and 1 Atmos 

Calc. Exp. 


He. 29.8 29 2 

A. 36.7 36.4 

Cd. 39.8 40.0 

Hg. 41 6 41.3 


Here we are dealing with four gases whose atomic weights 
range from 4 to 200, and the remarkable agreement, which in 
every case is within the limits of experimental error, gives us 

1 Lewis, Gibson and Latimer, J, Am. Chem. Soe., 44, 1008 (1922). 
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much confidence, not only in the accuracy of the Sackur equa¬ 
tion, but also in the validity of the method of ultimate rational 
units. 

The accuracy of the physical constants used in obtaining 
Equation 4 permits the calculation of the constant of that 
equation to about 0.01 entropy unit, which is far more accurate 
than any present experimental value. Lewis predicts that 
“new experimental determinations will bring the entropies 
constantly nearer to those calculated from the equation.” 

Applications 

The Entropy of ‘‘Electron Gas.” It has been shown by 
Laue' and by Tolman* that free electricity in a gaseous phase 
should have the properties of a monatomic gas, and therefore 
an entropy calculable by the same equation as that employed 
for other monatomic gases. Here we have a substance whose 
atomic weight of 0.000544 is of an entirely different magnitude 
from that of the other gases which we have considered. Never¬ 
theless, as nearly as its entropy can be computed by various 
methods, which we shall not enter into here, it obeys the same 
law. 

Thus applying Equation 6 to gaseous electricity, we find for 
its entropy under standard conditions 

= HR In 0.000544 + 25.70 = 3.28. (7) 

The Thermal Ionization of a Metal. An extraordinarily 
interesting application of this idea has been made by Saha’ who 
has attempted to explain the difference between the spectra of 
different types of stars, by considering the differences in gaseous 
ionization which would occur at different stellar temperatures, 
and has calculated the ionization as a function of the temperature 
by assuming that gaseous electrons obey the same entropy law 
as other monatomic gases. 

Since this is a type of calculation which will doubtless be 

> Lmm, JahH). Radioakt. Khktrmtik, M, 267 (1918). 

•Tolown, J. Am. Chtm. Soe., 4S, 1892 (1921). 

• SiUw, PkH. M, 72 (1920). 
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frequently used in the future, we may consider briefly the 
thermodynamics of the thermal ionization of gases. We shall 
choose for illustration cesium vapor, which probably appre¬ 
ciably ionizes at a lower temperature than any other metal. 

Let us consider the reaction 

Cs(g) = C8^(g) + E-(g). 

Assuming now that we are dealing with partial pressures of 
cesium vapor, gaseous cesium ion, and gaseous electricity, so 
low that the gas laws hold (of course this means a very low 
partial pressure of the charged substances), and therefore that 
all three act as perfect monatomic gases, then ACp is approxi¬ 
mately 5, and the general free energy equation is 

= A/fo - 5r In T -h IT. (8) 

While the heat of such a reaction has not been determined by 
ordinary methods, it is believed that Aff (which, within the 
limits of accuracy, is the same as Affo) is measured by the 
ionizing potential, or the electric work required to ionize the 
atom. The ionizing potential of cesium, according to Foote, 
Rognley and Mohler^ is 3.9 volts (a value which might also be 
calculated by Bohr^s theory from the spectrum of cesium*). 
In order to find Aff in calories per equivalent, we multiply by 
23074 (see Appendix II). Hence AHo = 90000 cal. 

Now in order to determine the free energy of the reaction at 
any temperature we may calculate and then take A/S ®298 

by the application of Equation 6 to each of the three substances. 
However, a more general method consists in using Equation 
XXXI-6, whence 

AS® = 5(1 + In T) - /. 

Since the atomic weights of Cs and Cs"^ are essentially 
identical, AS® is equal to the entropy of the gaseous electricity; 
whence from Equation 7, AS ®298 = 3.28. Substituting this 
value we find I = 30.20 and 

AF® * 90000 - 5T In r + 30.207. (9) 

> Foote, Rognley and Mohler, PAy«. Ret, [2], IS, 61 (1910). 

* Foote and Meggers, Seien, Paper Bur, ofStandardet No. S86, Bull., 16, SOO (1920). 
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Except for the value of A//o this same equation will apply to 
any other case of the ionization of an atom to give a positive 
ion and a single electron. 

Let us calculate the degree of ionization of cesium vapor at 
one atmosphere and at 1000°K = 727°C. By the equation, 
AF^iooo = 85700, log if = — 18.7 and the degree of ionization is 
4.4 X 10“*®. At such partial pressures the ions and electrons 
may be assumed to obey the gas laws, and presumably the only 
source of error in the calculation is in the determination of the 
ionizing potential. This calculation shows that at only 
moderately high temperatures the ionization should result in 
a very appreciable natural conductivity of the vapor. 

At the time that the above paragraphs were written, the 
thermal ionization of the vapor had never been proved experi¬ 
mentally. But very recently Mr. H. C. Urey, at the suggestion 
of one of the authors, has undertaken a study of the thermal 
ionization of cesium vapor; and his experiments, although 
not yet completed, already show a definite thermal ionization. 
This ionization, as nearly as the experiments can now be in¬ 
terpreted, agrees with that calculated from Equation 9. 

Diatomic Hydrogen. These gases which we have called 
monatomic are not, according to present theory, composed of 
single ultimate particles, but each atom is supposed to contain 
a positive nucleus together with the accompanying electrons, 
and the nucleus itself, in consequence of the modern revival of 
Front’s hypothesis, is regarded as containing hydrogen nuclei. 
That which characterizes the monatomic gas is not the in¬ 
divisibility of the molecules but rather its adherence to the law 
Cp = %R, and it may therefore be assumed that any gas, in 
the range in which this law is obeyed, will have an entropy 
calculable from Equation 4. 

We have seen in Chapter VII that the work of Eucken shows 
the molal heat capacity of hydrogen at low temperatures to 
become equal to that of a monatomic gas. It therefore seems 
justfiable to calculate' the entropy of diatomic hydrogen at 
these low temperatures from Equation 4. By doing so, and 

i See Tolmau, J, Am. Chem. fioc., 42. 1185 (1920). 
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then proceeding to 25®C from Eucken’s data, as in the paper of 
Lewis and Gibson, we find for MHa, S°m = 14.72. This is the 
value used in our final table of atomic entropies. Lewis, Gibson 
and Latimer have calculated independently the entropy of 
hydrogen from recent determinations of the heat of fusion of 
solid hydrogen, and from the specific heat and heat of vaporiza¬ 
tion of liquid hydrogen. This calculation leads to a value 0.67 
higher than the one we have just obtained with Sackur's 
equation, combined with the principle of ultimate rational 
units. But the discrepancy is probably no larger than the 
uncertainty which still exists in the heat of fusion and heat of 
vaporization of hydrogen. 

Several Approximate Methods op Calculating Entropies 

In the former chapter and in this we have discussed two 
thermodynamic methods which lay claim to perfect exactness; 
(1) the third law of thermodynamics, and (2) the equation of 
Sackur in conjunction with the principle of ultimate rational 
units. In addition, there are certain inexact generalizations 
which, like Trouton^s rule, are occasionally useful in estimating 
the change in entropy in a reaction, when no other experimental 
or theoretical means are available. 

Entropy of Solid Salts. It has been shown by Latimer^ that 
although it is not to be expected in general that the entropies 
of solid substances could be calculated from the atomic weights 
alone, this is very nearly the case for many substances, and 
especially for binary salts. For such compounds he assumes 
that the entropy is the sum of two numbers, each characteristic 
of one of the elements of the salt. For each of these numbers 
he writes, in analogy to the Sackur equation, 

5®298 = HR In A — 0.94 (approx.), (10) 

where A is the atomic weight, - 0.94 is a purely empirical 
constant, and the sum of the individual values of gives 
the entropy of the compound. He thus calculates the entropies 

1 Utimer, /. Am, Chem, Soc„ 43. siS (1921). 
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of 16 salts, the calculated value rarely deviating by more than 
one entropy unit from the experimental values. 

Diatomic Gases. When we turn to the entropies of diatomic 
gases, we neither expect nor do we find any such simple gen¬ 
eralization as the monatomic gases afford. Probably the heat 
capacity formula is not exactly the same for any two diatomic 
gases, and therefore if a simple relation between the entropies 
of two such gases should be found at one temperature, the same 
relation could not be expected to hold at another temperature. 
Sackur^ has attempted to see whether the entropy of a diatomic 
gas at a given temperature and pressure could be made a function 
of the atomic weight and some one other parameter, such as the 
diameter of the molecule, and he proposed the following formula 
for a given temperature and pressi’re: 

s® = /? In (w^^i4iA2P^) + const., 

where w is the molecular weight, equal to Ai + and p is 
the molecular diameter. Since these diameters have not been 
measured, the equation cannot be tested in any quantitative way. 

However, in this case also, Latimer has shown that the mass 
of the atoms is the chief factor in determining the difference in 
entropy between two diatomic gases, and he proposes for one 
mol of a diatomic gas at one atmosphere and 25°C, 

s^ 2 w = /Z In (w^ A A^) + 30.22, 

and this agrees with the experimental values for the diatomic 
gases, as far as they have been measured, within a few entropy 
units. 

An even simpler empirical expression which seems to fit the facts equally 
well has been suggested to us by Professor £. D. Eastman; namely, for one 
mol of a diatomic gas at 25 '’C and one atmosphere 

8®2«8« %iZln (A1A2) -h 31 (approx.). (H) 

This rough rule is one which fits all of the existing data for diatomic gases 
within two entropy units. It may be of considerable service in making 
estimates of free energy changes in chemical reactions where other means 
are lacking. Thus for diatomic sulfur Equation 11 gives 8^298 -> 51 . 7 , while 

1 Saokur. Ann. PhyHk. [4], 40. 87 (1913). 
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the value which we have very recently obtained from free energy data is 
52.4 (see Chapter XXXVlll). The agreement increases our confidence 
in the latter value, which was obtained through a very complicated series 
of calculations. 

If now we consider a gaseous reaction of the form 
X*(g) + Y,(g) « 2XY(g), 

Equation 11 predicts that A/S^ 29 s « 0, and if for the purpose of rough calcu¬ 
lation we also take A(7p ■* 0, then by Equation XXXI-6, / « 0. This is 
a rule first given by Haber, to which we have referred in the preceding 
chapter. The only case which has been investigated, and in which the 
assumptions are valid, is the formation of nitric oxide from its elements. 
Here, as we shall find in Chapter XXXIX, the experimental value of I 
is — 2.5. Another corollary of the same empirical rule is that, for a reac¬ 
tion of this sort, the general free energy equation assumes the simplest 
form, namely, AF® » AH. In an unknown case we might expect to obtain 
a value of aF® by this rule within a few hundred calories. Thus at present 
we have no information regarding the free energy of formation of hydro¬ 
fluoric acid; but the heat of formation has been measured, AH * — 38500.^ 
By using this empirical rule, we would therefore find 

HH* + HFiCg) * HF(g); aF® 2 w « -38500 (approx.). (12) 

Another deduction from Equation 11 we find in the case of ihe dissocia¬ 
tion of a diatomic gas, according to the equation 

X2(g) « 2X(g). 

By combining Equations 6 and 11 we find for such a case 

AiS ®298 * 20.4 (approx.). (13) 

This equation also may be used in rough predictions of free energy values. 

The employment of such approximate empirical rules is, 
however, sharply to be distinguished from the precise methods 
of using entropy values. It is the precise methods, and these 
only, which we shall employ in subsequent chapters. 

Table op Atomic Entropies 

We shall conclude this chapter with a table of the entropies, 
per gram atom, of all the elements for which the calculation is 
now possible. The first table of atomic entropies was that of 

i Bertbelot and Moissan, Ann. chim. pby«., (6], 23, 570 (1891). 
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Lewis and Gibson^ This table has been recently revised and 
much enlarged by Lewis, Gibson and Latimer®, who have based 
their calculations upon measurements of heat capacity and other 
thermal data, upon the third law of thermodynamics, and upon 
Sackur’s equation combined with the principle of ultimate 
rational units. Their table we reproduce without alteration, 
except that we add the value for S 2 (g) which will be found in 
Chapter XXXVIII. 

Table 2. —Entropy of the Elements per Gram-Atom at 25®C 


Electricity (E“, gas).... 3.28 

Hydrogen . 14.72 

Hydrogen (H). 25.72 

Helium. 29.83 

Lithium. 7.6 

Lithium (gas). 31.48 

Beryllium. 7.3 

Carbon (diamond). 0.6 

Carbon (graphite). 1.3 

Nitrogen ( 2 ). 22.8 

Nitrogen (N). 33.57 

Oxygen (HO 2 ). 24.0 

Oxygen (O). 33.97 

Fluorine (F). 34.48 

Neon. 34.66 

Sodium. 12.2 

Sodium (gas). 35.06 

Magnesium. 8.3 

Aluminum. 6.82 

Silicon (metal). 4.7 

Phosphorus (P, gas). 35.95 

Sulfur (rhombic). 7.6 

Sulfur (monoclinic). 7.8 

Sulfur (JiS 2 , gas). 26.7 

Sulfur (S, gas). 36.04 

Chlorine (J^CL, gas)- 26.3 

Chlorine (Cl, gas). 36.35 

Argon. 36.70 

Potassium. 16.6 


Potassium (gas). 36.63 

Calcium. 10.64 

Calcium (gas). 36.71 

Titanium. 6.6 

Chromium. 5.8 

Manganese. 7.3 

Iron. 6.71 

Cobalt. 7.2 

Nickel. 7.2 

Copper. 8.18 

Zinc. 9.83 

Zinc (gas). 38.17 

Bromine (5^Br2, liquid). 16.3 
Bromine (J^Br 2 , gas)— 27.7 

Bromine (Br, gas). 38.77 

Krypton. 38.88 

Rubidium (gas). 38.97 

Zirconium. 9.5 

Molybdenum. 7.5 

Ruthenium . 6.9 

Rhodium. 7.6 

Palladium. 8.9 

Silver. 10.25 

Cadmium. 11.80 

Cadmium (gas). 39.79 

Tin (white). 11.17 

Tin (gray). 9.23 

Iodine solid). 13.3 

Iodine (J^I 2 , gas). 30.9 


1 Lewis and Oibson, /. Am. Ckem. Soe., 39, 2554 (1917). 

* Lewis, Gibson and Latimer« J. Am. Chem. 8oe., 44, 1008 (1922). 
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Table 2. — ContinvM. 





S>tu 

Iodine (I, gas). 

.... 40.15 

Gold. 

... 11.0 

Xenon. 

.... 40.23 

Mercury (liquid). .., 

.... 17.8 

Cesium (gas) . 

.... 40.28 

Mercury (gas). 

... 41.51 

Lanthanum. 

.... 13.7 

Thallium. 

... 14.6 

Cerium. 

.... 13.8 

Lead. 

... 15.53 

Tungsten. 

.... 8.4 

Niton. 

... 41.8) 

Osmium. 

.... 7.8 

Thorium. 

... 13.6 

Iridium. 

.... 8.7 

Uranium. 

... 11.) 

Platinum. 

.... 10.0 





















CHAPTER XXXIII 


INTRODUCTION TO SYSTEMATIC FREE ENERGY 
CALCULATIONS: THE FREE ENERGY OF 
ELEMENTARY HYDROGEN AND 
METALLIC HYDRIDES 

Having now discussed not only the fundamental principles of 
thermodynamics, but also many special methods employed in 
the application of these principles to chemical problems, we 
shall devote the remainder of this book to the purely practical 
task of calculating the changes in free energy attending important 
chemical reactions. 

In order to present the results of these calculations in the 
most convenient form, we have attempted to obtain the free 
energy change which accompanies the formation of each sub¬ 
stance from its elements, in their standard reference states. 
These values for the free energy of formation will all be given 
at the standard reference temperature, 25®C. The several 
results will be tabulated in Chapter XLII. In many cases 
equations are given which show the free energy of formation as 
a function of the temperature. 

Non-Metallic Compounds and Anions 

Of the various problems which we are to meet, the most 
intricate are those which deal with the free energies of compounds 
of the non-metals, and to these we shall give our chief attention. 
Unfortunately it seems necessary, at the present time, to omit 
from consideration compounds of boron, silicon, phosphorus, 
arsenic, antimony, selenium and tellurium, although a few 
equilibrium measurements involving compounds of these ele¬ 
ments have already been made, and more are now in progress. 

466 
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Even for the elements which are systematically treated it will 
be only too obvious how incomplete our present data are; thus 
the few cases in which we are able to calculate the free energy 
of organic compounds show only the paths by which we may 
enter a great unexplored domain. 

In studying the non-metallic elements, one of our chief 
objectives has been the determination of the free energy of 
formation of the common anions, to supplement corresponding 
values for the cations such as are given in Table XXX-7. 

Unfortunately there is an important group of anions which 
has hitherto been neglected. These are the anions which 
contain metallic elements, such as CrO^—, and MnOi". Al¬ 
though some sporadic data exist, no systematic study of these 
anions has as yet been made. Such a study will furnish a 
valuable contribution to our knowledge of the free energies of 
chemical compounds. 


Salts 

Even the commonest metallic salts are too numerous to be 
considered individually in our tables. Occasionally we give 
values for the free energies of metallic salts which we have 
considered incidentally or for purposes of illustration. These 
cases will suffice to exemplify the methods which are employed 
in such cases. Indeed when the free energy of formation is 
known for both cation and anion, the determination of the 
free energy of the solid salt is very simple. It suffices to knovr, 
in addition, the solubility of the salt in water and the activity 
coefficient of its saturated solution. 

Hydrated Salts. Except that the free energy of formation of 
liquid water enters into the calculation, the same method is 
used in determining the free energy of formation of a hydrated 
salt. Often we encounter the problem of obtaining the free 
energy of an anhydrous salt from that of a hydrated form, or 
conversely. There are two common methods of solving such 
a problem; one depends upon a determination of the transition 
point and the heat of transition between the two forms, the 
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other depends upon determinations of the vapor pressure over 
a mixture of the hydrated and the anhydrous (or less hydrated) 
salts. A complex example of the latter method will be found 
in the discussion of hydrogen peroxide in Chapter XXXIV, 
while both methods are illustrated in Example 8, Chapter 
XLII. 

Similar methods may be employed in dealing with other 
complexes, such as those between salts and ammonia. Likewise 
numerous data on the decomposition pressures of metallic 
carbonates furnish material for obtaining the change in free 
energy in changing an oxide into a carbonate. 

Fused Salts. Reactions at high temperature often involve 
salts in the molten state. When the necessary thermal data 
are available, such reactions present no difficulties. As a rule, 
however, the heats of fusion and the specific heats of fused salts 
have not been determined. It is therefore necessary to devise 
special methods, one of which will be described in Chapter XLI, 
when we discuss the oxidation of carbon monoxide by fused 
potassium cyanate. 

Some Remarks concerning the Numerical Accuracy 
OF THE Data 

We do not attempt to indicate in any formal way the probable 
accuracy of the various free energy values which we are to 
present. In numerous cases this is sufficiently indicated by 
the degree of coincidence between values obtained by independent 
methods; but when only one method has been employed, it is 
often difficult to form an opinion as to the magnitude of the 
possible or probable error. This is especially true when it is 
necessary to extrapolate over a wide range of temperature. 
In such cases we are dependent upon existing thermal data, the 
accuracy of which it is hard to estimate. 

Elspecially it is to be pointed out that when we are dealing 
with quantities such as heats of reaction or free energies, it is 
impossible to employ the recognized expedient of indicating the 
approximate accuracy by the number of significant figures 
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given. In using simultaneously a number of free energy values, 
the errors are additive, not multiplicative. The free energy of 
formation, from the elements, of either liquid or gaseous am¬ 
monia may be in error by two or three hundred calories, but we 
should have values for these two quantities, that, when sub¬ 
tracted, give the correct value for the free energy of vaporization 
of liquid ammonia, which is accurately known. On the other 
hand it may seem a little ludicrous to give a value, to the last 
caloric, which may be in error by several thousand calories. 
We have compromised in the great majority of cases by giving 
the results to the nearest ten calories, although occasionally we 
further round off numbers when the data are crude. 

With this introduction we shall now proceed to a systematic 
study of the free energy of various substances. It is a source of 
regret to us that in these chapters dealing with the experimental 
investigation of chemical equilibria, we have been unable to 
describe more fully the individual experiments and the experi¬ 
mental methods, always significant in the interpretation of 
data, and often possessing an intrinsic interest because of their 
novelty and ingenuity. But such a discussion would extend 
our volume far more than is compatible with its primary purpose. 

Elementary Hydrogen^ 

The standard reference state of hydrogen will be the gas, H 2 , 
at unit fugacity. For all ordinary purposes this may be re¬ 
garded as the same as hydrogen gas at one atmosphere. 

Hydrogen Ion, As we have frequently explained, it is, for 
thermodynamic purposes, purely a matter of choice whether we 
give hydrogen ion in aqueous solution the simple formula 
or a more complicated one, for example that of hydronium ion 
OHa"^. The former is more customary and will be employed. 

According to conventions which we have already established, 
we shall arbitrarily write for the reaction, J^H 2 (g) = H“’“; A/f 
=* 0, ACp == 0, and AF° = 0. 

* The calculations of this chapter and of the next constitute a revision of our paper 
“The Free Energy of Oxygen, Hydrogen and the Oxides of Hydrogen," J. Am. Chem. Soc.^ 
36, 1969 (1914). 
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Monatomic Hydrogen. The dissociation of hydrogen accord¬ 
ing to the equation, 

H,(g) = 2H(g), 

occurs appreciably at high temperatures, and has been quanti¬ 
tatively studied by Langmuir*, using a novel method which 
involved the rate of thermal flow from an incandescent tungsten 
wire in an atmosphere of hydrogen. By such measurements, at 
a variety of temperatures and pressures, he simultaneously 
determined both the dissociation constant and the heat of 
dissociation. 

His first experiments and calculations led to the values AH 
= 136000 at an average temperature of about 2500®K, and to 
values of the dissociation constant as shown in the second 
column of Table 1. Later work of Langmuir and Mackay^ 
gave AH = 90000, and values of K given in the third column of 
the table. 

In spite of the ingenuity of the experiments and of their 
interpretation, it seems very doubtful whether such a method 
is capable of giving much more than the order of magnitude of 
the quantities sought. Such suspicions are verified by a cal¬ 
culation of the. entropy change in the dissociation. 

Let us first set up the general free energy equation by the aid 
of the heat capacity values given in Equations VII-4 and VII-5, 
namely, 

AF° = AHo - i.oT In T + 0.00045T* + IT. 

In this equation Langmuir’s final results give AHo = 85000 and 

/ = 6 . 0 . 

Now from Equation XXXI-6 

A5“ = 3.5(1 + In T) - O.OOOQT - /, 

and substituting this value of 7, we find LS'^m - 17.2. This 
value is certainly erroneous. From the entropies given in 
Table XXXII-2, and which are unquestionably correct within 
a small fraction of an entropy unit, we find LS'*m ^ 22.0. We 

1 Langmuir, /. Am. Chem. Soe., 94, 860 (1912). 

* Langmuir and Maokay, J. Am, Chem. 8oe,t 86, 1706 (1914). Langmuir, ibid.t 87, 417 
(1915). 
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thus see that either Langmuir's value of A //2500 is in error by 
many thousand calories, or his values of K must be in error 
by a factor of over ton. 

On the other hand we may calculate I exactly from the 
entropies and thus find I = 1.17, and if we could obtain an 
independent value for the heat of the dissociation we could 
make a completely new determination of the degree of dissocia¬ 
tion of hydrogen at any temperature. 

We have seen in Chapter XXXII how the heat of ionization 
of a metallic vapor may be calculated from the ionizing potential, 
or from a measurement of the characteristic lines of the spectrum. 
In the case of hydrogen the situation is more complicated. 
Nevertheless by a combination of spectrum data with the 
ionization and resonance potentials, several different methods 
lead to approximately the same value for the heat of dissociation 
of hydrogen into atoms. Thus Franck, Knipping and Kriiger^ 
calculate the voltage required to dissociate hydrogen molecules 
as 3.5 volts, corresponding to Ai7 = 81000 cal., while Mohler 
and Foote^ obtain a lower value of 3.2 volts, corresponding to 
74000 cal. Accepting provisionally the former value, and 
taking (within the limits of experimental error) Affo = A^, our 
general free energy equation becomes 

AF° = 81000 - 3.5r \nT + 0.0004572 + 1.177. (1) 

This equation gives the values of K shown in the first column 
of Table 1. 


Table 1 



Equation 1 

Langmuir (1912) 

Langmuir (1915) 

K2000- • . 

.. 3.2 X 10-< 

1.7 X 10-« 

1.1 X io-» 

Katoo • • . . 

.. 3.8 

4.4 

0.18 

AHo. 

81000 

131000 

85000 


Except for slight uncertainty in the heat capacity terms at 
high temperatures, the only possibility of an appreciable error 
in Equation 1 lies in the value of AHo. Adopting provisionally 
the value from ionizing potentials, we find from Equation 1, 

1 Franck, Knipping and KrOger, Verhandl. phynk. Cfea., 21, 728 (1919). 

* Mohler and Foote, J. Optical See: Am., 4, 49 (1920); for a full review of this subject see 
Hughes, Bull. Nat. Rea. Council, 2, Part 2, 83 (1921). 
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H2(g) = 2H(g);A/^^98 = 75460, 
and for the free energy of one mol of monatomic gas, 

KH2(g) = H(g); AF% = 37730. (2) 

Equation 1 leads to higher values for the degree of dissociation than those 
calculated from the final results of Langmuir. It has been suggested by 
Siegel^ that a large dissociation of hydrogen is incompatible with results 
obtained by Pier, Bjerrum and himself in explosion experiments with hy¬ 
drogen. It is possible, however, that the dissociation of hydrogen is not 
sufiUciently rapid to affect the explosion experiments. 

Metallic Hydrides 

The compounds of hydrogen with the metals are in general 
unstable at high temperatures, and the free energy of their 
formation may be readily obtained by a study of the dissociation 
pressures. Thus Keyes^ has studied the equilibrium pressures 
for sodium and potassium hydrides, while Bronsted® has made 
a similar study of calcium hydride. We shall choose the latter 
case for numerical treatment since the measurements by Giinther^ 
of the specific heat of calcium hydride permit a rough comparison 
of Bronsted^s work with a result obtained by means of the third 
law. 

Calcium Hydride. Bronsted in studying the reaction 
CaH 2 (s) = Cu(s) + Hi 

obtained AH at room temperature, not only from the change of the disso¬ 
ciation pressure with temperature, but also calorimetrically. The two 
methods gave respectively 43900 and 45100 calories. In examining his 
thermodynamic calculation, we find that he has made an error in estimating 
the difference in heat capacity between the hydride and its elements. He 
assumes that calcium has approximately the same heat capacity in the 
metal and in the compound, and takes for hydrogen in the compound the 
value 2.3 from Kopp's rule. Now that rule assigns the value 2.3 to one 
atom of hydrogen, so that the two atoms of hydrogen in CaH 2 would have 

1 Siegel, Z. phyaik. Chem., 87, 641 (1914). 

2 Keyee, /. Am. Chem. Soe., 34, 779 (1912). 

*Br5iisted, Z. Blektrochem., 20, 81 (1914). 

«GQnther, Ann. Phyaik. [4], 51, 828 (1018). 
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the value 4.6. The value of Cp for hydrogen gae at room temperature is 
6.8» and thus we should find for the reaction, A(7p » 2.2. Moreover, on 
account of the rapid rise in the heat capacity of the hydride, this value 
will grow smaller with increasing temperature, and probably be not far 
from zero at the temperature of Bronsted’s measurements. In extra* 
polating from his measurements to 25°C, the average value of ACp 
would be approximately 1.0 as against a value 4.2 which he employs. 
Using this value of ACp we find complete agreement between the calori¬ 
metric value of AH and the one which conforms to the change of 
equilibrium pressure with the temperature. 

Taking the calorimetric value, we find A/Io = 44800, and write the 
general free energy equation 

AF° - 44800 - LOT In T + IT, 

Table 2.—Dissociation op Calcium Hydride 


T 

R\nP 

/ 

914 

14.56 

-27.6 

943 

12.82 

-27.8 

978 

10.99 

-27.9 

1001 

9 89 

-28.0 

1020 

9 11 

-27 9 


The value of I may now be obtained from any one equilibrium measure¬ 
ment. In Table 2 we have given only a few of Br6n.sted^s data, chosen at 
random at approximately equal temperature intervals. It will be noted 
that except at the lowest temperature, where accurate pressure measure¬ 
ments were impossible, I is nearly constant, thus showing complete agree¬ 
ment with the calorimetric value of aH. 

For the formation of calcium hydride from its elements, the equation is 
reversed, whence, 

Ca(8) + H 2 = CaH 2 (s); AF °298 * - 34780, (3) 

AF° * - 44800 + LOT In T -f 27.9T. (4) 

In spite of the self-consistency of these results some doubt is thrown upon 
their validity by the statement of Moldenhauer and Roll-Hansen' that 
calcium hydride dissociates in two stages, first to give CaH and then to 
give Ca. 

This doubt is augmented when we apply the third law to this case. 
From the values of AH and aF® given by the work of Bronsted, we find 
A ^®298 “ 34.6 for the dissociation. The entropies of calcium and hydrogen 
are given in Table XXXII-2. While the specific heat of calcium hydride 
was obtained by Giinther only through a small range of low temperatures, 

1 Moldenhauer and Roll-Hansen, Z. anorg. Chem.^ 82, 130 (1913). 
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we may supplement his results by assuming Kopp’s rure at ordinary tem¬ 
peratures. We thus estimate a value for S^m of CaHs, which we should 
hardly expect to be much in error, namely 9.5. We thus calculate for the 
dissociation, « 30.6. While the discrepancy of 4 entropy units may 
in part be due to uncertainties in the specific heat curve of the hydride, it 
seems altogether unlikely that it could be entirely attributed to this source. 
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OXYGEN AND ITS COMPOUNDS WITH HYDROGEN 
AND WITH SOME METALS 

Elementary Oxygen 

While, strictly speaking, oxygen gas at unit activity is taken 
as the standard state of oxygen, we may, for ordinary purposes, 
use oxygen gas at 1 atmosphere; since at room temperature and 
above, the free energy at atmospheric pressure is lower than the 
standard free energy by less than 1 calorie. 

At higher pressures we may obtain the fugacity or free energy 
of oxygen gas by means of the van dcr Waals equation, as in 
Chapter XVII, or by the more exact equation obtained by 
Keyes and Hara^ from the data of Amagat. The latler equation 
we shall have occasion to use a little later in this chapter when 
interpreting the dissociation pressure of silver oxide. 

At high temperatures oxygen undoubtedly dissociates ap¬ 
preciably to give the monatomic form, but the equilibrium has 
not yet been measured. 

Ozone. ^02 *08. The heat capacity of ozone has not been accu¬ 
rately determined. We shall, however, make no great error in assuming 
that the equation which holds for the two triatomic gases, CO 2 and SO 2 , 
is applicable in this case also, namely: 

O 3 ; Cp » 7.0 -i- 0.0071 T - 0.00000186(1) 

from which we may subtract the heat capacity of % mols of oxygen 
(Equaton VII-6), whence 

ACp « - 2.75 + o.ooser - o.oooooiser* (2) 

and 

AH « AHo - 2.1bT -f 0.0028r» - 0.00000062r». 

The heat of this reaction has been determined by a number of investigators, 
I KeyeB and Hara, J. Am. Chem. Soe., 44, 479 (1922). 
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who have obtained values for AH ranging from 23000 to 36000 cal. These 
results are fully discussed by Ostwald.^ We will take 34000 cal. as the 
most probable value. Hence 

AH « 34600 - 2.757 + 0.00287* - 0.000000627* (3) 

and 

AF° « 34600 + 2.757 In 7 ~ 0.00287* + 0.000000317* + IT. (4) 

The attempts to study the free energy of this reaction have achieved 
little success. The potential of the ozone electrode has been studied, 
especially by Luther and Inglis,* who obtained nearly reproducible poten¬ 
tials by means of a platinum electrode surrounded by ozone, but they 
were unable to determine definitely the nature of the electrode reaction, 
and, in fact, it was later shown by Luther* that, with an iridium electrode, 
values differing from those with the platinum electrode by as much as 0.2 
volts could be obtained. 

The numerous unsuccessful attempts to detect ozone, in oxygen sud¬ 
denly cooled from a high temperature, were shown by Clement* to be due 
to the extremely rapid rate of decomposition of ozone even at compara¬ 
tively low temperatures. Later Fischer and Braehmer* succeeded in ob¬ 
taining ozone by heating a filament to about 2300®K under liquid oxygen. 
If we admit the validity of certain assumptions suggested by Fischer and 
Braehmer, which, however, at best could be only very roughly true, the 
oxygen at the temperature of the filament contained one mol percent of 
ozone, whence K ^VozfiVoz)^ *0.01; and if R is the gas constant in 
calories per degree, AF° 23 oo = — RT in K ^ 21000 cal. Substituting in 
Equation 5 gives 7 = - 22.4, whence 

HO 2 = O 3 ; AF‘’ 2 ps « 32400. (5) 

It is, however, doubtful whether even the order of magnitude of the 
equilibrium constant between oxygen and ozone can be safely estimated 
from the data here employed. 


Water 

Heat Capacity and Heat Content of Water. The heat ca¬ 
pacity of water is neither entirely constant nor can it be re¬ 
presented by any very simple formula. For ordinary work we 

1 Oetwald, ** Lehrbuch der allgemeinen Chemie," Engelmann, Leipsig, 1803. 

> Luther and Inglif, Z. phynk. Chem., 43, 203 (1003). 

> Luther, Z. Eltktrochem., 11, 832 (1005). 

4 Clement. Ann. Phy$ik., [4], 14, 334 (1004). 

• Fischer and Braehmer, Ber. deut. chetn. Oea., 39, 940 (1006), 
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may regard it as constant, and in more exact calculations we 
may use the data of Table 1, taken from the work of Barnes ^ 


Table 

1.—Specific 

Heat and 

Molal Heat 

Capacity op 

Water 

t 

Sp. heat 

Cp 

t 

Sp. heat 

Cp 

0 

1.0092 

18.182 

50 

0.9978 

17.98 

5 

1.0051 

18.108 

60 

0.9989 

18.00 

10 

1.0021 

18.054 

70 

1.000 

18.02 

15 

1.0001 

18.018 

80 

1.002 

18.05 

20 

0.9988 

17.994 

90 

1.004 

18.09 

25 

0.9979 

17.978 

100 

1.006 

18.12 

30 

0.9974 

17.969 

125 

1.012 

18.23 

35 

0.9972 

17.966 

150 

1.019 

18.36 

40 

0.9972 

17.966 

200 

1.026 

18.48 


The existing data on the heat of formation of liquid water 
have been summarized by Lewis^ and shown to be very con¬ 
cordant. The mean value is 68470 at 0°C. By the aid of the 
specific heats this gives, at 18°C, 68330, and at 25°C, 68270. 
The heat of vaporization of water at 100®C has recently been the 
subject of careful research. Richards and Matthews^ obtained 
the value 538.1 cal. per gram of water. A. W. Smith^ has 
reviewed his earlier work upon this subject with extraordinary 
care and finds the value 540.7 cal. We will adopt the value 
540.0 or 9730 cal. per mol. At 25®C this becomes 10450, 
whence for the heat of formation of gaseous water we find 
57820 at 25°C. 

The Free Energy of Formation of Water from Measurements 
of its Dissociation at High Temperatures. H 2 + HO* = 
H*0(g). From Equations VII-5, VII-6 and VII-8, and from 
the heat of formation which we have just discussed, the general 
free energy equation for the formation of gaseous water from its 
elements is 

-- 57410 + 0.947’ In 7’ + 0.001657’* 

- 0.000000377’* + IT. (6) 

For determining the value of I in the above equation several 

1 Barnes, Trana. Roy. Soc.^ London^ (A) 199, 149 (1002). 

> Lewis, Jf. Am. Chem. Soe., 28. 1390 (1906). 

* Richards and Matthews, Proe. Amer. Acad,, 46, 511 (1011). 

« A. W. Smith, Phya. Ret., 34, 173 (1911), 
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direct determinations of the dissociation of water vapor at high 
temperatures are available. Nernst and von Wartenberg* were 
the first to investigate this important equilibrium, and later 
measurements by different methods were made by Lbwenstein,* 
von Wartenberg’ and Langmuir.^ The measurements of Holt' 
were obviously lacking in self-consistency and can be given no 
weight*. The results obtained by these investigators are given 
in Table 2. The first colunrn indicates the names of the in¬ 
vestigators, the second the absolute temperature, the third the 
measured percentage dissociation, and the fourth the equilibrium 
constant K - [H20]/[H2] [Oa]^, where the brackets indicate the 
pressure of the gases in question. 


Tablk 2.—Dissociation of Water Vapor 



T 

Percent 

dissoc. 

K 

Log a: 


[1397 

0.0078 

2.05 X 10« 

6.312 

Nernst and von Wartenberg. . ^ 

1480 

0.0184 

5.66 X 10® 

5.753 


[l561 

0.0340 

2.26 X 10» 

5.354 

1 

[1705 

0 0326 

2 3 X 10' 

4.362 

Lowenstein.j 

|l783 

0.0778 

1.82 X 10' 

4.260 

1863 

0.211 

6.70 X 10» 

3.826 


[l968 

0 373 

3.79 X 10» 

3.579 

von Wartenberg.| 

f2155 

1.18 

1.094 X 103 

3.039 

[2257 

1.77 

0.590 X 103 

2.771 


1325 

0 00325 

7.65 X 10® 

6.884 


1354 

0.0049 

4.13 X 10® 

6.616 


1393 

0.0069 

2.47 X 10® 

6.393 

Langmuir. 

1433 

0.0103 

1.35 X 10® 

6.129 

1455 

0.0142 

8.35 X 10® 

5.922 


1474 

0.0141 

8.45 X 10® 

5.927 


1531 

0.0255 

3.47 X 10® 

5.540 


.1550 

0.0287 

2.91 X 10® 

5.464 


* Neriwt and von Wartenberg, Nachl. Kgl. Oes. Witts. Gottingen 1905, 35. 

’Ldwenatein, Z. phyaik. Chem., 54, 715 (1905). 

»von Wartenburg, Z. phyaik. Chem. 56, 513 (1906). 

^ Langmuir, J. Am. Chem. <Soc., 28, 1357 (1906). 

» Holt, Phil. Mag., (61. 13, 630 (1907). 

• We have not included in this calculation measurements of the electromotive force of the 
oxygen, hydrogen, water vapor cell by Haber and his students. These experiments, although 
not capable of being carried out with the same accuracy as the equilibrium measurements, 
furnished a further important check upon the correctness of the results obtained by the later 
methods. 
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From each of these values of K we may determine a value 
for 7. Thus, the measurements of Nernst and von Wartenberg 
give I = 3.81, 3.94, 3.67, respectively, average 3.81. Langmuir’s 
values lead to the average value I = 3.55, with about the same 
mean deviation. Lowenstein’s results show greater variation 
and lead to the average value I = 3.71, while von Wartenberg’s 
two measurements at the highest temperatures give 3.67 and 
3.57, average 3.62. We may take as the weighted mean of all 
these results I = 3.66 (prelim.). Substituting this value of 7 
in our equation we find 

Hz + HO 2 = HzOCg); AF^98 = - 54590 (prelim.). (7) 

As we have indicated, these values of AF^zos and of 7 are to 
be regarded as preliminary, since there are other important 
methods of determining the free energy of water still to be 
considered. 

We shall presently determine the free energy change in the 
vaporization of water, namely, 

HzO(l) = HzO(g); AF%8 = 2053. 

Hence from the above value we find for the formation of liquid 
water from its elements, 

Hz + 3^02 = H 20 ( 1 ); AF^98 = ~ 56640 (prelim.). (8) 

Free Energy of Formation of Water from the Dissociation of 
Silver Oxide. Lewis^ obtained the free energy of formation of 
water by studying the dissociation pressure of silver oxide, and 
combining the equation for this reaction with several others, as 
follows: 


(a) 

2Ag + /'^02 

= AgsO, 

(b) 

AgjO + H20(1) 

= 2Ag+ + 20H 

(c) 

2Ag*^ -f- 2E*“ 

= 2Ag, 

(d) 

Hj 

= 2H+ + 2E-, 

(e) 

2H+ + 20H- 

= 2H20(1). 


Several of the free energy changes accompanying these reactions 
have recently been redetermined. 

> Lewis, J. Am, Chem. Soc„ 28. 139, 158 (1906). 
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(a) Keyes and Hara‘ have reinvestigated, over a wide range, 
the dissociation pressure of silver oxide. The earlier points of 
Lewis fall precisely upon the curve through their points, but 
their experiments at higher temperatures permit a more accurate 
calculation of the heat of the reaction than was formerly possible. 
The results of both series are given in Table 3. 


Table 3.—Dissociation Pbessure op Silver Oxide 


t 

T 

P 

Author 

302 

,575.1 

20.5 

L. 

325 

598.1 

32.0 

L. 

374 

647.1 

74.3 

K. and H. 

403 

676.1 

114.5 

K. and H. 

445 

718.1 

207 

L. 

452 

725.1 

213.5 

K. and He 

467.7 

740.8 

257 8 

K. and H. 

484 

7,57.1 

.323 5 

K. and H. 

500.2 

773.3 

388.3 

K. and H. 


If we should employ the ordinary procedure and plot — R\np^ 
against 1/T the slope of the curve would not give exactly the 
heat of the reaction, for such a calculation assumes a propor¬ 
tionality between the activity and the pressure of the oxygen, 
which is far from complete at these high pressures. Moreover, 
the effect of the pressure upon the solid phases is not to be 
ignored. By the methods which are explained in Chapter XVII, 
and using the new equation of state for oxygen of Keyes and 
Kara, to which we have already referred, we have calculated 
the activity of the oxygen which would be in equilibrium with 
the solid phases if the latter v.ere under a pressure of one 
atmos.; in other words, we have calculated 1/K*, where K is 
the true equilibrium constant. Thus at 325®C we find instead 
of P = 32.0, l/K* = 32.2, and at 500.2'’C,P = 388.3, l/K* 
= 392.1. The corrections evidently have nearly counterbalanced 
one another. At the higher pressure the activity of the gas differs 
from its pressure by 14 percent, but the high pressure produces 
an effect upon the activities of the solids which nearly offsets 
this. 

' We owe theie data to the courteay of the authors who have permitted us to quote in advance 
a paper which they are submitting to the Journal of the American Chemical Society. 
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Since these two points fall upon the best representative curve, 
we may use them for determining AH and AF for the reaction. 
The heat capacity of silver oxide ha« unfortunately not been 
investigated, but by analogy with other oxides we estimate that 
between room temperature and 500®C, ACp = 1.0. Hence we 
write 

^ = -RlnK = ^ - 1.0\nT + I. (9) 

Substituting the two above values, we find AHa = — 7240, and 
I - 21.95. Hence, 

2Ag + = Ag,0; AF°m = - 2395. (10) 

(b) From the solubility measurements of Bottgcr* we obtain 
directly the activity of Ag+ and of OH~ in the saturated solu¬ 
tion at 25® as 1.4 X 10“^ (assuming that in so dilute a solution 
the conductivity, which he determined, measures the activity of 
the ions), and K = (1.4 X 10“^)*, whence, 

J^AgjO + H20(1) = Ag"*" + OH~j AF'*29i — 10520 

or, 

AgjO -j- H20(1) = 2Ag‘*' -|- 20H~; AF^tan = 21040. (11) 

(c) , (d) and (e) The values of AF° for the two electrode 
reactions may be obtained from Table XXX-7, 

2Ag+ + 2E- = 2Ag; AF°298 = - 36896, 

H* = 2H+ + 2E-; AF®^ = 0, 

and from Equation 26, which we are going to obtain later in this 
chapter, 

2H+ -I- 20H- - 2H20(1); AF^m = - 38210. 

Finally, combining all these equations, we find 

Hj + = H20(1); AF ®298 = — 56460 (prelim.). (12) 

Perhaps the most uncertain value in the foregoing series is the 
one based upon the solubility of silver oxide. It is therefore 
fortunate that another method is available for utilizing the 
dissociation pressures of silver oxide. Let us consider the fol- 

> Bdttger, Z. phv$ik. Chem., M, S21 (1903). 
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lowing reactions, which again give by addition merely the for¬ 
mation of water from its elements. 

(a) 2Ag + - Ag,0, 

(f) AgjO + H,0 -I- 2C1- = 2AgCl + 20H-, 

(g) H* + 20H- - 2H,0 + 2E-, 

(h) 2AgCl + 2E- = 2Ag + 201". 

(f) Noyes and Kohr* determined the ratio of potassium 
hydroxide and potassium chloride in a solution shaken with an 
excess of silver oxide and silver chloride. Their results are given 
in the first two columns of Table 4. The third column gives the 
ionic strength, and the fourth, the ratio of the activities of Cl" 
and OH" as obtained by interpolation of Table XXVIII-8. 
This ratio should be constant, and is so within the limits of error. 
We may take as an average value 0.0092. 


Table 4. —Equilibrium Between AgjO, AgCJ, and Aqueous KOH 

AND KCl 


m(KCl) 

m(KOH) 


(Cl-)/(OH~) 

0.000666 

0.0707 

0 0714 

0.00928 

0.000530 

0.0597 

0.0602 

0.00877 

0.000494 

0.0542 

0.0547 

0.00902 

0.000620 

0.0650 

0.0656 

0.00941 

0.001046 

0.1095 

0.1110 

0.00927 

0.000918 

0.0944 

0 0953 

0.00948 


The equilibrium constant of our reaction, as written, is therefore 
1/(0.0092)*, and 

AgjO + HsO -I- 2C1" = 2AgCl + 20H"; AF“j,8 = - 5558. (13) 

(g) and (h) From Table XXX-8, 

Hj -f- 20H~ = 2 H 3 O 4" 2E"j AF**298 = — 38210, 

2AgCl + 2E" = 2Ag + 2C1"; AF“»8 = - 10360. 

Again adding the several values we find 

H, -I- = H20(1); AF% = - 56520 (prelim.). (14) 

This value, together with Equation 12, gives us an average 

^ Noyes and Kohr, Z. phy$ik. Chem., 42, 336 (1902). 
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result from the two methods depending on the dissociation 
of silver oxide, AF” = — 56490. 

It would seem that a much simpler method than either of these which 
we have described would consist in setting up the cell Ag, AggO, KOH(aq), 
Hs. The free energy change obtained from the electromotive force of this 
cell, when added to (a), should give immediately the free energy of forma¬ 
tion of water. This is precisely analogous to the corresponding cell with 
mercury and mercurous oxide electrodes, which we have found in Equa¬ 
tion XXX-13 to give so constant and reproducible a potential. 

Luther and Pokorny^ investigated such a cell, but with variable and 
uncertain results. Recently Buehrer in an unpublished investigation has 
madts an extensive study of the silver-silver oxide electrode in alkaline solu¬ 
tions, using finely divided silver obtained by electrolysis, and silver oxide 
purified with the greatest care. He obtained, however, surprisingly vari¬ 
able results, which moreover seemed to tend toward a value which differs 
by many millivolts from the one which is calculated from reliable data. 
It cannot be the silver which is at fault, for it is the same as that which 
gives such constant results in the silver-silver chloride electrode of the 
Linhart type. Moreover the silver oxide is the same as that which gives 
consistent values in the reactions (b) and (f). It is possible that some¬ 
thing in the nature of silver suboxide, which was shown by Lewis* not to 
exist at 300°C (in contradiction to the earlier work of Guntz*), may exist 
at ordinary temperatures. 

Free Energy of Water from the Dissociation of Mercuric 
Oxide. An entirely similar calculation of the free energy of 
water was made by Bronsted^, from his own measurements of the 
mercury-mercuric oxide electrode and from the measurements of 
P^labon on the dissociation pressure of mercuric oxide. 

(a) Hg(l) + HO 2 = HgO, 

(b) H, + HgO = Hg(l) + H20(1). 

(a) More recently Taylor and Hulett® have studied the 
dissociation of mercuric oxide at the boiling point of mercury, 
357®C, where the total pressure at equilibrium is 86 mm. Now 
one-third of this gas is oxygen and two-thirds mercury. Reducing 
pressures to atmospheres we find 1/K ^ lHg][02l^ = 0.0146. 

> Luther and Pokorny, Z. anorg. Chem., 57, 290 (1908). 

* Lewis, J. Am. Chem. Soe., 28, 139 (1906). 

<Qunti, Compt. rend., 128, 996 (1899). 

«BrOnsted, Z. phi/aik. Chem., 65, 84, 744 (1909). 

• Taylor and Uulett, /. PAi/«. Chem., 17, 565 (1913). 



484 


THERMODYNAMICS 


Chap. XXXIV 


At this temperature liquid mercury is in equilibrium with its 
vapor at 1 atmos., therefore A^’®8ao = — RT In if = — 5290 is also 
the free energy change for the reaction Hg(l) + = HgO. 

The heat of this reaction at room temperature was found by 
Varet‘ as 21600 and by Brdnsted as 21700 cal. We may take 
the average, AH = — 21600. The accurate determinations of 
heat capacity for mercury may be expressed by the equation, 
Hg(I); Cp = 7.1 — O.OOIGT. The results of Giinther* on the 
heat capacity of mercuric oxide can be represented in the range 
which we are considering by HgO; Cp = 9.0 + 0.006T, whence 
with Equation VII-6, ACp = — 1.35 + 0.00717’. Combining 
these various data, we 6nd 

AF* = - 21510 + 1.357’ In 7’ - 0.003557’* + 19.287’, 

and 

Hg(l) + HO 2 = HgO; AF°m = - 13786 (prelim.).* (15) 

(b) From Equations XXX-12 and XXX-13 

Hs + HgO = H20(1) + Hg(l); Af%- 42752. (16) 

Combined with (a), 

H* + HOj = H20(1); AF^ps = - 56540 (prelim.). (17) 

Free Energy of Water from Equilibrium in the Deacon Process. 

In the original paper of Lewis^ three indirect methods of deter¬ 
mining the free energy of water were proposed: “(1) the decom¬ 
position of silver oxide, (2) the decomposition of mercuric oxide, 
(3) the reaction between oxygen and hydrochloric acid gas 
(Deacon process).” The first two we have already discussed in 
detail, and recently data have become available which make the 
last method also worthy to rank as a primary method of deter¬ 
mining the free energy of water. We cannot here go into the 
details which are going to be fully considered in the next 
chapter. There we shall find 

(a) Hj + Cl*(g) = 2HCl(g); AF%8 = - 45384, 

(b) 2HCl(g) + = H20(g) + Cl 2 (g); AF\s = — 9120 (prelim.), 

* Varet, Ann. ekim. phya., [7], 8, 100 (1896). 

^Gdnthcr, Ann. Phyaik, (4), 51* 828 (1916). 

* From Equation 16 and from the final value for the free energy of formation of water we 

may take as a final value for HgO, • - 13808. 

«Lewi®, /. ilm. Chem. Soe., 28, 168 (1906). 
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and anticipating Equation 22, 

(c) H20(g) = H20(1); = - 2053, 

we find by addition 

H 2 + = H20(1); AiF‘*298 = — 56560 (prelim.). (18) 

Final Value for the Free Energy of Formation of Liquid Water. 

We have now four independent values which are in remarkably 
satisfactory accord with one another; from the dissociation of 
water vapor, — 56640; from silver oxide, ~ 56490; from mercuric 
oxide, — 56540; and from the Deacon process, — 56560. As 
our final value we shall take the average of these four. Thus, 

H 2 + >^02 = H20(1); AFV = - 56560. (19) 

Over the limited range in which liquid water may be employed, 
ACp may be regarded as constant and equal to 8.0. Using the 
heat of formation of water already given, we may write 

AF°= - 70650 - 8.0T In 7+ 92.84T. (20) 

Water Vapor. The free energy change in the vaporization of 
water may be obtained from the vapor pressure. According 
to Scheel and Heuse^ the vapor pressure of water at 25®C is 
23.8/760 atmos. Assuming that water vapor at this temperature 
and pressure is sufficiently near to a perfect gas, 

HjOG) = H20(g); = 2053. (21) 

7o0 

Combining this equation with Equation 19, we find for the 
free energy of formation of gaseous water, 

H 2 + MO 2 = n20(g); AF°298 = ~ 54507. (22) 

By substituting in Equation 6 we finally obtain the equation, 

AF® -- 57410 + 0.94r In r + 0.00165^2 

- 0.00000037!P + 3.92T. (23) 

* Scheel and Heuse, Ann, Physik., [4], 31. 715 (1010).. See abo the determination of Derby, 
Danieb and Gutsohe, J, Am. Chem, Soc., 36, 703 (1014). 
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Ice. In Chapter XXIII we discussed fully the difference in 
free energy between liquid water and ice. From the equations 
there given we find 

H*0(1) = HaO(s); AF%8 = 142. (24) 

Combining with Equation 19, 

Ha + = HaO(s); AF'^aas = - 56418. (25) 

The Degree of Ionization of Water and the Free Energy 
OF Hydroxide Ion 

We have seen in Chapter XXX that from the independent 
and closely agreeing results of Lorenz and Bohi and of Lewis it is 
possible to determine the potential of the hydrogen electrode 
against a solution of hydroxide ion at unit activity. Hence, 
from Equation XXX-12 

HaO + E- = KHa + OH”; = 19105, 

and by Equation XXX-3, 

HHa = 11+ + E-; AF^298 = 0. 

Hence by addition, 

HaO = H+ + OH-; AF^s = 19105; Km = 1.005 X lO’^^ (26) 

This important dissociation constant, often designated by 
Ky,, is of service in many calculations in aqueous solutions. 
To ascertain its value at other temperatures, we must know the 
heat of dissociation of water and its change with the temperature. 
From Thomsen^s experiments on the heat of neutralization of 
various strong acids and bases, the value of AH at 18°C is 13700. 
From his measurements of the specific heats of acid and basic 
solutions ACp is about — 44. 

A later investigation of Wormann^ on the heat of neutralization 
at several temperatures gives results from 0® to 40®C, which 
may be represented by the equation 

AH = 29210 - 53!r. 

^ WdrmfWD, Ann. Phya^., (4], 18, 775 <1906). 
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Whence = 13780 and ACp - — 53. Adopting these 

values, and combining with Equation 26, we find for the free 
energy of ionization of water, over a limited range, 

AF® = 29210 + 537 In 7 - 336.867. (27) 

Thus we find^ at 0®G, = 0.114 X 10*^^^ and at 18®C, = 

0.58 X 10-'^ 

The calculations of Kohlrausch and Heydweiller,* based on the conduc¬ 
tivity of pure water, led to « 0,59 X 10“‘* at 18®C, a value which is 
2 percent higher than ours. All of the other methods which have been 
used for determining this important dissociation constant have been sub¬ 
ject to errors of at least 15 or 20 percent in the methods of calculation alone. 
Our value is still subject to an uncertainty of perhaps 2 or 3 percent, owing 
to the liquid potentials in the cells which were employed in this determina¬ 
tion. We have shown in Chapter XXX how this determination could be 
repeated with a complete avoidance of liquid potentials, and it is to be 
hoped that the experiment there suggested will be carried out in the near 
future. 

Hydroxide Ion. The free energy of formation of hydroxide 
ion may be obtained immediately by combining Equations 19, 
26 and XXX-3, whence 

KO 2 + M 2 H 2 + E- = OH”; = - 37455. (28) 

From Equations 28 and 19, 

34 O 2 + HH 2 O + E- = OH”; AF%8 = - 9175. (29) 

Hence we obtain the standard potential of oxygen against 
hydroxide ion 

Pt, OH”, O 2 ; E^98 = - 0.3976V. (30) 

Hydrogen Peroxide 

In the older work on the potential of the oxygen electrode it was 
discovered^ that the oxidizing potential was lowered instead of 
being raised by the addition of hydrogen peroxide. Nernst^ 

* Calculations of this kind can most readily be performed by using the table of Appendix III. 

s Heydweiller, Ann. Phynk., [4], 28.603 (1909). 

* Haber and Grinberg, Z. anorg. Chem., 18. 37 (1898); Haber. Z. Elektroehem., 7. 441, 10^ 
(1901). 

«Nernst. Z. phynk. Chem., 46. 720 (1903) 
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employed these measurements to calculate the equilibrium 
between water vapor, oxygen, and the vapor of hydrogen peroxide 
at various temperatures. Thus he concluded that at about 
2500®K the concentration of hydrogen peroxide would be of the 
same order of magnitude as that of the other two gases. This 
result he believed to be corroborated by Traube's^ discovery 
that an oxyhydrogen flame directed against cold water gave an 
appreciable yield of hydrogen peroxide. 

The present authors were not satisfied that Nernst’s deductions 
from the potential measurements were at all justified,^ and were 
therefore led’ to undertake a series of measurements which, 
when combined with other existing data, would measure the 
free energy of formation of hydrogen peroxide. 

The method depended upon the utilization of the known equil¬ 
ibrium between barium oxide, oxygen and barium peroxide, by 
studying the reversible change of barium peroxide and water 
into barium oxide and hydrogen peroxide. The necessary steps 
of this complicated calculation are as follows: 

(a) BaO -j- 3^02 ~ Ba 02 

(b) Ba( 0 H )2 = BaO + H 20 (g), 

(c) Ba( 0 H) 2 H 20 = Ba( 0 H )2 + H 20 (g), 

(d) Ba(0H)2-8H20 = Ba(0H)2H20 + 7lhO(g), 

(e) Ba++ + 20 H-‘ + 8 H 20 ( 1 ) = Ba( 0 H )2 8 II 2 O, 

(0 H2 + HO2 = n20(g), 

(g) Ba02 + 10H2O(g) = BaO2l0H2O, 

(h) Ba 02 - IOH 2 O = Ba++ + 20H~ + H 202 (aq) + 8 H 20 ( 1 ). 

In all of these reactions except the last two, the free energy 
change could be calculated from data already existing, and it 
only remained to make experiments on (g) and (h). 

(a) BaO + HO 2 = Ba 02 . According to Berthelot, AH^^i = 
— 17200, The later measurements of de Forcrand^ give AH = 

*Traube» Ber. deiU. ehem. Oes., 18, 1890 (1885). 

* In fact a careful study of the potential measurements led Bornemann (Nernst Festschrift, 
p. 118, Knapp, Halle, 1012) to an interpretation of the potential measurements which leads to 
free energy values agreeing with our own, within the wide limits of error of the potential work. 

* Lewis and Randall, J. Am. Chem. Soc., 36, 1969 (1914). 

*de Forcrand, Ann, ehim, phyt,, [8], 15, 433 (1908). 
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— 18400. We will use the value — 18000." The change in heat 
capacity in this reaction is small and will be neglected. Hence 

AF® = - 18000 + IT. (31) 

The value of I was first calculated from the dissociation pressures 
given by Le Chatelier.^ Except at the lower temperatures, his 
pressures lead to a constant value of /, namely, 16.8, whence 
AF ®298 = — 13000 (prelim.). 

Hildebrand* made a careful investigation of the dissociation 
of barium peroxide and foimd that the reaction did not occur 
except in the presence of water (and, therefore, barium hydroxide) 
as catalyzer. His results apparently indicated a considerable 
mutual solubility of BaO in Ba02, but an inspection of his 
curves makes it seem equally probable that the Ba(OH )2 was 
largely responsible for the phenomena which he attributed to 
solid solution, and that in his univariant system the BaO and BaOi 
behave as nearly pure substances. We therefore calculate I 
directly from Hildebrand^s several oxygen pressures and obtain 
very constant results, average I = 16.1, whence we find as final 
value 

BaO + /^02 = Ba02j AF^298 = — 13200. (32) 

(b) The thermal dissociation of barium hydroxide has been 
investigated by Johnston,® who calculated from his data the 
free energy of the reaction at 25®C. This calculation, however, 
was based on the assumption that barium hydroxide was solid 
at the temperatures investigated. The melting point of barium 
hydroxide has apparently not been accurately determined, but 
several observers state that it melts at a dull red heat. We may 
assume, therefore, that the difference in free energy between 
liquid and solid Ba(OH )2 is small at the lowest temperature 
investigated by Johnston, namely 647®C, at which temperature 
the pressure obtained from his curve is 12 mm. Assuming, 
further, that BaO at this temperature is not suflSciently soluble 
in Ba(OH )2 to lower materially the activity of the latter, we 

1 I^e Chatelier, Compt. rend., 115, 654 (1892). 

« Hildebrand, J. Am. Cfiem. Soe., 34, 246 (1912). 

* Johnston, J. Am. Chem. Soe., SO, 1357 (1908). 
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find AF®« 2 o = 7590. According to measurements of do Forcrand, 
A//* = 34700, and the change in heat capacity is very nearly zero. 
Hence 


Ba(On )2 = BaO + H,0(g) ; AFV = 25900. (33) 

(c) Lescoeur' found the vapor pressure over a mixture of 
Ba( 0 H )2 H 20 and Ba(OH )2 at lOO^C to be 45 mm. According 
to the work of de Forcrand, A// = 14800, whence p 298 = 0.3 mm., 
and 

Ba( 0 H )2 H 20 = Ba(OH )2 +H 20 (g); AF°298 = 4650. (34) 

(d) Lescoeur also measured, at different temperatures, the 
vapor pressures over a mixture of Ba(OH) 2 -81120 and Ba(OH) 2 - 
H 2 O. His measurements lead to 9.1 mm. for the vapor pressure 
at 25°C. Whence 

Ba( 0 H )2 8 II 2 O = Ba( 0 H )2 H 20 + 7 H 20 (g); 

AF°298 = 18350. (35) 

(e) The solubility of barium hydroxide octahydrate in 
water at 0°C is almost exactly 0.1 M.’^ We may take the activity 
coefficient as a trifle greater than that of barium chloride (Table 
XXVIH2), namely 0.51. Now a-z = 4 (m 7 )*\ and AF °273 = 
RT In az = — 4090. By the measurements of de Forcrand, 
AH = — 14500, and 

Ba++ + 2011- + 8 H 20 ( 1 ) - Ba(OH) 2 -81120; 

AF°298 = - 3140. (36) 

(f) The free energy of this reaction is given by Equation 22. 

(g) In the presence of water at ordinary temperatures, 
barium peroxide forms a hydrate which, according to the work 
of de Forcrand®, is BaO 2 - 10 H 2 O. As a first step towards the 
completion of the calculation of the free energy of formation of 
hydrogen peroxide, we therefore measured the pressure of water 
vapor over a mixture of Ba 02 and BaO 2 - 10 H 2 O. This vapor 
pressure proved to be only slightly less than that of pure water, 

1 Lescoeur, Compt. rend., 103, 1260 (1887). 

3 LandoltrBdrnstein-Roth, Tabellen. 

•de Forcrand, Compt. rend., 130, 778, 834 (lOCX)). 
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namely, 15 mm. at 22®, 18.6 mm. at 25®, 28.3 mm. at 31®C. 
Hence 

BaOj + lOHaOCg) - BaOs IOH 2 O; A/?’®298 - - 22000. (37) 

(h) BaOa IOH 2 O = Ba+++ 20H- + H202(aq) + 8H20(1). 

This final reaction in our series we investigated by stirring the 
hydrated barium peroxide with water, or with water containing 
hydrogen peroxide, at 0®C. After equilibrium was obtained the 
solution was rapidly withdrawn and analyzed. 

Owing to the constant decomposition of the hydrogen peroxide, exact 
measurements were difficult; and the results which were obtained at first 
seemed impossible to interpret. A little later, however, there appeared a 
paper by Joyner,^ who discussed the equilibrium between hydrogen per¬ 
oxide and hydroxide ion to form hydroperoxide ion, which we may write 
as H02“. (As we have seen before, it makes no difference whether we uae 
this formula or one which represents some other degree of hydration.) 
These measurements of Joyner enabled us to calculate in each of our ex¬ 
periments the amount of free hydrogen peroxide, and of free hydroxide, 
thus permitting a simple interpretation of the data that we had secured. 

Joyners’ work, as we shall see presently, gives, at 0°C, K « 587 for the 
reaction OH" + H202(aq) « H() 2 ” + H 2 O. Therefore in our solutions 
(H02”)/(0H~) * 587(H202). The activity of H 2 O 2 may be taken as equal 
to its molality, and since the activity coefficients of the two ions are pre¬ 
sumably alike, we may take the ratio of the two ion activities as equal to 
the ratio of the stoichiomctrical molalities of H02~ and of OH”. The sum 
of these molalities is equal to twice that of Ba'*^^ in the solutions, and the 
sum of the molalities of H 02 “ and of H 2 O 2 is equal to the total hydrogen 
peroxide found by titration. Hence we are able to calculate the molalities 
given in the first four columns of Table 5. By the aid of our tables of 
activity coefficients we obtain the values of y for Ba (OH) 2 given in the 


Table 5 


Ba++ 

Total 

H 2 O 2 

Actual 

H 2 O 2 

OH” 

y 

K X 10 ^* 

0.00268 

0.00544 

0.00235 

0.00227 

0 821 

18.0 

0.00274 

0.00536 

0 00225 

0.00237 

0.819 

19.1 

0 00278 

0.00206 

0.00060 

0.00410 

0.817 

15 3 

0.00266 

0.00536 

0.00230 

0.00226 

0.821 

17.3 

0.00329 

0.01250 

0.00718 

0.00126 

0.798 

19.1 

0.00298 

0.00860 

0.00432 

0.00168 

0.817 

19.8 

0.00287 

0.00156 

0.00042 

0.00460 

0.818 

14.0 


1 Joyner, Z. anorg. Chem., 77, 103 (1912). 
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fifth column, and therefore we find K 27 » * (Ba++)(0H-)‘(H,0,) as given 
in the last column. ‘ 

It is evident that no great accuracy can be claimed for the 
measurements, but they are entirely adequate for our purpose. 
We may take as a weighted mean Km = 18.5 X 10“**. 

From the thermochemical investigations of de Forcrand, we 
find for the above reaction AH = 23700; hence Km - 7.17 X 
10 -*», and 

BaOa lOHjO = Ba++ + OH- + HsOa(aq) + 8 H 2 O; 

AF°m = 12480. (38) 

Free Energy of Formation of Aqueous Hydrogen Peroxide. 

Now by adding our whole series of equations we find 

Ha + O 2 = Ha 02 (aq); AF°m = - 31470. (39) 

The Ionization of Hydrogen Peroxide. In the paper to which 
we have referred, Joyner has determined the ionization constant 
of hydrogen peroxide by several methods. It is possible that a 
complete revision of his results with our new activity coefficients 
might appreciably modify a number of his individual values, 
but would probably not alter materially his average result, 
which we shall therefore take from his paper, namely. Km = 
0.67 X 10-**, Km = 2.4 X 10“**. or 

H 202 (aq) = H+ + HO,-; AF°m = 15860. (40) 

H 202 (aq) + OH- = HOa” + HaO. Dividing the ionization 
constant just given by the ionization constant of water, Ku, we 
obtain the equilibrium constant of this reaction, namely. Km = 
587, Km = 239. 

Hydroperoxide Ion. By combining Equations 39, 40 and 
XXX-3, we find the free energy of formation of hydroperoxide 
ion, 

MHa + O 2 + E- = HOa"; AF°m -15610. (41) 

* Since our new activity coefficients differ materially from those formerly used, and since, 
moreover, the new value of Ku» gives a different value for the constant of the HOr reaction, 
we have completely recalculated the data of Table 6, with a result, however, which differs very 
little from our former value. We have omitted Experiments 4 and 9^ which give top a 
ppnoentration of HsOi for exact measurpznent, 
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Ha02(l) « Hs02(s), As a step towards the determination of 
the free energy of formation of the various forms of hydrogen 
peroxide, we may first obtain, at various temperatures, the free 
energy change in the solidification of pure hydrogen peroxide. 
Maass and Hatcher^ have determined the melting point (— 1.7®C), 
the heat of fusion, and the specific heats of solid and liquid. 
They find ACp = 16.0 — 19.7 = — 3.7, and at the melting point 
Ajy = — 2516, whence A//o = — 1512 and A //298 = 2615. 

With the usual formula, taking AF® = 0 at the melting point, 
we find 

AF® = - 1512 + 3.7r In r - 15.167; AF ®298 = 252. (42) 

However, since Equation 42 would never be used over a very large 
temperature range, it may be advantageously replaced by one which in 
computation does not require so many significant figures. If, for example, 
we wish to know the activity of the solid at any temperature when the ac¬ 
tivity of the liquid is taken as unity, we may write 

^n a, ^ AH 
~dT “ F7’* 

where is the heat of solidification. Now let us integrate this equation 
in terms of the quantities which appear in Appendix III. Then we have 
log a, (at - 1.7°C) = 0 and 

log at (at /®C) = AH 298 [ 2 /(at CC) — y(at - 1.7°C)] - 

ACp \z{at eC) - 2 (at - 1.7°C)1. (43) 

We shall presently wish to know the activity of the solid at - 70°C. Using 
the tables, we find at this temperature a, « 0.23. 

HiOffaq) » H202(1). In order to ascertain the difference in free energy 
between pure liquid hydrogen peroxide and hydrogen peroxide in its stand¬ 
ard state in aqueous solution, the only information which is available is 
the complete freezing point curve obtained by Maass and Herzberg.* 

Since we have not previously given any example of just this kind of 
calculation, it will be interesting to show briefly the method which is 
appropriate in such cases. 

The curve of Maass and Herzberg, recalculated to mol fractions, is 
given in Figure 1, where the mol fractions are abscissae, and centigrade 
temperatures are ordinates. They found a compound, Hj02*2Hj0, as 
shown by the freezing point diagram. But instead of following their 

> Maass and Hatcher, J. Am. Chem. See., 42, 2548 (1920). 

s Maass and Hersberg, /. Am, Chem, Soe„ 42, 2569 (1920), 
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experimental curve, which would involve more laborious calculation, we 
may, with about equal accuracy, extrapolate the right and left limbs, as 
in the dotted portions of Figure 1. By such extrapolation we find that the 
eutectic temperature of the two simple solids would be about ~ 70°C, 
with a eutectic composition of about 36 mol percent H20a which is 
31.2 M. 

Now by methods with which we have become familiar v/e may make 
two distinct calculations. 

I. We may employ the left-hand curve, and by the methods developed 
for aqueous solutions in Chapter XXIII we may calculate the activity of 
H 2 O 2 at the eutectic point, referred to the standard state in water solution. 



0 0.2 0.4 0.6 0.8 1.0 

Mol Fraction of Hydrogen Peroxide. 


Figure 1. —Freezing Point of Aqiieous Hydrogen Peroxide. 


In order to employ Equation XXIII-30, we convert mol fractions to molali¬ 
ties, and find j/w at each temperature. Thus at - 70°, - 46.25°, - 38.0°, 

- 35.7° the values of j/m are ~ 0.0066, - 0.0079, - 0.0081, — 0.0082. At 
higher dilutions the values become irregular, but when we plot j/rn against 
7 w, we may draw a smooth carve which approaches the value j/m « 

- 0.0086 at infinite dilution. Proceeding as in Chapter XXIII, we thus 
find for the activity of H 2 O 2 at - 70°, referred to the customary standard 
in aqueous solution, 02 ( 1 ) = 54. 

II. Now the right-hand curve of Figure 1 represents the equilibrium 
between solid H 2 O 2 and the solution. At each point the activity of the 
solid is the same as that of the dissolved hydrogen peroxide when referred 
to the same standard. But we have already seen that at - 70°C, the 
eutectic point, the activity of the solid, referred to pure liquid as standard, 
is 0.23. Therefore in the solution, when we employ the same standard, 
a2(II) »0.23. 
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The ratio of these two expressions for the activity at the eutectic point 
is related to the difference in free energy in the two standard states, and 




RT\n 


02 ( 1 ) 

^(Jiy 


(44) 


The heat of mixing of water and hydrogen peroxide is probably small» 
and we have been assuming that it is negligible. On this assumption the 
ratio a 2 (I)/o 2 (II) * 235 is the same at different temperatures. Thus, we 
find 

H202(aq) = H202(1); = 3240. (45) 

H202(1) = H202(g). According to the experiments of Wolffen- 
stein^ and of Bruhl,^ the vapor pressure of pure H 2 O 2 is 29 mm. 
at 69°C, and 65 mm. at 85°C. This makes an uncertain basis 
for estimating the heat of vaporization. Calculating from these 
data AH = 12300 cal.^ and the vapor pressure at 25®C is 2.1 
mm. Hence for the process of vaporization 


AF°298 = 3500. 


(46) 


The Free Energy of Formation of Liquid, Solid and Gaseous 
Hydrogen Peroxide. Combining Equation 39 with Equations 
45, 42 and 46, we have 


H 2 + 02= HaOzCl); AF°298 = - 28230, (47) 

lU + 02= H202(s); AF^298 = ~ 27980, (48) 

H 2 + O 2 = H202(g); AF‘^298 = - 24730. (49) 

The Formation and Dissociation of Hydrogen Peroxide at 

High Temperatures. The heat of formation of gaseous hydrogen 
peroxide may be found by combining the value found above 
for the heat of vaporization with the thermochemical data of 
Thomsen and de Forcrand. This gives AHm = — 32600. 
The heat capacity of gaseous H 2 O 2 has not been determined. 
For the purpose of the rough calculation which we are about to 
make, w'c may take as in our previous publication, Cp = 7.5 + 

* WolffeiiBtein. Ber. deiU. ehem. Oea., 27, 3307 (1804). 

* Biilhl, Ber, detU, chem. Qea,, 28. 2847 (1805). 

•These figures make the boiling point of UaOa, 144®C, and the constant of Trouton’s rule 
becomes 20.5. The recent work of Maass shows a great similarity between water and hydrogen 
peroxide, but Trouton’s constant for water is 26.2. It seems likely therefore that the value 
given above for the heat of vaporisation may prove to be too high by as much as 1000 cal 
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0.0042r. We thus construct the general free energy equation 
in the usual way, making use of Equation 49, and thus find 

AF^ - 31200 + 5.5T In T - O.OOllST* ~ 9.37. (50) 

From this equation, it appears that hydrogen peroxide cannot 
spontaneously be formed from oxygen and hydrogen in appre¬ 
ciable amount, except below 1000®. 

H20(g) + H02(g) = H202(g). This is the reaction which 
Nernst believed to occur in considerable amount at high tem¬ 
peratures. By combining Equations 23 and 50. 

AF® - 26210 + 4.567 In 7 - 0.0028072 + 

0,000000377® - 13.227. (51) 

From this equation we find that even from 2000 to 3000®K the amount 
of HjOa that could form in the presence of water vapor and oxygen is 
quite inappreciable, not more than 1/100000 of that which was calculated 
by Nernst. The experiment of Traube, already referred to, in which a 
considerable yield of H 2 O 2 is obtained by the rapid cooling of an oxy- 
hydrogen flame, cannot therefore be explained by assuming that H 2 O 2 is 
largely present in the gases in the hottest portion of the oxyhydrogen flame. 
It must be explained rather by assuming that in the colder parts of the 
flame, probably between 500® and 1000°C, hydrogen and oxygen combine 
directly to form hydrogen peroxide. 

Metallic Oxides and Hydroxides 

The great importance of metallic oxides, especially in metal¬ 
lurgical operations, makes it highly desirable to investigate this 
class of substances in a systematic manner. This, however, has 
not yet been done, and we shall not attempt to collect the 
sporadic data which now exist, especially since in many cases 
which have been investigated there is some doubt as to the 
composition of the phases with respect to which equilibrium was 
obtained. In connection with other work we have incidentally 
obtained data for several oxides, and these we shall include in 
our tables. 

We may review briefly the principal methods which are 
serviceable in obtaining the free energy of formation of metallic 
oxides. 
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If the solubility of an oxide is known and the activity coefficient 
of its saturated solution, then we may obtain immediately the 
free energy of formation of the oxide from the standard electrode 
potentials. Or if the hydroxide is the substance whose solubility 
is known, its free energy may be similarly determined., and that 
of the oxide may be obtained therefrom. 

It may be well to illustrate the use of such methods in cases where the 
existing data are inferior in accuracy to those which we have ordinarily 
employed hitherto in our calculations. Thus the molality of a saturated 
solution of thallous hydroxide at 25°C is 1.70, according to the measure¬ 
ments of Bahr.^ We can obtain only roughly the activity coefficient at 
this concentration. With the aid of Table XXVII-r2, assuming that silver 
ion and thallous ion are alike, we shall estimate the activity coefficient to 
be in the neighborhood of 0.50. We thus find a±, « 1.70 X 0.50 * 0.85, 
and 

T1+ + OH- * TlOIKs); « - 190. (52) 

Combining with Equations 28 and XXX-16, 

T1 + MO 2 + HH 2 « T10H(8); - - 45400. (53) 

The vapor pressure of water over thallous hydroxide and oxide was also 
accurately measured by Bahr. From his data we have plotted ~ /E In p 
against 1/T, and the slope of the curve corresponds very exactly to the 
heat of hydration given by Thomsen. W^e may therefore extrapolate his 
curve to 25°C and find 

2T10H(s) =Tl20(s) +H20(g); = 3880. (64) 

And combining this equation with Equations 53 and 22 we have 

2Tl(s) + HO 2 = TbO(s); ^F^ 2 ^ « - 32410. (55) 

Let us take another case where the solubility is low, and therefore the 
activity coefficient of the saturated solution is accurately known, but the 
solubility measurements are uncertain. Bottger® found that with different 
samples of lead oxide he obtained different solubilities. We may assume 
that the lowest solubility v/hich he obtained by the conductivity method 
corresponded to the purest and most stable form. Taking that value at 
20°C, and calculating to 25^C from the thermochemical data of Thomsen, 
we find 


Pb++ + 20H- « H 2 O + PbO; ^^**298 * - 17000. (56) 

^Bahr, Z. anorg. Chem., 71, 85 (1911). 

* BOttger. Z. phynk, Chem., 46, 603 (1903). 
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Now utilising as before the free energy of the ions and of water, we find 

Pb-f JiO, «PbO; AF°298 « - 41000. (57) 

The free energy of hydration of lead oxide is small. By reversing the 
procedure used in the case of thallium oxide we could calculate the free 
energy of formation of lead hydroxide. 

Another method which we have employed in this chapter consists in 
determining the dissociation pressure of an oxide, either to give the metal, 
as in the case of silver and mercury, or to give a lower oxide, as in the case of 
cupric oxide going to cuprous (an equilibrium which has been measured, 
but which we have not employed). So also valuable data may be obtained 
by the reversible reduction of such oxides as those of iron, by hydrogen or 
carbon monoxide. In the next chapter we shall discuss the equilibrium in 
the reaction MgO -f 2HC1 « MgCla -f H 2 O, which would permit the 
calculation of the free energy of magnesium oxide if that of magnesium 
chloride were known. 

Finally we may study the oxides with the aid of the third law 
of thermodynamics, as we already have done in Chapter XXXI, 
with mercuric oxide. Thus from the measurements of Nernst 
and Schwers^ we calculate for PbO; S^m = 16.3, and using for 
the elements the values of Table XXXII-1, we find 

Pb -h >^02 = PbO; AS^m = « 23.2, (58) 

and at 25®C TAS® = - 6900. Unfortunately the only ther- 
rnochcmical data arc those of Thomsen which seem very uncer¬ 
tain. He gives AH = — 50300, wiience AF'^m = ~ 50300 + 
6900 = — 43400, a value which differs by more than 2000 cal. 
from the more reliable value which we have found above. It is 
probable that the discrepancy is due chiefly to error in AH, 
although the measurement of the solubility of PbO may be in 
part responsible. 

> Nernst and Schwers, SiUb, Kgl, preitsa, Akad, Wiaa., 1914, 355, 
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CHLORINE AND ITS COMPOUNDS 
Elementary Chlorine 

Chlorine Gas (Diatomic). Gaseous chlorine will be chosen 
as state of reference, and the standard state of chlorine gas is 
one in which the activity, or the fugacity, is unity, a = f = 1. 
This differs only slightly from choosing, as a standard, chlorine 
gas at one atmosphere; and for most purposes the difference can 
be ignored. However, chlorine is sufficiently imperfect so that 
in very precise calculations the departures from the gas law are 
appreciable. Thus we have seen in Chapter XVII that for 
chlorine at 25®C the fugacity is less than the pressure, as shown 
by the equation 

^ = 1 - 0.01 IP. 

At one atmosphere / = 0.989, and we may write 

Cl 2 (g,a = 1) = CUCg, P = 1); AP 298 = PT In 0.989 = -6.5. (1) 

Monatomic Chlorine. In the experiments of Pier,‘ the spe¬ 
cific heats of gases were determined up to high temperatures 
by the method of explosions. Chlorine at temperatures above 
1500°C showed a departure from the normal which is most readily 
explained by the assumption of a dissociation into monatomic 
molecules. The problem of interpreting Pier’s data is quite 
analogous to the one which we encountered in discussing mon¬ 
atomic hydrogen. His data did not give directly either the 
heat of dissociation or the degree of dissociation; but at each 
temperature the product of the two was found. Then, em¬ 
ploying the thermodynamic requirement for the change of the 
degree of dissociation with the temperature, he solved simul- 

> Pier, Z. phytik. Chem., 62. 385 (1908). 
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taneously for both unknowns. Thus he found 0.026 as the 
degree of dissociation at his highest temperature (2067‘’K), 
and AHo = 113000 for the reaction, 

CU(g) = 2Cl(g). 

Such a procedure greatly exaggerates the large errors which 
are inevitable in work of this character, and therefore we need not 
be surprised to find that a very large discrepancy exists between 
the integration constant, I, calculated from Pier's figures, and 
the one calculated from the entropies. From the heat capacity 
equations (VII-4 and VII-7) we may write 

AF° = A//o - 2.67’ In 7’ + 0.00057’* + IT, 
and from Equation XXXI-6 

AS° = 2.6(1 + In 7’) - 0.0017’ - 7. 

Now is accurately known for Cl*, from specific heats and 
the third law, and for Cl by Sackur’s principle and ultimate 
rational units. Thus from Table XXXII-2, AS°m - 20.1 
and 7 = — 3.0. Substituting this value in the general free 
energy equation, we have a relation at each temperature between 
AF° and AHo. Since each of Pier’s measurements presumably 
furnishes another such relation, we may calculate from one 
measurement bothATfo and the free energy change, or the degree 
of dissociation. Using his results at his highest temperature 
(2067‘’K), where the dissociation is most pronounced, we thus 
find 0.04 for the degree of dissociation, and 70000 for AHo. 

The great advantage pf our new method of determining 7 lies in 
the fact that an approximate determination of the free energy 
change at one temperature suffices to give a relatively accurate 
value of AHo. Thus if we assumed the degree of dissociation 
0.026, given by Pier at 2067‘’K, it would change AHo (and con¬ 
sequently AF°m) by only 3600 cal. 

With this value of AHo we have the complete free energy 
equation and find 

Cl,(g) = 2Cl(g); AF°m = 64800, 
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or for the free energy of formation of one mol of monatomic 
chlorine; 


3^Cl2(g) = Cl(g); a;’"298 = 32400, 

AF® = 35000 - 1.37 In 7 + 0.0002572 - 1.57. (2) 

Liquid Chlorine. According to the measurements of Knietsch,^ 
the vapor pressure of liquid chlorine at 25®C is 7.63 atmos. 
Now in Chapter XVII we have seen that at this pressure the 
activity of the gas is 6.99 atmos. and the activity of the liquid, 
by Equation XVII-26, is 1.012, so that 

CU(1) = Cl,(g); =-RT\n ^ = - 1146. 

If the vapor pressure at 25°C had not been measured, and we had desired 
to calculate AF®m8 with similar precision from the measurements of Johnson 
apd McIntosh* on the vapor pressure of chlorine at — 32®, and at lower tem¬ 
peratures, we could use an equation given by Pier, to find the degree of 
departure from the gas law at each temperature, and thus obtain the 
activity of the gas. We could also determine the activity of the liquid by 
applying Equation XVII-26, The ratio of the former to the latter would 
give the equilibrium constant; then by plotting ~ In X against l/T we 
could have obtained the ideal heat of vaporization, and by means of the 
known specific heats we could, by our usual methods, find We have 

in fact carried out this series of calculations, the details of which w'e do 
not reproduce, and have thus obtained a value of differing by only 

three or four calories from the one given above. 

By reversing our reaction we find for the free energy of for¬ 
mation of liquid chlorine 

Cl2(g) =Cl2(l); AF"298 = 1146. (3) 

We have carried out the preceding calculations with the utmost 
precision as a further example of a type of computation which 
must occasionally be employed. For ordinary purposes we do 
not need to know the free energy of substances with so high a 
degree of accuracy, especially since such data will usually be 
combined with other data, in the derivation of which no such 
precision is at present possible. 

> Koietsch, Ann. Chem., 259. 100 (1890). 

* Johnson and McIntosh. J. Am. Chtm. Soe., 81. 1138 (1009). 
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Chlorine in Water and in Carbon Tetrachloride. Jakowkin,^ 
in his valuable paper upon the hydrolysis of chlorine, finds, 
at 25°C, that an aqueous solution which is 0.0618 M with respect 
to chlorine (as such) is in equilibrium with gaseous chlorine at 
unit pressure (or, within the limits of accuracy of his measure¬ 
ments, at unit fugacity). Hence, 

Cl 2 (g) = Cl 2 (aq); AF ^98 ^ - RT \n 0.0618 - 1650. (4) 

On account of the frequent use of carbon tetrachloride in 
distribution experiments with the halogens, it will be desirable 
to know the free energy of chlorine in this solvent. Jakowkin 
determined the equilibrium between chlorine (as such) in water 
and in CCb. By interpolating his results to 25°C we find 
N/m = 2.85, where n is the mol fraction of CI 2 in CCI 4 , and rn is 
the number of mols of CI 2 per 1000 grams of water. Hence 

Cl 2 (aq) = Cl 2 (in CCI4); = - 620. (5) 

Adding Equations 4 and 5 gives 

Cl2(g) = Cl2(inCCl4); - 1030. (6) 

Chloride Ion, Tri-chloride Ion, Hydrochloric Acid 

The free energy of formation of ehloride ion we have already 
obtained in Table XXX-7, which gave 

i^Cl2(g) + E- = Cl“; AF‘^298 - -31367, 

and this is equivalent to the expressions 

3^H2 + 3^Cl2(g) = H"*^ + CT; AF°298 == 31367, 

HH 2 + MCl 2 (g) = HCl(aq); A/^^gs = - 31367. (7) 

Tri-chloride Ion. Jakowkin, in his extensive study of chlorine 
in aqueous solution, which we shall discuss in detail shortly, 
showed that the absorption of chlorine in aqueous hydrochloric 
acid is relatively greater at high concentrations of acid. This he 
interpreted by assuming the existence of the ion Cls"*. While 
from analogy to other halogens the formation of some tri-chloride 

^Jakowkin, Z. phyaik. Chem., 29, 613 (1899). 
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is to be predicted, the degree to which it forms should be approxi¬ 
mately independent of the concentration of the hydrochloric 
acid. Moreover it should form in equal degree in solutions of 
other chlorides, contrary to the results obtained by Jakowkin. 
At present therefore there is no justification for a calculation of 
the free energy of tri-chloride ion. 

Gaseous Hydrogen Chloride. The constant of the reaction, 
HCl(aq) = HCl(g), may be calculated immediately from the 
measurements of Bates and Kirschman which we have already 
considered in Table XX VI-1. There, and in Table XXVI-5, we 
found to be 0.000664. Therefore for our present reaction 

K = (0.000664)2, and 

HCl(aq) = HCl(g); AF °298 = 8675. (8) 

Now merely by adding Equations 7 and 8 wc obtain an 
extremely accurate value for the free energy of formation of 
gaseous hydrogen chloride, namely, 

+ HCUCg) = HCl(g); AF°298 = - 22692. (9) 

In forming gaseous hydrogen chloride from its elemCiits, both 
Thomsen and Berthelot found A //291 = — 22000 . Using the 
heat capacities given in Chapter VII, and the above value of 
AF° 298 , we hav(^ 

AF° = - 21870 -f 0.45Tln T - 0.000025T2 - 5.31T. (10) 

From Equation 10 we may calculate the degree of dissociation 
of hydrogen chloride at high temperatures. Thus at 1810°K we 
find the degree of dissociation to be 0.17 percent, while by 
direct experiment at this temperature Lowenstein^ found 0.27 
percent. Considering the wide temperature range of the cal¬ 
culation, and the difficulty of measurements at the high tem¬ 
perature, the agreement is not bad. 

Thb: Deacon Process 

The values which we have obtained for the free energy of 
formation of water and of hydrochloric acid are data of such 

1 LOwenstein, Z. physik. C?ieni., 54, 715 (1006). 



504 


THERMODYNAMICS 


Chap. XXXV 


importance to applied thermodynamics that we are fortunate in 
having an independent method of checking them. This is 
furnished by the reaction between water and chlorine to give 
hydrogen chloride and oxygen. Combining Equations 10 and 
XXXIV-23, we find 

MCU(g) H- MH*0(g) = HCl(g) + yiOt] = 4560, 

AE® = 6835 - 0.027 In 7 - 0.000857^ 

+ 0.0000001857» - 7.277. ( 11 ) 

This reaction has been studied experimentally by Lunge and 
Marmier,* by Lewis,* and by von Falkenstein.® From the 
values of K = [O,]^ [HCl] / [Cl*]^ we may calculate the 

corresponding values of 7. It may be of interest to present here 
the full table of calculations in order to illustrate what has 
proved to be the most convenient method of calculating I from a 
number of equilibrium measurements at different temperatures. 
In this case all of the terms may be obtained with sufficient 
accuracy by means of a good 20 -inch slide rule; in other cases 
some of the large terms must be obtained by means of logarithms 
if the second place of decimals is desired. Writing our equation 
in the form, 

7 = ^ 4 . 0.02 In 7 + 0.000857 - 0.0000001857*, 

we will give the individual terms in order in Table 1 . The 

Table 1 
Ah'" ah 9 

t T log a: AlWn T \^AViT I 


L. 352 626 -0.608 +2.78 -10.93 0.13 0.53 -0.07 -7.66 

L. 386 659 -0.475 +2.18 -10.38 0.13 0.56 -0.08 -7.69 

L. 419 692 -0.380 +1.74 - 9.88 0.13 0.69 -0.09 - 7.61 

v.F. 460 723 -0.353 +1.62 - 9.46 0.13 0.61 -0.10 -7.20 

V. F . 600 873 -0.001 +0.00 - 7.83 0.14 0.74 -0.14 -7.09 

v.F. 650 923 +0.100 -0.46 - 7.41 0.14 0.78 -0.16 -7.11 

L. M. 430 703 -0.403 +1.85 - 9.73 0.13 0.60 -0.09 -7.24 

L. M. 480 753 -0.335 +1.53 - 9.08 0.13 0.64 -0.10 -6.88 


> We have only used the two measurements of Lunge and Marmier which are included in 
the table of von Falkenstein. 

* Lewis, J. Am. Chem. Soe., 28, 1380 (1906). 

* von Falkenstein, Z. phpstk. Chem., 59, 313 (1907). 
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first column indicates the investigator; the second, the centigrade 
temperature; the third, the absolute temperature; the fourth, 
log K\ and then come the individual terms in the equation, 
namely; AF^/T ~ - R \n K ^ — 4.579 log K; next - AHoIT; 
then 0.02 In T = 0.02 X 2.303 log T, etc. 

In addition to these direct measurements we may consider two 
other reactions which combined give the reaction we are studying, 

(a) MgCl 2 (s) + KO 2 = MgO(s) + Cl 2 (g), 

(b) MgCUCs) + H20(g) = MgO(s) + 2HCl(g). 

One-half the difference between these two gives the reaction of 
the Deacon process. 

(a) This reaction has been studied by Haber and Fleisch- 
mann^ and by Moldenhauer.^ Unfortunately the former of 
these investigations is unavailable for our calculations, since 
the tables, owing to some error in transcription from the original 
records, are quite incomprehensible. Moldenhauer obtained 
the equilibrium starting with magnesium chloride and oxygen, 
and again with magnesium oxide and chlorine, and determined 
the equilibrium constants at 550®, 650® and 700®C. In expressing 
his constant, however, he apparently chose as his unit of pressure 
0.01 atmos. (and called these pressures concentrations). If his 
constants are divided by 10 we obtain K = [Cl2]/[02]^. The 
results are given in Table 2, where the first column gives the 
absolute temperature, the second the equilibrium constant, and 
the third the constant 7, obtained from the equation given below. 


Table 2 


T 

K 

I 

823 

1.75 

-44.86 

923 

2.53 

-44.97 

973 

2.95 

-45.03 


Taking as the heat of formation of MgCU, 151000 (Thomsen), 
and of MgO, 143600 (Berthelot 143300; von Wartenburg* 
143900), we find AHm = 7400. The heat capacities of MgCU 

1 Haber and Fleiachmann, Z. anorg. Chem., 51, 336 (1906); 52, 127 (1907). 

< Moldenhauer, Z. anorg- Chem., 51, 369 (1906). 

* von Wartenburg, Z. BUktrockem.^ 15, 866 (1909), 
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and MgO, taken from tlie tables of Landolt-Bornstcin-Roth, 
are 18.7 and 9.6 respectively, and taking the heat capacities of the 
gases from Chapter VII, we find ACp = — 4.95 + 0.00057, 
A//o ~ 8820, and with the aid of Table 2, 

MgCUCs) + 3/^02 = MgO + CI 2 ; AF°298 = 3810, 

AF° = 8820 + 4.957 In 7 - 0.0002572 - 44.957. (12) 

(b) Moldenhauer also investigated the reversible action of 
water upon magnesium chloride. He found that below 520®C the 
solid phases contained MgCU and MgOHCl, but that between 
520® and 700® the solid substances are the same as in the previous 
reaction, namely, MgO and MgCU. The values of K = [HCl]^/ 
[H 2 O], calculated from the original data of Moldenhauer, are 
given in the second column of Table 3, in which the first column 
gives the absolute temperature, and the third, the values of / 
obtained by the equation which we shall presently obtain. The 
values of / do not show the remarkably good agreement of the 
other set of experiments, but a weighted mean of the results, 
obtained from a careful consideration of his probable errors, 
does not differ from the unweighted mean, which we shall adopt. 

Table 3 


T 

K 

/ 

803 

0.(523 

-.58.57 

873 

2 24 

-59.18 

973 

8.40 

-59 56 


Taking the same heats of formation as in the previous section 
for MgCUand MgO, and for HCl(g) and H20(g), the values we 
have previously adopted, 22000 and 57800 respectively, we find 
AH^di = 21200. Using once more the heat capacities of MgCU 
and MgO, and those of H 2 O and HCl, ACp = - 4.91 + 0.00397 
— 0.0000022272; AHq = 22480, and with the aid of the experi¬ 
mental constants, 

MgCl 2 (s) + IhOig) = MgO(s) + 2HCl(g); = 13040, 

AF® = 22480 + 4.917 In 7 - 0.0019572 

+ 0.0000003773 - 59.107. (13) 
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Since Equations 12 and 13 were obtained from experiments 
in approximately the same range of temperature, the value of 
I obtained by their combination is nearly independent of any 
errors which may have been made in choosing the heats of for¬ 
mation and the specific heats of MgO and MgCU, and is, more¬ 
over, independent of the assumption that the solid phase in the 
two investigations of Moldenhauer was a mixture of pure MgO 
and pure MgCh. The only assumption necessary is that the 
solid phases were the same in both sets of experiments. By com¬ 
bining Equations 12 and 13 we obtain a new value of I for the 
Deacon process, namely, — 7.08. 

Summary of Results for the Deacon Process. This new 
value of 7, together with those of Equation 11 and of Table 1, 
serve to fix the values of this constant within narrow limits. 
From the investigations of the Deacon process alone, before the 
experiments of Bates and Kirschman were available, the mean 
value, 7 = — 7.27, led to the preliminary value of AF °298 = 
4560, which we employed in the preceding chapter for one of the 
independent determinations of the free energy of water. That 
value of 7 is identical with the most exact value which is given by 
Equation 11. The degree of concordance between the various 
experiments on the Deacon process is shown by the fact that 
choosing the value of 7 farthest from the mean would cause a 
change of only 100 cal. in AF° 298 . 

Hypochlorous Acid and Hypochlorite Ion 

The hydrolysis of chlorine has been very thoroughly studied 
by Jakowkin.^ Owing to the extreme weakness of HCIO as 
an acid, its ionization is entirely negligible in a neutral or acid 
solution. When the system is composed of chlorine and water 
alone, (H"*"), (Cl-), and (HCIO) are equal to one another and to 
the degree of hydrolysis of the chlorine. From the latter we 
therefore find at once K = (H+) (Cb) (HC10)/(CU). Since 
Jakowkin's results are expressed in units which are not easily 
understood, and since his measurements were made at a variety 

1 Jakowkiii, Z. phyaik. Chetn.* 29, 613 (1899). 
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of random temperatures, we have considered it advisable to 
recalculate his results in our units, to plot log K against l/IT, 
and from the curve to find the values of this important constant 
at regular intervals of temperature, as shown in the following 
table. 


Table 4 


t 

K X 10^ 

t 

K X 10< 

0 

1.45 

35 

6.43 

6 

1.9C 

40 

7.15 

10 

2.58 

45 

, 7.84 

15 

3.28 

50 

8.51 

20 

4.06 

55 

9.12 

25 

4.84 

60 

9.75 

30 

5.65 




From this table we find Km = 0.000484 and 

CUCaq) + H20(1) = H+ + Cl~ + HClO(aq); = 4525. (14) 

The electrolytic dissociation of hypochlorous acid was studied 
by Sand^ at 17°, who found K = 3.7 X 10~®. But the value is 
doubtless too high. W. A. Noyes and T. A. Wilson have very 
recently found 1^298 = 0-7 X 10*”^®. The authors have kindly 
given us this value in advance of publication. From this 
constant, 

HClO(aq) = H+ + C10~; AF °298 - 12520. (15) 

Combining Equations 14 and 15 with Equations 4, 7, and 
XXXIV-19, 

J^H 2 + /^Cl 2 (g) + 3^02 = HClO(aq); AF°298 = “ 19018. (16) 

HCl2(g) + 3^02 + E- = CIO-; AF°298 - - 6500. (17) 

Chlorate Ion 

We shall see in the following chapters that there is no great 
difficulty in studying equilibria involving bromates and iodates. 
But on account of the much lower reactivity of chlorine com- 

1 Sand. Z. phytih, Chem., 48, 610 (1904). 
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pounds^ the determination of the free energy of formation of 
chlorates has met with difficulties which for a time seemed almost 
insuperable. Some years ago it occurred to us to study the 
pressure developed when fused potassium chlorate evolves 
oxygen. Our first experiment was made in a closed steel bomb 
at about 400®C. The bomb was inches in diameter, with a 
% inch hole in its center. After about half an hour the pressure 
had become so enormous as to cause the bottom of the bomb 
(at least a half-inch of solid steel) to flow gradually into a bulb. 
This showed that the pressure which would be attained at 
equilibrium would be far too great to measure, a conclusion 
completely verified by the results we are about to discuss. 

Upon the suggestion of one of the authors, Mr. A. L. Parson 
attempted to study the equilibrium in the reaction HCU + 
BrOa"" = J^Br 2 + ClOa”, but at every temperature at which this 
reaction occurred at measurable velocity, oxygen was evolved in 
sufficient amount to destroy the containing vessel. 

The problem was next attacked by Olson ^ who studied the 
reaction between water and chlorine to give chloric and hydro¬ 
chloric acids. Here again at temperatures sufficiently low to 
avoid a large evolution of oxygen, the reaction was found to be 
too slow to permit the determination of the equilibrium. How¬ 
ever, by catalyzing with manganese salts, in accordance with the 
suggestion of Professor W. C. Bray, it proved possible to accel¬ 
erate the reaction, so that at 91®C, at the end of seven months, 
the equilibrium constants obtained by approaching the equili¬ 
brium from both sides differed only by a factor of 2 (corresponding 
to an uncertainty of 400 cal. in AF° at 25®C). Thus Olson found 
Km = 4.3 X 10“^ and AF^m = 10600 for the reaction SCU (aq) 
+ 3H20(1) = 6H+ + 5C1- + C103“. 

We have already studied cases in which we have succeeded 
in extrapolating free energy values over a range of one or two 
thousand degrees with an uncertainty amounting to less than one 
hundred calories. It would therefore seem an easy matter 
to pass in this case over a range of only 68 degrees from 91®C 
to 25®C. Indeed the data of Thomsen and Berthelot lead by a 

1 Olson. /. Am. Chem. Soe., 42, 896 (1020). 
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carious coincidence to a value of exactly zero for AHm in this 
reaction. This, however, would be far from true at other 
temperatures, for the large negative partial molal heat capacities 
of the ions make ACp of the order of — 300 cal. per degree. On 
the other hand, it is probable that ACp itself is rapidly becoming 
smaller numerically with increasing temperature (see Table 
XXIX-2). We are therefore forced to a certain amount of 
guesswork. Let us assume that the average ACp for the range 
we are considering is one-half of the above value, namely — 150. 
Using this value and AFmi = 0, we find 

3Cls(aq) -I- 3H«0(1) = 6H+ -I- .5C1- + ClOr; AF®*,* = 7650. (18) 
Combining this with Equations 4, 7 and XXXIV-19, we have 

ViEi -h J^CU(g) -b = HC 103 (aq); AF%,, = - 250, (19) 

-b )^Cl 2 (g) -b %02 = H+ -b CIO3-; AF °298 = - 250, (20) 

HCl*(g) -b HO 2 -b E- = CIO3-; Ar *98 = - 250. (21) 

By means of the.se equations we may form a rough idea of 
the equilibrium pressure in the decomposition of potassium 
chlorate. Assuming that the difference in free energy between 
solid potassium chloride and potassium, chlorate is approximately 
the same as that between chloride ion and chlorate ion, the 
decomposition pressure of potassium chlorate is of the order of 
10*® atmos. at room temperature, and rises rapidly with the 
temperature. The result which we obtained in the steel bomb 
is therefore not surprising. 

Metallic Chlorides and Chlorates 

We have incidentally obtained values for the free energy of 
formation of a number of metallic chlorides, and these we may 
collect for reference. 

For HgCl and AgCl, Tables XXX-7 and XXX-8 give imme¬ 
diately 


Hg -b HCU(g) = HgCl; AF°m = - 25137, 
Ag -b KCU(g) = AgCl; AF% = - 26187. 


( 22 ) 

(23) 
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Also in Chapter XXX we discussed some unpublished measure* 
ments of Gerke, which give 

Pb, PbCU, AgCl, Ag; £“*** = 0.4901, 

Tl, TlCl, AgCl, Ag; E %8 - 0.7791. 

Whence 

Pb + CU(g) = PbCU; ^F°m = - 74990, (24) 

Tl + i^CUCg) = TlCl; AFV = - 44164. (25) 

In discussing the work of Allmand and Polack (Table 
XXVII— 6 ) we have found that saturated sodium chloride 
( 6.12 M), at 25°C, has the activity coefficient, 1.013, whence 
with Table XXX-7, 

Na + HCl 2 (g) = NaCl; = - 91792. (26) 

Potassium Chlorate. In the same way in which we obtain 
the free energy of formation of a solid salt composed of elementary 
ions we may calculate the free energy of salts with compound 
ions. Thus the solubility of KCIO 3 is about 0.67 M at 25°C. 
The activity coefficient is somewhat lower than that of silver 
nitrate, and we may therefore estimate from Table XXVII -12 
that 7 = 0.40, whence 

K+ + CIO 3 - = KC 103 (s); AP°298 = - 1570. (27) 

Combining this with the free energies of formation of K'*’ and 
CIOs" by Table XXX-7 and Equation 21 , we find 

K + ViCUg) + = KC103(8); = - 69250. (28) 



CHAPTER XXXVI 


BROMINE AND ITS COMPOUNDS* 

From existing data we are in a position to calculate the free 
energy of the various known forms of elementary bromine, of 
bromide and polybromide ions, and of all the known compounds 
of bromine with oxygen and hydrogen. We shall take liquid 
bromine at atmospheric pressure as the standard state of refer¬ 
ence, and shall indicate its formula by Br 2 (l). 

Bromine Vapor 

Brj(l) = Bra(g). The vapor pressure of liquid bromine has 
been determined by Roozeboom,* and by Ramsay and Young.® 
Both sets of measurements show excellent self-consistency when 
tested by plotting — f2 In p against \/T. In both cases a few 
scattering points are obviously in error, but the remaining points 
give for each set a straight line, and these two straight lines are 
not only near to one another but are parallel, that is, they have 
the same slope. From this slope we may determine directly the 
heat of vaporization at the average temperature (32°) of the 
points which were plotted. We thus find A//ioe = 7520. While 
the heat capacity of liquid bromine has not been accurately 
determined, we may take the approximate value ACp = — 9.6 
for this reaction. 

It may be well to emphasize once more the implications of 
such a choice as this. Since we have adopted permanently for 
Brj(g) the value Cp = 7.4 -|- 0.001 T, this means that we are 
taking for Brj(l), Cp = 17.0 + 0.001 T, an equation which is 

1 Thk chapter constitutes a revision of our paper "The Free Energy of Bromine Compounds", 
Lewis and Rwdall, J. Am. Chem. 8oe., S8, 2348 (1916). 

* Rooseboom, Ree. trav. ehim., 3, 73 (1884). 

> Ramsay and Young, J, Chem. Soe. London, 49, 463 (1886), 

512 



BROMINE COMPOUNDS 


513 


purely formal, is introduced for convenience, and only has 
experimental significance inasmuch as it gives the approximate 
value of the specific heat of liquid bromine at room temperature. 
Having once assumed this equation we must of course apply it 
consistently in future equations. 

We therefore write Aff = 10450 — 9.67, which agrees almost 
precisely with the heat of vaporization determined by Berthelot 
at 60° and is a trifle higher than the value obtained by Thomsen. 
The final free energy equation is 

= 10450 + 9.6T In T - 87.21 T, (1) 

where the value of / = — 87.21 is obtained from the following 
determination of Af° 298 * The vapor pressure of bromine at 
25° is 208 mm. of mercury, if we use the data of Roozeboom, 
and 213 mm. if we use the data of Ramsay and Young. The 
latter measurements are in somewhat better agreement with 
the determinations of the boiling point of bromine, and we shall 
therefore accept Ramsay and Young's value. Hence, 

Br 2 (l) = Br 2 (g); AF°298 - 755 cal. (2) 

In these calculations we have assumed bromine vapor to be 
a perfect gas. If we had accurate data on the density of the 
vapor we could make the calculations more precise, thus obtain¬ 
ing somewhat different values for the free energy change and 
especially for the he^t of vaporization. 

Monatomic Bromine 

The dissociation of bromine vapor into the monatomic gas 
has been studied by Perman and Atkinson^ who measured the 
density of bromine vapor between 650° and 1050°C. Their 
method of calculation is not easy to follow, but if we divide 
what they call vapor density by 80.3, which seems to be the best 
value of this quantity at the lowest temperature (where we may 
assume that no dissociation occurs), we should get the ratio 
between the actual density and the density calculated on the 

1 Perman and Atkinson^ Z. physik, CA«m., S3, 215, 677 (1000). 
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assumption of no dissociation. The equilibrium constants K, 
calculated from these ratios, are given in the second row of 
Table 1, the absolute temperature being given in the first row. 

Table 1. —Brs(g) =■ 2Br(g) 

T 1073 1123 1173 1223 1273 1323 

K 0.000179 0.000403 0.00140 0.00328 0.0077 0.0182 

In our former publication on this subject we plotted the 
values of log K against l/T and thus obtained a provisional 
but very uncertain value for the heat of dissociation. We are 
now in a position to calculate this quantity with the aid of the 
entropies given in Table XXXII-2. In spite of the uncertainty 
in the experimental value of the entropy of bromine vapor this 
calculation will be more reliable than the one based on 
equilibrium measurements alone. 

From that table we find for BrjCg), = 55.5; and for 
2Br(g), /S°M8 = 77.6, hence A/S° 29 g = 22.1. Employing this 
value of A)S®, and the equilibrium constant at any one tempera¬ 
ture, we may calculate both and the integration constant 
/ of the general free energy equation. With the heat capacity 
data of Chapter VII, this equation becomes 

AF° = Affo - 2.67 In r + 0.00057* + IT. (3) 

From Equation XXXI-6 we find 

A/S® = 2.6(1 + In 7) - 0.0017 - I, (4) 

and using the above value of A»S" at 7 = 298.1, we find / = — 5.0. 

With this value of I we may calculate from each experiment 
in Table 1 a value of Affo. At the four highest temperatures, 
where the experimental error would be least, we find for the 
respective values of Affo, 42100, 41900, 41500, 41000. These 
show a certain trend, but agree well within the limits of experi¬ 
mental error. Using the mean, we finally have 

Brj(g) = 2Br(g)’; = 35740; 

AF“ = 41600 - 2.67 In 7 + 0.00057* - 5.07. (5) 
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Combining Equations 2 and 5 we find for the free energy of 
formation of one mol of the monatomic gas, 

3^Br2(l) = Br(g); AF^m = 18250. (6) 

Bromine in the Solid State and in Solution 

The heat of fusion of bromine was found by llegnault to be 
2580 cal. per mol of Br 2 . The heat capacity of solid bromine 
has not been much studied, but judging from the measurements 
of Koref^ at low temperatures it is not far from that of liquid 
bromine at ordinary temperatures. We may write, therefore, 
ACp = 0 and A//o = — 2580. Taking the freezing point as 
— 7.3®C, where AF° = 0, we find 

BraO) = Br2(s); AF^ = - 2580 + 9.71 T; AF°298 = 314. (7) 

Without a direct determination of either melting point or heat of fusion, 
we could make this same calculation from the experiments of Ramsay and 
Young and those of Cuthl)ertson* upon the vapor pressure of solid bromine. 
We have plotted their data in the usual way, namely, — In p against 
l/T. From the slope of the curve, which gives the heat of sublimation, 
and from the heat of vaporization of the liquid, which we have already dis¬ 
cussed, we find a value, for the heat of fusion, of 2490 cal. This, within 
the limits of error of the vapor-pressure measurements, coincides with the 
value of Regnault. Likewise from the vapor-pressure measurements we 
could calculate directly the value of AF® 298 , and here too the calculation, 
although subject to large errors, agrees with the value which we have given. 
Similar calculations, based upon more accurate data, we are going to make 
in discussing the various forms of elementary sulfur. 

Bromine in Carbon Tetrachloride. Before proceeding to 
determine the free energy of aqueous bromine, it will be desirable 
to calculate the free energy of bromine dissolved in carbon 
tetrachloride. This calculation will be useful on account of the 
frequent employment of carbon tetrachloride as a solvent in 
distribution experiments, and in general where it is necessary 
to maintain a phase in which the activity of the solute is at 
a known constant value. As we have seen in Chapter XXII, 

> Koref, Ann. Phyaik., (4]. S6. 49 (1911), 

* Cuthbertaon, Proc. Roy. Soe. London, (A). 85, 306 (1911). 
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from the measurements of Lewis and Storch, the vapor pressure 
of bromine from a dilute solution in carbon tetrachloride is 
proportional to the mol fraction in the latter phase, namely 
at 25®C, P 2 /N 2 == 0.539. Whence 

Br 2 (g) = Br 2 (in CCI 4 ); = - 366. (8) 

By combining Equations 2 and 8 

Br 2 (l) = Br 2 (in CCI 4 ); = 389. (9) 

Bromine in Water. The distribution coefficient of bromine 
between carbon tetrachloride and water was studied extensively 
by Jakowkin^ In bis more dilute solutions the results are 
rendered uncertain by the hydrolysis of bromine. We need 
not reproduce the laborious calculations which we have made in 
reducing his measurements to our units (with the aid of the 
probable assumption that liquid bromine and carbon tetrachlo¬ 
ride mix without any large change of volume). His results 
show that if m is the molality in the aqueous phase, and N 2 is 
the mol fraction of the bromine in the other phase, m/N 2 varies 
from 0.35 at N 2 = 0.14 to a value in dilute solution which agrees 
with the one obtained by Lewis and Storch, namely m/N 2 = 
0.371. The latter value was obtained by shaking up bromine 
with carbon tetrachloride and water (containing O.OOIM HCl or 
H 2 SO 4 to prevent the hydrolysis). The result was the same 
with both acids; and taking for dilute solution m/N 2 = 0.371, we 
have 

Br 2 (in CCI 4 ) = Br 2 (aq); AF^m = 588. (10) 

Combining our last two equations we find 

Br 2 (l) = Br 2 (aq); AF°298 = 977. (11) 

From this value we may calculate 02 , the activity of bromine in water 
saturated with liquid bromine. Since = - /ET In 02 « 977, 
at « 0.192. For the solubility of bromine in water at 25®C, Bray and Con¬ 
nolly* found in « 0.207. In other words, the activity of bromine in the 

1 Jakowkin, Z. physik. Chem., 18, 583 (1895). 

(Bray and ConnoUy, J, Am. Chem. Soc., 33, 1485 (1011). 
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saturated solution is 7.5 percent less than the molality. Indeed the depar¬ 
ture of 02 from m must be a little greater than this, since in the solubility 
measurements the aqueous solution is in equilibrium, not with pure bro¬ 
mine, but with bromine in which a small amount of water is dissolved. 

Hydrobromic Acid and Bromide Ion 

MH 2 + 3^Br2(g) = HBr(g). The value of AH for this reaction 
at room temperature is — 11900 according to Thomsen, and 

— 12300 according to Berthelot, the average being ~ 12100. 
The heat capacities are given in Chapter VII. In order therefore 
to complete the free energy equation it is only necessary to know 
the dissociation of hydrogen bromide at some one temperature. 
This dissociation was measured by von Falckenstein^ at 1024®, 
1108® and 1222®C. At these temperatures he obtained the three 
values of log Kj 2.60, 2.44 and 2.27, which lead in turn to three 
values of /, namely, — 5.87, — 5.72 and — 5.64, average I *= 

— 5.74. Hence the general equation is 

AF® = - 11970 + 0.45r In T - 0.000025^2 - o.74T, 

3^H2 + 3^Br2(g) - HBr(g); AF®298 - - 12920. (12) 

In such a case as this, and tiie similar case of the formation of hydrogen 
chloride which we discussed in the last chapter, we note that neither the 
number of molecules, nor the number of atoms within a molecule, changes 
in the reaction. In such cases, not only is ACp small, but the value of I 
proves to be small, as was first pointed out by Haber. In such a case we 
have a close approach to the simplest form of the free energy equation, 
namely, 

- HT In K = AF'’ = A//„ = const. (l3) 

In our earlier publication on bromine compounds, we pointed out a fact 
regarding such a reaction which, though obvious when stated, has not, to 
our knowledge, been previously recognized. Ordinarily it has been assumed 
that in a reaction like the dissociation of hydrogen bromine, the dissociation 
would approach completion with increasing temperature. This is by no 
means the case. Using for approximation Equation 13, we see that as the 
temperature is indefinitely increased. In K approaches zero, therefore K 
approaches unity. In other words, the degree of dissociation will approach 

1 von Falckenstein, Z. phjfitik. Chem., 69, 270 (1909). 
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50 percent and not 100 percent as the temperature is increased. In the 
actual cases which we have considered there are additional small terms in 
the free energy equation^ but nevertheless it is evident that in any tempera¬ 
ture range in which Equation 12 is approximately valid the degree of disso¬ 
ciation of HBr cannot exceed 50 percent, except of course in so far as other 
reactions enter, such as the dissociation of H 2 and Br 2 into their monatomic 
forms. 

Before leaving Equation 12 we may note that while the extrapolation to 
25® from von Falckenstein’s experiments is made over a wide temperature 
range, the probable errors in the specific heats and in the heat of reaction 
are not sufficient to produce an uncertainty of more than 100 to 150 cal. 
in the value of AF° 298 . This calculation therefore is probably more reliable 
than one which we shall now make and which is based upon the measure¬ 
ments by Bodenstein and Geiger* of the e.m.f. of the hydrogen, bromine, 
hydrobromic acid cell. They used two half cells, and placed in both the 
same concentrated aqueous hydrobromic acid. In one was a hydrogen 
electrode, in the other a bromine electrode, enough bromine being added 
to the hydrobromic acid so that the vapor pressures of the bromine and 
hydrobromic acid could be simultaneously determined. Knowing then the 
vapor pressure of Br 2 , HBr and H 2 , the electromotive force should be repre¬ 
sented by the equation 


E = E® 


RT 


In 


The three cells in which Bodenstein and Geiger measured the electromotive 
forces and vapor pressures give for E® the values 0.557, 0.558 and 0.549 v. 
at 30®. The differences between these values of E® may be partly due to 
exfierimental error, but they must in part be due to the error in assuming 
the hydrobromic acid to be the same iu the two halves of the cell, even 
though enough bromine is added on one side to change appreciably the 
vapor pressure of HBr, as shown by the authors themselves. The mean 
of their values gives AF® 2»8 = — 12800. Their value therefore agrees as well 
as could be expected with the one which we have given above. 


Combining Equations 2 and 12 wc have 


HUi + J4Br2(l) = HBr(g); AF°m = - 12540. (14) 

Aqueous Hydrobromic Acid. From Table XXX-7 we obtain 
the free energy of formation of bromide ion, namely, 

HBr 2 (l) + E- = Br-; AF°m = - 24595. (15) 

> Bodenstein and Geiger, Z. phyaik. Chem., 49, 70 (1004). 
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This equation may be put in the equivalent forms 

+ 3^Br2(l) = H+ + Br"; = - 24595, (16) 

+ HBraCl) = HBr(aq); AF®298 = - 24595. (17) 

The Activity Coefficient of Aqueous Hydrobromic Acid. We 

have seen in Chapter XXVI that the measurements of Lewis 
and Storch show the activity coefficient of HBr to be the same 
as that of HCI up to 0.1 M. This is far from being true at higher 
concentrations, as we may see by combining the free energies 
of HBr(g) and HBr(aq) with the vapor pressure measurements of 
Bates and Kirschmann given in Table XXVI-1. Let us write the 
reaction HBr(aq) = HBr(g), for which we find by Equations 
14 and 15, AF^g = 12055, and K = 14.72 X 10“'®. If aa is the 
activity in the solution and if p, the vapor pressure, is taken 
equal to the activity of the gas, K = p/aa = (/>^/«db)^* Now 
in Table XXVI-1 we wrote = p'^/vu Hence we find ^2 = 
= 0.0000383. Substituting this value in that table we 
find the following activity coefficients at several molalities. 

Table 2.—Activity Coefficient op Aqueous Hydrobromic Acid 
m 6.0 7.0 8.0 9.0 10.0 11.0 

7 6.14 823 11.2 15.8 23.0 33.4 

The activity coefficients are even higher than those given for 
hydrochloric acid in Table XXVI-4. On account of the fact 
that the values for hydrobromic acid are based on the extra¬ 
polation of the high temperature measurements of von Falcken- 
stein their accuracy cannot be high. A study of the cell Ha, 
HBr(aq), AgBr, Ag, from dilute solutions to the concentrations 
used by Bates and Kirschmann, would give far more accurate 
values, and would furnish a check upon the free energy of for¬ 
mation of gaseous hydrobromic acid. 

Polybromides 

Tri-bromide Ion. In previous discussions of the polyhalides 
it has been assumed that the degree of dissociation (activity 
coefficient) of the polyhalide in dilute solution is the same as that 
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of the simple halide. However, wlien we come to a discussion 
of tri-iodides we shall see that there is strong evidence for believ¬ 
ing that the activity coefficient of Is” is lower than that of I~ 
(as in the case of other compound ions), and is about the mean 
of that of I"” and that of NOa”". Assuming this to be the case 
also with the bromides, we are led to a slight change in the evalua¬ 
tion of the free energy of tri-bromide ion. 

Lewis and Storch,' by shaking a carbon tetrachloride solution 
of bromine with 0.1 M HBr, found the molality of HBra divided 
by the product of the molalities of HBr and Br 2 , to be 16.4. 
Now according to the assumption that we have just made (see 
Table XXVIII-8) the activity coefficient of Bra" is 8 percent 
less than that of Br", and we therefore find K = (Bra“) / [(Br") 
(Br 2 )] = 15.2. The corresponding work of Jakowkin^ with 
potassium bromide solutions of the same average concentration 
leads to approximately the same result. We thus find 

Br" + Br2(aq) = Bra"; = — 1610. (18) 

Combining with Equations 11 and 15, 

^Br 2 (l) + E" = Bra"; A/^298 - - 25230. (19) 

Penta-bromides. There cannot be much question that, in addition to 
the tri-bromide, penta-bromide and higher polybromides exist. By making 
certain assumptions, the equilibrium constants in polybromide formation 
may be calculated.® Nevertheless since a substance like KBr® is found in 
appreciable amount only when the concentration of bromine is high, and 
therefore the laws of the dilute solution arc not necessarily valid, we believe 
that a quantitative calculation, at the present time, would be illusory. We 
shall therefore not attempt to evaluate the free energy of formation of 
penta-bromide ion. 

As we have so often remarked, it is merely a matter of choice from a 
thermodynamic standpoint whether or not we explain deviations from the 
ideal solution through the assumption of some chemical reaction. In the 
case of the tri-bromide reaction, no other interpretation would be quite so 
simple as that which assumes a combination of bromine and bromide ion. 
It may be that after we have acquired greater familiarity with the proper¬ 
ties of concentrated electrolytic solutions, a similar interpretation may be 
made with respect to the penta-bromide. 

> Lewis and Storch, /. Am. Chem. Soe.t 39. 2544 (1017) 

> Jakowkin. Z. phyaik. Chem., 20, 10 (1806). 

>See Linhart, J. Am. Chem. Soc., 40. 158 (1018). 
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Hypobuomous Acid 

From careful measurements of the conductivity, Bray and 
Connolly^ have determined the degree of hydrolysis of bromine 
solutions and found 

iiC298 = (H+) (Br-) (HBrO)/(Br 2 ) = 5.2 X 10"^ 

Hence 

Br 2 (aq) + HjOCl) = H+ + Br~ + HBrO(aq); 

AF°298 = 11310. (20) 

Owing to our lack of knowledge of the dissociation constant 
of hypobromous acid, it is impossible to determine the free 
energy of hypobromite ion. We must therefore at present be 
content with the determination of that of the free acid. Com¬ 
bining Equations 11, 15, and 20 with Equation XXXIV-19, 
we find 

+ HBraCl) + = HBrO(aq); AF®298 = - 19680. (21) 


Bromic Acid and Bromate Ion 


Sammet^ measured, at 25°C, the potential of a platinum 
electrode dipping into an aqueous solution of bromic acid satu¬ 
rated with liquid bromine. With 0.001 M HBrOa the potential 
against the normal calomel electrode was — 0.929. By the use 
of the Planck formula he calculated the liquid potential to be 
0.031 V. which probably is as nearly correct as the measurements 
themselves. The potential therefore against the normal calomel 
electrode, excluding liquid potentials, is — 0.960 v., or against 
the hydrogen electrode is — 1.242 v. We have then the equation 


RT 


~ 1.242 = E" - In [(H+)«(Br 03 ~)]. 


Taking the activity 

coefficient of the bromic acid as 0.97, E® = — 1.491, and 
J^Br2(l) + 3H20(1) = 6H+ + BrOg- + fiE”; 


AF®298 = 172000. (22) 


Combining with Equation XXXIV-19, we have 


3^Br2(l) + ?^^02 + E~ = BrOs-; AF®298 - 2300. (23) 

* Bray and Connolly, J. Am Chem. Soe., S3, 1485 (1911). 

^Sammet, Z, physik. Chem. 53, 678 (1905). 
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IODINE AND ITS COMPOUNDS 
Elementary Iodine 

Taking solid iodine, l 2 (s),as the standard reference state, we 
may calculate the free energy of the several elementary forms. 

Liquid Iodine. The melting point was found by Ramsay and 
Youngs to be 114®C, a value which is in good agreement with 
those given by Regnault and by Stas. From the vapor pressure 
measurements of Ramsay and Young the heat of vaporization 
of liquid iodine has been calculated by Baxter, Hickey and 
Holmes^ and shown to be 10500 cal. per mol. From their own 
measurements, the heat of sublimation of l 2 (s) at the same 
temperature, 114®, is 14540 cal. Subtracting, we find in round 
numbers A// = 4000 cal. as the heat of fusion. In the absence 
of any evidence as to the heat capacity of liquid iodine, we shall 
ignore ACp and write AF® = 4000 + IT y and since AF® = 0 
at 114®C, we have 

l 2 (s) = I2(1);AF®298 = 920. (1) 

Iodine Vapor. From the measurements of Baxter, Hickey 
and Holmes, the vapor pressure of solid iodine at 25®C is 0.305 
mm., or 0.000403 atmos., whence we find 

l2(s) = l2(g);AF®29g = 4630. (2) 

Monatomic Iodine. 12 (g) = 21(g). On account of the iden¬ 
tity in the equations for specific heats, the general free energy 
equation for the dissociation of iodine vapor is the same as that 

^ This chapter constitutes a revision of our paper *'The-Free Energy of Iodine Compounda**, 
I^wis and Randall, J. Am, Chem, Soe., 36. 2259 (1914). 

* Ramsay and Young, J. Chem, Soe.t 49, 453 (1886). 

* Baxter, Hickey and Holmes, J, Am, Chem. Soc., 29, 127 (1907). 
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which we have already found in the similar case of bromine, 
namely, 

AF® = A/fo - 2.6 r In r + 0.0005T2 + IT. 

At the time of our former publication there was no method 
available for determining Ai/o and I except one based on the 
measurements of dissociation which had been carried out between 
800 and 1200°C by Starck and Bodenstein.^ Their results were 
in remarkable agreement with the thermodynamic formula 
when A£fo = 34300 and / = — 5.44. 

In the meantime the use of the third law and the principle 
of ultimate rational units permits us to calculate AS °298 = 18.4 
for the dissociation, from Table XXXII-2, whence, using the 
same equation which we used for bromine, / = — 1.3. It is 
hard to decide where to place the blame for this discrepancy. 
There may be errors in the experimental data from which the 
entropy of gaseous iodine was obtained, but on the other hand 
the self-consistency of the results obtained by Starck and Boden- 
stein may be illusory. For one thing, their calculations assumed 
iodine vapor to be a perfect gas, which would not greatly affect 
any one value of the equilibrium constant, but might largely 
affect its trend and therefore the value of A/f. We can do no 
better at present than take a mean of the two values of 7, namely 
— 3.4, which corresponds, at the mean temperature of the 
experiments of Starck and Bodenstein, to a value of A7/o of 
31700. Hence we obtain as a rough value of the free energy 
change at standard temperature, 

l2(g) = 21(g); AF%8 = 26310. (3) 

Combining with Equation 2, we find 

YM^) = 1(g); = 15470. , (4) 

Aqueous Iodine. Jakowkin^ found the solubility of iodine 
at 25®C to be 0.001334 M. This value is corroborated by the 
work of Hartley and Campbell.^ Bray and MacKay^ show that 

* Starck and Bodenstein, Z. Elektroehem.^ 16, 961 (1910). 

s Jakowkin, Z. physik. Chem., 18, 590 (1895). 

« Hartley and Campbell, /. Chem. Soc., 93, 741 (1908). 

«Bray and MacKay, J. Am. Chem. Sac., 32, 914 (1910); 33, 1485 (1911). 
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some of the iodine dissolved is not present as such, owing to 
hydrolysis, and they give the true solubility as 0.00132 M. 
Assuming now that the activity of I* in solution is equal to its 
molality, we find, 

I»(s) = Is(aq); ATm = - fir In 0.00132 = 3926. (6) 

Gaseous. Hydbooen Iodide 

+ J^ 2 (g) = HI(g). This reaction was carefully studied 
by Bodenstein,^ and the work has been subjected to a careful 
critique by Haber in his “Thermodynamics of Technical Gas 
Reactions.” 

Haber expresses Bodenstein’s data by the free energy equation 

* - 89.575 - 1.575r In T + 0,00549T^ + 2Ay7T. 

This equation, as we shall see, gives values of AF®, AH and ACp, which are 
by no means consistent with those obtained in other ways. Haber sug¬ 
gested the possibility that the dissociation of iodine into monatomic vapor 
might have caused some error in the calculations based upon Bodenstein’s 
measurements. Since then the investigation of Bodenstein and Starck has 
permitted us to calculate the actual dissociation of 1 2 at the various tem¬ 
peratures and pressures used by Bodenstein. Thus, we have calculated 
the fraction of I 2 dissociated at the four absolute temperatures which we 
have taken as representative, and have uiade the corresixmding corrections 
as shown in Table 1. 


Table + Ml2(g) « HI(g) 


T 

In K (Haber) 

In K (cor.) 

AF® 

I 

563 

2.2229 

2.2229 

-2440 

-4.94 

633 

2.0983 

2.0984 

-2640 

-5.05 

713 

1.9631 

1.9638 

-2780 

-5.06 

793 

1.8195 

1.8219 

-2870 

-5.00 


From these corrected values it is theoretically possible to repeat Haber’s 
procedure and obtain a free energy equation with four constants (see Equa¬ 
tion XV-9), representing the values of AHoy AFo, AFi, and 7 , and we would 
thus find for ATfo, 465.2 instead of Haber’s - 89.6; for AFo, - 0.246 instead 
of 1.675, and for AFj, - 0.008 instead of — 0.011. Now this work of Boden- 

> Bodenstein, Z, phytik, CAem., 29, 295 (1S99), and earlier papers. 
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stein is perhaps as careful an investigation of a gaseous equilibrium as is 
to be found in the literature, and the calculation that we have just made 
shows how impossible it is to use any such body of data, obtained over a 
small temperature range, for the calculation of such quantities as AFo and 
AFi; since the corrections which we made amounted to hardly more than 
the probable experimental error, and yet have produced enormous changes 
in the calculated thermal quantities. 

Let US then proceed in our ordinary manner. Thomsen 
gives 6000 and Berthelot 6300 cal. (average 6150) as the value 
of AH for the formation of HI from solid iodine at room tem¬ 
perature. We have already seen that the heat of sublimation 
of iodine at room temperature is 7550 cal. per gram-atom. Hence 
for our reaction A //291 = — 1400. Using the specific heat 
equations of Chapter VII we obtain the general free energy 
equation, and the values of 7, from the several measurements of 
Bodenstein as shown in Table 1 . Using the average of 7, 

AF® - - 1270 + 0.457 In 7 - 0.0000257^ - 5.017. ( 6 ) 

HH2 + VzUg) = HI(g); AF%« = ~ 2000. (7) 

The value of AF^m thus calculated may be compared with 
the results of Stegmliller,^ who measured the electromotive 
force of a cell with hydrogen and iodine electrodes, and hydrogen 
iodide solution as electrolyte. The pressures of H 2 , I 2 and HI 
were all measured. His results are given in Table 2, where the 
first column shows the centigrade temperature, the second the 
values of AF® obtained from the e.m.f., the third the values of AF® 
calculated from Equation 7, and the fourth the values of 7 
obtained from Stcgmuller’s results. 

Table 2 


t 


calc. 

/ 

31.6 

-2036 

-2018 

-5.0 

55.2 

-2019 

-2063 

-4.8 

81.6 

-1958 

-2120 

-4.5 


It is evident that some error (probably the neglect of the liquid 
potential between the HI solution and HI solution saturated 

> Stegmttller, Z. Blektroehem.t 16, 85 (1910). 
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with I 2 ) has given a false temperature trend to Stegniiiller's 
results, but his value at the lowest temperature is in almost 
perfect agreement with Equation 7. 

HH 2 (g) + Hl 2 (s) = HI(g). By combining Equations 2 and 7, 
we find for this reaction 

= 315. (8) 

Hydriodic Acid, Iodide Ion, Tri-iodide Ion and Hypoiodous 

Acid 

For the free energy of formation of aqueous hydriodic acid and 
of iodide ion we obtain the value directly from Table XXX-7, 

Hl2(s) + E- = I-; AF°298 = - 12361, (9) 

the same value being obtained for + 1“ and for Hl(aq), 

Activity Coefficient of Hydriodic Acid. In concentrated 
aqueous solutions the activity coefficient rises to still higher 
values for HI than for HCl and HBr. Using Equations 8 and 9 
with Table XXVI-1, just as we did in the case of HBr, we obtain 
the activity coefficients given in Table 3. 

Table 3.—^Activity Coefficient of Aqueous Hyduiodic Acid 
m 6 7 8 9 10 

7 6.35 9.71 16 1 30.5 57.9 

Tri-iodide Ion. When an aqueous solution of an iodide comes 
to equilibrium with an excess of solid iodine, it was shown by 
Jakowkin^ that the amounts of iodide and tri-iodide present are 
approximately equal. The careful measurements of this equi¬ 
librium by Bray and MacKay^ are given in Table 4. The first 
row gives the total concentration of salt, and the second gives 
the ratio of the stoichiometrical concentrations. If the activity 
coefficients of the two anions were the same, this ratio should be a 
constant. As a matter of fact, we have already seen that no 
compound anion which we have studied has as high an activity 
coefficient as the simple halide ions. The data of Table 4 can 

1 Jakowkin, Z. phyaik. Chem., 20, 10 (1896). 

• Bray and MaoKay, J. Am. Chem. Soe., 32, 914 (1010). 
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best be interpreted by assuming that the activity of Is” lies half¬ 
way between that of 1“ and NOs"”. On this assumption, with 
the aid of Table XXVIII-8 we have calculated the equilibrium 
constant (I“)/(l 3 ~) given in third row of the table. We may 
take X = 1.08 and 

la” = 1“ + l2(s)j = ““ 4(5. (10) 

Table 4 


Total cone... . 

.. 0.100 

0.020 

0.010 

0.005 

0.002 

0.001 

KI/KI,. 

.. 0.99 

1.04 

1.06 

1.08 

1.11 

1.14 

(I-)/(!,-) .... 

.. 1.08 

1.06 

1.07 

1.08 

1.11 

1.14 


Combining Equations 9 and 10 , 

^l 2 (s) + E- = I 3 -; AF%98 = -12315. ( 11 ) 


Hypoiodous Acid, The hydrolysis of iodine leads to the 
reversible formation of hydriodic and hypoiodous acids. The 
latter, a very weak acid, is present in the un-ionized state. The 
degree of hydrolysis has been investigated by Bray^ and by Bray 
and Connolly^ through measurements of the conductivity of 
solutions of iodine in water. They find at 25® for the equilibrium 
constant,*’ 


K = (H+) (I-) (HIO)/(l2) = 3 X 10-’^ 

Hence 

l 2 (aq) + H20(1) = H+ + I- + HlO(aq); = 17100. (12) 

Combining with Equations 5, 9 and XXXIV-19, 

HH 2 + i^l 2 (s) + HO 2 = HlO(aq); = - 23170. (13) 

The degree of dissociation of HIO as an acid is extraordinarily 
small, and has not been quantitatively determined.^ It is 
therefore impossible at present to calculate the free energy of 
the hypoiodite ion. 

> Bray, J. Am. Chem. Soc., 32, 032 (1911). 

2 Bray and Connolly, J. Am. Chem. Soc., 33, 1485 (1911). 

*Skrabal, Z. Elektrochem., 17, 665 (1011), by a more indirect method obtained a value 
between 3 and 4 times as great as this. 

* A preliminary value of the ionization constant of HIO, namely 10''^\ is given by Forth, 
Z. SUktrochem., 28, 57 (1922). 
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Iodic Acid and Iodate Ion 

We have shown in our previous publication on this subject how 
the free energy of iodate may be found by two different methods, 
both of which depend upon measurements of Sammet.^ 

The first of these methods rests upon his study of the equilibrium in the 
reaction between water, iodine and silver iodate. Using also the solubility 
of silver iodate and the measurements of Danneel* upon the equilibrium 
between silver iodide, hydrogen, silver and hydriodic acid, and using other 
data which we have already obtained, we may write a scries of reactions as 
follows:® 


6 AgIO, + 3Ij(aq) + 3HjO(l) - 5AgI + 6H+ + 6lOr; 

4190 

6 Ag+ + 510,- - 5AgIO,; 

-51100 

6 AgI + Hlh = 5Ag + 5H+ + 51-; 

19000 

SI- = + 5E-; 

61805 

31,(8) - 31,(aq); 

11778 

3 H, + = 3H,0(1); 

-169680 

11H+ + HE- = iMH,; 

0 

6 Ag - 5Ag+ + 6E-; 

92240 


Adding these equations as they stand, we find 

Hhis) +HO 2 4- E- « I 03 ~; (prelim.) « - 31770. 

A better method of finding the free energy of formation of 
iodate ion is furnished by Sammet's investigation of the potential 
of an inert electrode in contact with aqueous HIO 3 and solid 
iodine. When the acid was 0.001 M, the potential at 26®C 
against the normal electrode was — 0.665, exclusive of liquid 
potentials, or — 0.947 against the standard hydrogen electrode. 
We therefore write - 0.947 = - (0.05915/5) log [(H+) 6 (I 03 -)]. 

Assuming the activity coefficient of the acid to be 0.97, we find 
E° = - 1.197, and 

Hl 2 (s) + 3H20(1) = 6H++ IO 3 -+ 5E-; AF^29s = 138100. (15) 

Combining this equation with Equation XXXIV-19, we finally 
have 

HUs) + + E- = 103 “; AF%98 = - 31580. (16) 

' Sammetr Z. phynk. Chem., 53, 641 (1905). 

* Dsnneel, Z. phynk. Chem., 33, 415 (1900). 

• Since this whole calculation is lees reliable than one we are about to make, we have uaed 
the free energies for the first three reactions as given in our former publication, without revision. 
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This is in better agreement than could have been expected with 
the value - 31770 obtained by the indirect method which we 
considered above. 


A CoMPABISON OF THE AciDS OP THE HaLOGENS 


It will be interesting at this point to review our results relating 
to the acids formed by chlorine, bromine and iodine. The 
values for the free energy of formation of compounds of the 
types HX, HXO and HXO 3 in aqueous solution are collected 
in Table 5. 


Table 5.—Free Energy op Formation of Aqueous Halogen Acids 

AT 25“C 


HX HXO 

Cl -31370 -19020 

Br -24590 -19680 

I -12360 -23170 


HXO, 
- 250 

2300 
-31580 


It is evident that the stability of IICl, HBr and HI follows the 
order which was to be expected from the position of these elements 
in the periodic table. But in their oxygen acids chlorine and 
bromine stand near together, while iodine occupies a position by 
itself. Of course we are dealing with figures based upon arbitrary 
states of reference, gaseous chlorine, liquid bromine and solid 
iodine. But the figures would not be much changed if we referred 
each of the halogens to the same physical state. Indeed we may 
eliminate the elementary halogens entirely by considering the 
three reactions of the type XOa" = X~ + ^02, for which the 
values of AF° 29 s are — 31120 in the case of chlorine, — 26890 for 
bromine, and + 19220 for iodine. Thus while chlorates and 
bromates have a strong tendency to decompose with the evolution 
of oxygen, iodates are completely stable with respect to this 
reaction (which, however, does not prevent their breaking up in 
another way, for example to give iodine, oxygen and metallic 
oxide). 



CHAPTER XXXVIII 


SULFUR AND ITS COMPOUNDS 

There is no element which in its compounds and its elementary 
forms presents so diversified a series of problems in applied 
thermodynamics as sulfur, and the study of this element will 
give us occasion to employ a majority of the various special 
methods which we have developed throughout this book. 

During the whole course of our own investigations in the field 
of free energy, we have constantly had under way some study 
of sulfur and its compounds, beginning with two papers on the 
heat content* and the free energy* of the various forms of ele¬ 
mentary sulfur, and ending with several researches on the free 
energy of formation of sulfate ion, which we shall discuss below. 
An idea of the difficulty of the whole probleni, and of the large 
number of reactions which had to be considered, and to some ex¬ 
tent investigated, before the free energy of formation of the more 
important sulfur compounds could be obtained, is given in a paper 
by Lewis, Randall and Bichowsky, “A Preliminary Study of 
Reversible Reactions of Sulfur ( ompounds.’’* 

As so often elsewhere in this book, it will be readily notice¬ 
able in this chapter that there is no unitary purpose underlying 
the calculations. If our plan were merely to show, by precise 
agreement between independent methods, the adequacy of our 
methods of applying thermodynamics to chemical problems, we 
could have found numerous cases in which better concordance 
could be found with less arduous effort, than through the study 
of the complex reactions of sulfur. On the other hand, if our 
purpose were merely to furnish data for the practical applications 
of thermodynamics to important technical processes, such as 

^ IiewiB and Randall, J. Am. Chem. Soc,, 33, 476 (1911). 

* Lewis and Randall, J. Am. Ckem. Soe., 36, 2468 (1914). 

’ Lewis, Randall and Bichowsky, J. Am. Chem. Soc., 40, 366 (1918). 
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those that occur in the manufacture of sulfuric acid, or in metal¬ 
lurgy, we should have been satisfied throughout with an accuracy 
of a few thousand calories, and could have ignored completely 
those minute effects, such as we shall meet in the discussion of 
the several elementary forms, where we shall be dealing at times 
with a fraction of a calorie. 

Solid Sulfur 

No other element is known to occur in as many different forms 
as sulfur. Several solid modifications have been studied, of 
which we shall consider only the familiar rhombic and mono¬ 
clinic forms, S(rhomb.) and S(monoclin.). Rhombic sulfur, being 
the stable form at room temperature, will be taken as the standard 
reference state. In the liquid state two distinct substances are 
present, known as Sx and S^ (soluble and insoluble sulfur), and 
perhaps a third. ^ In the gaseous state at least four modifications 
have been studied: S, S 2 , Se and Ss. 

Monoclinic Sulfur. The process of converting rhombic into 
monoclinic sulfur has already been considered in some detail 
as an illustration in Chapter XV, where we used the equations* 
(which are only valid for the range from 0® to 100®C, but may 
be used at higher temperatures in a purely formal manner if we 


so desire). 

S(rhomb.) ; Cp = 4.12 + 0.00477", (1) 

S(monocl.); Cp - 3.62 + 0.00727", (2) 

S(rhomb.) = S(monocl.); AF®298 = 17.5, (3) 

= 120 + 0.507" In 7" - 0.001257"* - 2.827". (4) 


This same change in free energy can also be calculated from the data 
of Bronsted® on the relative solubility of the two forms of sulfur in various 
solvents. The monoclinic form was found to be 1.28 times as soluble 
as the rhombic. Since both forms of sulfur were shown by Bronsted to 
give identical solutions with the formula Sb, the free energy between the 

* Aten, Z. physik. Chem., 86, 1 (1013). 

* The various data upon which these equations depend are discussed in our papers on the 
free energy and heat content of sulfur, which we have cited above. 

’Brdnsted, Z. phyaik. Chem., 55, 371 (1906). 
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two forms, per gram*atoin, is equal to that in the transfer of yi of a mol 
of Ss in solution from one saturated solution to the other. Hence • 

(RT/S) In 1.28 » 18.3, which agrees closely with the value, 17.6, given 
above. 


Liquid Sulfur 

While it is probable that a large number of pure liquids contain 
two or more molecular species in equilibrium with one another, 
the case of sulfur is peculiar in that the equilibrium under certain 
circumstances is established so slowly that it has been possible 
to demonstrate the existence in the liquid state of the two sub¬ 
stances known as Sx and (which in all probability have the 
formulae^ Ss and Ss respectively), and to determine quantitatively, 
at various temperatures, the relative amounts of the two in 
equilibrium. We have therefore three reactions to consider, 
involving the formation from the standard rhombic sulfur of 
pure Sx, of pure S^, and finally of the mixture of the two as they 
exist together«in equilibrium, which may be denoted by Sx,,,. 
Of these only the first and last have been fully investigated. 

S(rhomb.) = Sx(l). The heat capacity of Sx is given by the 
equation^ 

Cp(Sx) = 5.4 + o.oosr. (6) 

Combining this with Equation 1, 

ACv - 1.28 + 0.0003r, 

and 

AH == AHo + 1.28r + 0.00015T2. 

In the paper just cited we have found A //373 = 467 and thus 
AHq = — 35, and 

- 35 - 1.28T In r - 0 . 00015^2 + 7.777. (6) 

The value of 7 = 7.77, in this equation, was obtained as follows: 
Kruyt^ found that when rhombic sulfur melts to form pure Sx 

> Our evidence, on the basis of which we attribute the formula Se to S/i, is given in a letter 
published by Smith and Carson, Z, phyaik, Chem., 77, 672 (1011). 

* Lewis and Randall, J. Am. Chem. Soe., 33, 476 (1011). 

• Kruyt, Z. phyaik. Chem., 64, 313 (1008), where a bibliography of earlier work on the 
different ftvms of sulfur may be found. 
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the melting point* is 112.8‘’C. At this temperature therefore 
= 0, and the above equation may be solved for I. From 
this equation we find 

S(rhomb.)=Sx(l); ^F'^m = 94. (7) 

S(monocl.) « Sx(l). We may make a similar calculation for this reac¬ 
tion. The melting point* of S{monocL) to form pure Sx is 119®. This, 
together with the heat capacities and heats of transition already used, leads 
to the equation 

AF- - - 155 - 1.782’ In + 0.00112’* + 10.60 T. (s) 

Subtracting this equation from Equation 6 gives an equation identical with 
Equation 4, except that / == — 2.83 instead of / * — 2.82. 

The Equilibrium Liquid. In addition to the melting points 
when the two solid forms melt to form pure Sx, we have also the 
so-called natural melting points, namely, the temperatures at 
which the solids are, respectively, in equilibrium with Sx,,*, 
the stable mixture of Sx and S,*. The natural melting point 
of rhombic sulfur is 110.4®C (Kruyt, 110.6®; Smith and Carson, 
110.2°). The natural melting point of monoclinic sulfur is 
114.6° (Kruyt). From either of these experimental points we 
may calculate the free energy of the equilibrium liquid, or with 
the known data for the heat content of the various forms, we 
may, from the first of these points, calculate the second point, 
and this calculation gives a value within 0.2° of the one experi¬ 
mentally determined. 

Sx(l) = Sx,,*(l). There is still another way of calculating 
the free energy of the equilibrium liquid, Sx,,*. With decreasing 
temperature the equilibrium liquid becomes more and more 
nearly pure Sx- It would therefore be a very close approximation 
to the truth to assume that at 25° the free energy of Sx,,* is 
equal to that of Sx; or, better, since by extrapolation from data 
about to be mentioned we find the amount of Sx converted into 
S^ at 25° to be about 0.8%, we may assume that in this very 
dilute solution the activity of the Sx is proportional to its mol 

* Sec also Smith and Carnon, Z. physik. Chem., 77, 668 (1911). 

* Smith and Holmes (Z. phyaik. Chem.t 42.469 (1003)) give 119.25^; Wigand in a later paper 
gives 118.05®C (Z. phyaik. Chem., 75, 235 (1910)). 
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fraction, and thus we find by a very simple calculation (taking 
S;^ as Sg and S„ as S«) that AF°m = - 0.8 cal. 

Next from the thermal data it is possible to calculate the 
free energy of Sx.„ at higher temperatures. In this case, how¬ 
ever, the use of the thermal data cannot be made conveniently 
in the ordinary way, for, as we have shown in our paper dealing 
with the heat content of sulfur, the specific heat of the equilibrium 
liquid cannot be expressed as any simple algebraic function of the 
temperature. We must therefore go back to the fundamental 
free energy equation which we may write in the form (Equation 
XV-6), 



or when integrated between two temperatures, Ti and Tt, 

_ AFi ^ 

T, T, Jt, T* • 

Now, if AHfT^ is plotted against T, we may perform the indicated 
integration graphically and thus obtain the free energy at one 
temperature when it is known at some other temperature. 
This is the general method which must be employed when the 
heat of reaction is known at various temperatures, but cannot be 
conveniently expressed in terms of a simple equation. 

The value of AH in the formation of 32 g. of S„ from Sx was 
found to be 416 cal. The specific heat of S„ is unknown, but we 
shall make no serious error in assuming that it is approximately 
the same as that of Sx, and therefore AH for Sx = S„ is approxi¬ 
mately constant, and AH for Sx = Sx,„ is simply 416x where x 
is the fraction of S,. in Sx,„. Substituting this value for AH in 
the above equation, we have only to integrate —{il6x/T^)dT. 
Now from the data of Smith and Holmes' and of Carson* (see 
Fig. 1, Lewis and Randall’) we have plotted the values of x/T^ 
between 25° and 445° and determined graphically the area of this 
curve between 25° and various upper temperature limits, thus 

»Smith and Holmes, Z. phyaik. Chem., 54, 257 (1906). 

* Carson, J. Am. Chem. Soc., 29, 409 (1909). 

• Lewis and Randall, J. Am. Chem. Soc., S3, 476 (1911). 
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obtaining the following table, in which the first column gives 
the absolute temperature, the second the fraction of S„, the third 
the value of the integral, and the fourth the value of AF® at 
each temperature, provided that AF°m = — 0.8. 


Table 1.—Sx = Sx,„ 


T 

X 

f ^ 416a; 

J 298 r2 

AF® 

298 

0.008 

0.0 

- 0.8 

373 

0.031 

-0.00465 

- 2.5 

393 

0.040 

-0.00664 

- 3.4 

413 

0.055 

-0.00902 

- 4.5 

423 

0.067 

-0.01037 

- 5.2 

433 

0.111 

-0.01217 

- 6.1 

443 

0.187 

-0.01553 

- 7.7 

453 

0.225 

-0.01981 

- 9.8 

473 

0.270 

-0.0295 

-14.8 

510 

0.313 

-0.0496 

-26.1 

573 

0.332 

-0.0771 

-45 0 

653 

0.338 

-0.1070 

-70.8 

718 

0.341 

-0.1267 

-91.8 


The value of AF°, for Sx = Sx.„ at 110.4°C, can be very readily 
found from independent data already given, for, this being the 
natural melting point of S(rhomb.), AF® = 0, for S(rhomb.) = 
Sx,„; and therefore AF®, for Sx = Sx,,,, is equal to — AF®, for 
S (rhomb.) = Sx. The latter value may be obtained from Equa¬ 
tion 6, whence we find at 110.4®, for S (rhomb.) = Sx, AF® = 2.7; 
and thus, for Sx = Sx.,,, AF® = — 2.7 cal. The value obtained 
by interpolation in Table 1 is — 3.0. 

At standard temperature, taking the free energy of Sx.„ as 
one calorie less than that of Sx, we have 

S(rhomb.) = Sx,^(l); AF®*, = 93. (9) 

All these calculations have been entered into in more detail 
than would be warranted by the importance of the particular 
problem involved, but the whole question appeared at first so 
complicated, and has been cleared up with such success, that it 
affords an unrivaled demonstration of the effectiveness of the 
more detailed methods of applied thermodynamics. 
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Gaseous Sulfur 

Knowing the free energy of formation of liquid sulfur in its 
equilibrium condition at each temperature, we know also the 
free energy of formation of the vapor at the particular pressure 
at which the liquid and vapor are in equilibrium at the given 
temperature. We may then obtain the free energy of the vapor 
at any other pressure by the general methods with which we have 
become familiar. However, the departure from the simple gas 
law is so very large, and is so obviously due to the existence in 
varying amounts of several molecular species, that we are 
justified in investigating not merely the free energy of the vapor 
as a whole, but also the standard free energy of the individual 
molecular species. 

Diatomic Sulfur. When the vapor, at temperatures in the 
neighborhood of the boiling point of sulfur (444.6°C = 717.7®K), 
is expanded, it rapidly approaches a perfect gas with the formula 
Sa. Now assuming that Sj as such would obey the perfect gas 
law up to one atmosphere, and that the observed departure from 
the perfect gas is due to the formation of compounds such as S« 
and Sg, we can use a method of the type discussed in Chapter 
XVII to determine the difference in free energy between the 
equilibrium vapor at 1 atmos., and pure Sg at 1 atmos. (if the 
latter could exist). If we could expand the equilibrium vapor 
reversibly to such a. low pressure that it would be practically 
pure Sg, and then recompress to 1 atmos. (say with the aid of 
some hypothetical negative catalyst), so that only Sg would exist, 
then the difference between the values of y’F dP in the two 
isotherms would l>e the desired difference in free energy. In 
other words, 

64.12 g. sulfur vapor = Sg (g); AF = V - F“) dP, 

Jp-o 

where V is the actual volume, and V° is the volume calculated 
by the gas law for the formula Sg. 

When we first made this calculation the best available data 
were those of Biltz and Preuner* who determined the vapor 

> Bilts and Preuner, Z. phyaik. Chem.t 39. 322 (1902). 
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density at the boiling point between 14 mni. and 458 mm. 
Plotting 7 — F® against P and extrapolating, we found AF® 7 i 8 =* 
192 liter-atmos. == 4650 cal. 

Since at the boiling point liquid and vapor have the same free 
energy, this will also be the free energy change in the reaction, 
Sx..(l) = S 2 (g). 

The later admirable paper of Preuner and Schupp^ contained 
a very thorough experimental and theoretical investigation of 
the equilibrium between the various forms of gaseous sulfur. 
With their new data, we have repeated the calculation which 
has just been described, with approximately the same result. 
Instead of going into this calculation in detail, it will be interesting 
to employ the conclusion reached by the authors themselves by 
an application of the mass law. They showed that three mole¬ 
cular species exist, namely, Sg, Se and S 2 , and assuming that 
each of these gases is perfect they calculated the three partial 
pressures at various temperatures and total pressures. 

From their figures, with slight interpolation, we may find the 
partial pressure of S 2 in equilibrium with liquid sulfur at 450® 
and 350®C, namely, 0.041 and 0.0020. Hence, for the reaction 
2Sx,^(l) = S 2 (g), AF® = — RT In p, namely 4590 at 450®, 
and 7710 at 350®C. Hence by interpolation we find for the 
boiling point 

2Sx.,.(l) = S2(g); AF®718 = 4660. (10) 

This value happens to agree almost exactly with the value we 
obtained above, but nevertheless is probably uncertain to as 
much as 100 cal. 

Now by Equation 6, AF® 7 i 8 = ~ 580 in passing from rhombic 
sulfur to Sx, and by Table 1, AF® 7 i 8 = — 90 from Sx to Sx,,,. 
Hence, 

S(rhomb.) = Sx.,(l); AF®7,8 = - 670. (11) 

Combining with Equation 10, 

2S(rhomb.) = S 2 (g); AF® 7 i 8 = 3320. (12) 

Finding similarly at 350^0 the value of from rhombic sulfur to St, 

1 Preuner and Schupp, Z. phytik. Chenji,, 68, 129 (1900). 
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we may employ these two values to calculate AH of this reaction. We thus 
obtain the value 31400, which is less accurate than one which we are going 
to calculate by an indirect method, but is sufficiently close thereto to 
demonstrate the essential validity of the calculations of Preuner and 
Schupp. 

By a roundabout but accurate method we are going to find, 
at 25®, for the free energy of formation of Sq, — 18280 

(Equation 25). If we assign^ to S 2 the same equation for heat 
capacity that we assign to O 2 , we may write for this reaction the 
general free energy equation 

AF® = AHo + 1.74rin T + 0.0042^2 + IT. 

Using the values of AF® at 298® and 718®, we may solve for both 
AHq and I, and find for the former 30580, and for the latter 
- 52.4. 

This equation gives, at 298®K, AH = 29690, and since AF^m = 
18280, TAS® = 11430 and AiS ®298 == 38.3 for the reaction 2S 
(rhomb.) = S 2 (g). We may thus find the entropy of S 2 by 
taking that of rhombic sulfur from Table XXXII-2. Thus we 
find for S 2 (g) the value v/hich has keen anticipated in the same 
table, namely, S 2 (g); S °298 =53.5. 

Se and Ss. By a slight interpolation of the figures of Preuner 
and Schupp, the partial pressures of Se and Ss at the boiling 
point of sulfur are 0.546 and 0,416 respectively. Therefore 

6 Sx.„(l) = S6(g); AF®718 = - RT In 0.546 = 860, (13) 

8 Sx.„(l) - S8(g); AF^is - ^ RT In 0.416 = 1250. (14) 

Now, using Equation 11, multiplying by 6 and 8 respectively, 
and adding to Equations 13 and 14 we find 

6S(rhomb.) = S6(g); AF °718 = -3160, (15) 

8S(rhomb.) = S8(g); AF® 7 i 8 = —4110. (16) 

We know nothing of the values of ACp in these reactions, and 
the}’' may be ignored in the rough calculation which we are able 

* In the absence of any complete data on the heat capacity of sulfur compounds, we are 
going to assume in general, that the heat capacity ia the same as that of corresponding oxygen 
compounds. Thus for H 2 S, CSs we use the formulae of H»0 and CO 2 . Also we shall assume 
8 O 2 to be the same as COi. It is probable that further investigation will show that these 
assumptions give somewhat too low values for the sulfur compounds. 
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to make in this case. By studying the isotherms at several 
temperatures, Preuner and Schupp calculated values of in 
Reactions 15 and 16, namely, 22600 and 20000. Since these 
values will be largely affected by small experimental error, or by 
deviation of any of the gaseous forms from the perfect gas, 
they can be regarded as nothing more than rough approximations. 
Using them in a perfectly formal manner, we find for the first 
reaction 

= 22600 - 35.9r, 

• 6S(rhomb.) - SeCg); ^F^m = 11900; (17) 

and for the second reaction 

= 20000 - 33.6r, 

8S(rhomb.) = SsCg); AF °298 = 10000. (18) 

Monatomic Sulfur, At very high temperatures S 2 itself 
dissociates into the monatomic form. Assuming that the heat 
capacity of S 2 is the same as that of O 2 (an assumption that 
may be not entirely valid at high temperatures) we find by 
Equation XXXI-6, for the reaction S 2 = 2S, AS® = 3.5(1 + 
In T) — 0,001 T — 7. We have recently obtained the entropy 
of S 2 , namely S° 29 s = 53.5, that of 2S is 72.0 by Equation XXXII-6, 
hence I = 4.6 and 

AF® = Alio - 3.5r InT + O.OOOdT^ + 4.6^. (19) 

A few measurements by Nernst^ of the vapor density of sulfur 
at about 2200®K led him to estimate the equilibrium constant 
as about unity, or AF° 22 oo = 0. Substituting in Equation 19, 
we thus find A/Iq = 46700, and 

S2(g) = 2S(g); AF®298 = 42200. (20) 

Our equation gives 0.83 as the degree of dissociation at 2450®C. 
At this temperature, by the method of explosions, Budde^ 
found 0.50. However, it has been shown by Bjerrum® that 
Budde’s measurements are capable of an interpretation entirely 
different from the one which he employs. 

1 Nernst. Z. Eleklroehem., 9.622 (1903). 

* Budde, Z. anorg. Chem.t 78, 169 (1912). 

*Bjerrum, Z. phyHk. Chem,, 81, 281 (1912). 
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Once more referring forward to Equation 25, we find for the 
formation of monatomic gas, 

S(rhomb.) = S(g); = 30240* (21) 

Hydrogen Sulfide 

The equilibrium in the reaction H 2 + 3^S2(g) = H 2 S(g) has 
been investigated by Preuner,^ by Preuner and Schupp,^ and 
by Randall and Bichowsky,^ over a wide range of temperature. 
In all of these investigations essentially the same method was 
employed, the partial pressure of the hydrogen in the equilibrium 
mixture being directly determined by the use of a platinum tube 
which is permeable to this gas alone. 

This method. permits a high degree of accuracy, and the 
measurements furnish one of the most satisfactory studies of 
high temperature equilibrium that we possess. This is fortunate 
since here we have a case in which the heat of the reaction can 
be most accurately determined from the equilibrium measure¬ 
ments themselves. 

Assuming that the heat capacity of hydrogen sulfide is given 
by the same equation that we have employed for water vapor, 
our general free energy equation becomes 

AF° = A//o + 0.94r In r + O.OUlfiST* - 0.000000377® + IT. 

At each temperature at which the equilibrium constant is 
obtained, AF° is determined. Combining this with the other 
known terms, dividing the sum by T, and calling the quotient b, 
we have b = AHq/T + L Plotting the values of b against 1/7 
the points should fall upon a straight line with a slope equal 
to A//o. We have made such a plot and find AHq = - 19200. 
Using this value and the data for the several temperatures, we 
obtain values of I which should be constant, and are remarkably 
so, over the whole range of over 600®. The experimental vfitlues 
of log K, and the corresponding values of / are given in Table 2. 

1 Preuner, Z. anorg. Chem., 55, 270 (1907). 

* Preuner and Schupp, Z. phynk. Chem., 68, 167 (1909). 

• Randall and Bioebowsky, /. Am. Chem, See., 40, 368 (1918). 
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Table 2.- 

-H* + HSg(g) 

- H*S(g) 


T 

logK 

Observer 

b 

/ 

1023 

2.025 

P and S 

-17.092 

1.68 

1103 

1.710 

P and S 

-15.786 

1.63 

1218 

1.305 

P and S 

-14.118 

1.64 

1338 

0.964 

P and S 

-12.724 

1.63 

1362 

0.902 

R and B 

-12.475 

1.63 

1405 

0.793 

P andS 

-12.032 

1.64 

1473 

0.643 

R and B 

-11.429 

1.61 

1537 

0.490 

R and B 

-10.805 

1.69 

1667 

0.257 

R and B 

- 9.833 

1.69 


In all the calculations it was assumed that sulfur existed in the 
equilibrium mixtures only in the form of S 2 . At these high 
temperatures the amount of Sg and Se is entirely negligible, but 
according to Equation 19 the dissociation into monatomic sulfur 
should begin to be appreciable. Indeed when we recalculate 
the results of Randall and Bichowsky, finding the dissociation of 
S 2 by Equation 19, we calculate the partial pressure of S to be 
33% of that of S 2 at 1667% 18% at 1537% 12% at 1473% and 
6% at 1362^K. 

By a sheer coincidence the assumption of these values makes 
almost no change in the constants calculated for the hydrogen 
sulfide equilibrium, for the reduction in partial pressure of S 2 
is about offset by the reduction in the partial pressure of HgS 
(which is obtained by difference). Thus, allowing for the 
dissociation of S 2 , we obtain an equilibrium constant 2% lower 
at 1667% 1% higher at 1537% 2% higher at 1473% and 1% higher 
at 1362®K, than those used in Table 2. The maximum difference 
thus produced in I is less than 0.04. 

Since our knowledge of the degree of dissociation of S 2 is 
far from exact, we shall not attempt to improve upon the cal¬ 
culations of Table 2. We may therefore take / = 1.65, and 
therefore 

AF® = - 19200+0.94T In 7 +0.00165T2-0.00000037P + 1.657, 
H, + 3^8,(g) = H,S(g); = - 16980. (22) 

S(rhoinb.) + 2HI(g) = IjCs) + H*S(g). Before utilizing fur¬ 
ther the equations which we. have just obtained, we may consider 
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an entirely independent method of calculating the free energy 
of formation of hydrogen sulfide, which is afforded by an investi¬ 
gation of Pollitzer.^ He measured the partial pressures of 
gaseous H 2 S and HI over a mixture containing solid iodine and 
sulfur between 40° and G 0 °C. By a small extrapolation of his 
values we find 

AF°298 = - 8470. (23) 

Combining this with Equation XXXVII- 8 , we find 

H 2 + S(rhomb.) = H 2 S(g); AF°298 = - 7840, (24) 

Comparison of Results; Heat of Formation of Hydrogen 
Sulfide. By employing Equations 22 and 24 we find for the 
formation of diatomic sulfur 

2 S(rhomb.) = S 2 (g); AF^m = 18280. (25) 

We have already used this value in advance, together with AF° 
for the same reaction at the boiling point of sulfur from the 
measurements of Preuner and Schupp, in order to get AH, which 
was found to be 29690 at 25°C. Perhaps the extremely satis¬ 
factory concordance between the investigations of Preuner and 
Schupp, on the vapor density of sulfur, of Preuner and Schupp 
and of Randall and Bichowsky, on the dissociation of hydrogen 
sulfide, and of Pollitzer, on the reaction between sulfur and 
hydrogen iodide, may b(» 8 f be illustrated by calculating from our 
various data the heat of formation of hydrogen sulfide. 

We have just seen that for the formation of S 2 from rhombic 
sulfur, AH is 29690 per mol, or 14850 for ^^ 82 . From Equation 22 
we find for the heat of formation of H 2 S(g) from S 2 (g), AHggg = 

— 19610, and therefore for the formation of n 2 S(g) from rhombic 
sulfur, A ?^298 = ““ 4760. The value obtained by Thomsen 
and which appears commonly in the literature is ~ 2730, but 
Pollitzer from his own measurements found — 5200, and he gives 

— 5000 as an average between his experimental value and the 
results of a complete recalculation of the data of Thomsen and 
Berthelot. 

1 Pollitser, Z. anorg. Chem.t 64, 121 (1909;. 
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Aqueous HyoROGEN Sulfide and its Ions 

According to the measurements of Winkler^ and of Kendall 
and Andrews, 2 hydr,ogen sulfide, at a partial pressure of one 
atmos., dissolves in water at 25®C to give a solution that is 
0.102 M. Undoubtedly Henry’s law is very closely obeyed, and 
therefore we may write immediately 

HaSCg) = H 2 S(aq); AF°298 = - RT \n 0.102 = 1350, (26) 
or, with Equation 24, 

H 2 + S(rhomb.) = H 2 S(aq); = — 6490. (27) 

Hydrosulfide Ion. Even as a monobasic acid hydrogen sulfide 
is very weak. Probably the best determination of the disso¬ 
ciation constant is that of Auerbach’ who found by conductivity 
measurements at 18°C, (H+) (HS~)/(H 2 S) = 0.91 X 10“^. Using 
the heat of neutralization (7800 cal.) of hydrogen sulfide given 
by Thomsen, together with the heat of neutralization of a strong 
acid, we find for the dissociation of H 2 S, AH = 6000, and KgQg = 
1.15 X lO""’'. Hence 

H2S(aq) = H^ -h HS"; AF%,g = 9470, (28) 

and combining with Equation 27, 

3^112 + S(rhomb.) + E- = HS"; AF^^^g = 2980. (29) 

Sulfide Ion. The second dissociation constant of hydrogen 
sulfide is so very small that even in moderately alkaline solution 
a normal sulfide is largely hydrolyzed. It is difficult to determine 
this constant with any accuracy. Knox,^ by using a variety of 
methods, has concluded that the hydrolysis constant, (HS“)(OH“) 
/(S—), is about 10. Combining this with Ky, from Equation 
XXXIV-26, we find (H+)(S“)/(HS') =.1.0 X 10-^®, 

. HS- = H+ + S“; AF^298 = 20470, 

»Winkler, Z. physik. Chem., 55, 350 (1906). 

s Kendall and Andrews, J. Am. Chern. Soc., 43, 1545 (1921). 

* Auerbach, Z. phyaik. Chem.^ 49, 217 (1904). 

* Knox, Trana. Faraday Soe., 4 , 29 (1908). 


(30) 
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and with E^quation 29, 

S(rhomb.) + 2E- = S—; AF%m = 23450. (31) 

For the standard electrode potential of rhombic sulfur we thus 
find 

Pt, S—, S(rhomb.); - 0.51. (32) 

Sulfur Dioxide 

All attempts to produce thermal dissociation of sulfur dioxide 
have failed, even at the highest temperatures. Indeed Equation 
38 is going to show us that the degree of dissociation is of the 
order of one part in one hundred thousand at 1600®K, and of only 
one part in a thousand at 2200®K. It was at about this tempera¬ 
ture that Nernst* found the molecular weight of SOi to be normal. 

Various preliminary or unsuccessful methods of studying the 
free energy of formation of sulfur dioxide are described by Lewis, 
Randall and Bichowsky.* These studies led, however, to three 
independent and successful methods which will be described 
below. 

The determinations of the heat of formation of sulfur dioxide 
gas from rhombic sulfur are not concordant. Thomsen gives 
71080, and Berthelot 69260 cal. However, an inspection of 
Thomsen’s work shows that it was subject to large and imeertain 
errors. Moreover, Ferguson,* reexamining Berthelot’s work, 
concludes that one of his scries is invalid on account of the 
analytical method, and thus obtains, as a mean of Berthelot’s 
remaining series, AH = — 69400. We shall use the provisional 
value, AH - — 69000. 

We may combine this with the heat of formation of gaseous 
diatomic sulfur, which we have previously obtained, namely, 
2 S(rhomb.) = S 2 (g); AHjgg = 29690. We thus find the heat 
of combustion of Sg, and if we make the assumption that the 
equation for the heat capacity of SOj is the same as that for COs, 

■ Nernst, Z. EUbroehem., 9, 622 (1003). 

* Lewis, Randall and Bichowsky, J. Am. Chem. Soe.^ 40. 356 (1918). 

* Ferguson, J, Am, Chem, Soe., 40, 1626 (1918), 



SULFUR COMPOUNDS 


545 


we may write the general free energy equation for the reaction 

J^SaCg) + O 2 « SOaCg); AF® = - 83260 + 2.757 ln7 

- 0.002872 + 0.0000003173 + /'7. (33) 

Here we have designated the constant of the equation by I', to 
distinguish it from the constants for the several reactions which 
we are about to use for its evaluation. 

The Reaction between Sulfur and Water at the Boiling Point 
of Sulfur. The first quantitative determination leading to the 
determination of the free energy of sulfur dioxide was made by 
Lewis and Randall,^ who showed that sulfur at its boiling point 
reacts with water vapor to give appreciable amounts of hydrogen 
sulfide and sulfur dioxide, according to the equation, 

2 H20(g) + 3Sx.,(l) = 2 H 2 S(g) + SO^Cg). 

The reaction is an extremely rapid one, and for this reason 
there was no apparent method of investigating the equilibrium, 
except by finding the increase in pressure due to the formation 
of 3 mols of the resulting gases from 2 mols of water vapor, the 
pressure of sulfur vapor remaining constant and equal to the 
vapor pressure. Since the change in pressure thus produced 
by the reaction was only a few percent of the total pressure, 
extreme care had to be exercised in order to insure even a moder¬ 
ate degree of accuracy in the final calculation. 

By means of a number of blank exi>eriment8, which led to the making of 
a small correction for water adsorbed on the walls of the glass container, 
various sources of error were eliminated. Six experiments, with varying 
quantities of water, led to values of the equilibrium constant with an ave¬ 
rage deviation from the mean of 28 percent. Considering the enormous 
magnification of errors, the agreement is very satisfactory. Perhaps the 
greatest chance of error comes in the assumption of the gas law, especially 
for sulfur vapor. If the departure from this law is appreciable, the calcu¬ 
lated values of K are a little too high. 

The mean value for K = (H2S]2[S02]/[H20]2 is 0.00154, 
whence we have 

2H,0(g) + 3S,.^a) = 2H,S(g) + S02(g); = 9240. (34) 

> Lewis and Randall, J. Am. Chem. Soc.^ 40,362 (1018). The measurements were completed 
in 1910. 
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Now if we pass from liquid sulfur to S* by Equation 10, we find 
2H20(g) + ^^S2(g) = 2H2S(g) + S02(g); = 2250. (35) 

Finally, combining with Equations 22 and XXXIV-23, we find 
at the same temperature the free energy of formation of SO 2 
from S 2 (g); and for the constant in Equation 33, V = 0.97 
(prelim.). 

The Reaction between Sulfur and Water at High Tempera¬ 
tures. A similar reaction was studied by Randall and Bichow- 
sky,' who passed mixed gases with accurately known percentages 
of oxygen, hydrogen and sulfur through a hot tube. They 
assumed five gases to be present in the equilibrium mixture, 
namely, H 2 , H 2 S, SO 2 , S 2 and H 2 O. The five partial pressures 
were determined by five simultaneous equations which involved: 
(1) the total pressure, (2) the ratio of total hydrogen to total 
oxygen, (3) the ratio of total sulfur to total oxygen, (4) the 
dissociation constant of II 2 S, (5) the partial pressure of hydrogen, 
which was determined directly through a platinum wall as in the 
corresponding experiments on the dissociation of H 2 S. The 
authors chose to determine from the partial pressures so obtained 
the equilibrium constant in the reaction 3 H 2 + SO 2 = H 2 S + 
2 H 2 O. Calling the c(iuilibrium constant so calculated Xi, the 
values of log Ki at five different temperatures are given in Table 3. 


T'able 3 .—3H2 “I" *s H2S “ 1 “ 2II2O 


T 

log Ki 

log K 

/ 

r 

1160 

5 93 

5.93 

9.03 

0.46 

1362 

4.32 

4 33 

9.02 

0.47 

1473 

3..59 

3.57 

9.27 

0.22 

1473 

3.50 

3.50 

9.59 

-0.10 

1645 

2.56 

2.53 

9.85 

-0.36 


In these ext^eriments the dissociation of the water is negligible on account 
of the presence of an excess of hydrogen, but the authors ignored the dis¬ 
sociation of S 2 which, according to Equation 19, is not inappreciable at 
these temperatures. With the partial pressure of S as a sixth unknown, 
and with a sixth simultaneous equation introducing the dissociation con- 
stand of S 2 from Equation 19, we have, with the aid of Mr. T. F. Young, 
recalculated the results of Randall and Bichowsky, and thus obtained the 

^ Randall and Bichowsky, J. Am, Chem. 8oe., 40, 308 (1918). 
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values of log K given in the table. It is evident that the assumption of 
the dissociation of S 2 makes no appreciable change in the results. 

By combining Equations 22, 33 and XXIV-23, we find the 
general free energy equation for the reaction 

3 H 2 + S02(g) = HjSCg) + 2H20(g); = - 50760 

+ 0.07rin T + 0.00775T2 - 0.00000142P + IT, (36) 

and we see from the equations that I = 9.49 — where /' is 
again the constant in Equation 33. 

The values of I and of 7' calculated from the individual values 
of log K are also given in Table 3. It is evident that these 
values show a trend. But whether this trend is due to slight 
errors of experiment, or to a wrong value of the heat of combustion 
of sulfur, or to invalidity of the assumption that the heat capacity 
of SO 2 at high temperatures is the same as that of CO 2 ,we cannot 
now determine. In any case, considering the difficulty of both 
series of measurements, the agreement between these values of 7' 
and that obtained from the measurements of Lewis and Randall, 
namely 0.97, is surprisingly good. 

The Reaction between Sulfur Dioxide and Carbon Monoxide. 
The third method which seemed practical for obtaining the free 
energy of sulfur dioxide depends upon a study of the reduction 
of sulfur dioxide by carbon monoxide. Before investigating 
this equilibrium, however, it was necessary to ascertain to what 
extent the formation of COS would interfere with the interpre¬ 
tation of the results. 

For this reason Lewis and Lacey^ determined the equilibrium 
between carbon monoxide, sulfur, and carbon oxysulfide (also 
CS 2 , CS, and CO 2 ). Their results we shall discuss in the chapter 
on carbon compounds, and from the equations there obtained it 
will be seen that the relative amount of carbon oxysulfide dimin¬ 
ishes with increasing temperature, and at temperatures of 1000®C 
and above becomes a factor of minor importance. 

When this investigation was completed, a study of the degree 
of reduction of sulfur dioxide by carbon monoxide had already 

1 Lewis and Lacey, J. Am. Chem. Soc., S7, 1976 (1915j; 40, 359 (1918). 
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been b^un by Dr. J. B. Ferguson,* whose final measurements 
were made at the average temperature of 1275®K and 1460®K, 
and at such pressures that the formation of oxysulfide was almost 
or quite negligible. In this reaction, Ferguson was able to 
obtain values of the equilibrium constant corroborating the 
free energy of formation of sulfur dioxide obtained by Lewis 
and Randall, and by Randall and Bichowsky. 

The reaction in question is 200* + = 2C0 + SOj. 

Its general free energy equation may be found directly by com¬ 
bining Equation 33 with one which we are going to obtain in 
the study of carbon compounds (Equation XL-11). We thus 
find for the present reaction 

AF° = 51760 - 2.75r InT + 0.0028!r* 

- 0.0000003ir» -I- IT, (37) 

where I - J' — 8.92 and I' is once more the constant of Equa¬ 
tion 33. 

In four experiments at an average temperature* of 1275°K 
and in four experiments at an average of 1460®K, log K was found 
to be —3.56 and —2.38 respectively. We thus obtain for I' 
the two values 1.2 and 1.0. 

The agreement is somewhat fortuitous, since at the same temperature 
the constants obtained by Ferguson vary by an amount corresponding to 
a difference of more than one unit in 1, Nevertheless the values of V so 
obtained are in such good agreement with those obtained by the other 
two methods as to furnish a very satisfactory check. 

Final Value for the Free Energy of Sulfur Dioxide. In deter¬ 
mining the free energy of formation of sulfur dioxide at standard 
temperature, the measurements of Lewis and Randall must be 
given chief weight on account of the smaller extrapolation neces¬ 
sary. We shall therefore take V = 0.9, whence 

3^S2(g) + O 2 - S02(g); “ 78560, (38) 

AF® = - 83260 + 2.75T In T - 0.0028^2 + 0.0000003172 + 0.97. 

* Ferguson, J. Am. Chem. Soc., 40, 1620, 1900 (1018). 

> At this lower temperature we calculate the amount of COS to be about 10 percent of that 
of CO. The neglect of this quantity produces an error smaller than the other errors in 
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Finally, with Equation 25 we find 

S(rhomb.) +02 = SOjCg); = - 69660. (39) 

Aqueous Sulfurous Acid and its Ions 

For the first time in our calculations we encounter in sulfurous 
acid a weak electrolyte, which is, however, so far ionized that 
at moderate concentrations the amount of substance present in 
the ionized state is comparable with that in the un-ionized state. 
For this reason the solubility of sulfur dioxide in water shows 
marked deviations from Henryks law, and likewise the distri¬ 
bution of sulfur dioxide in water and chloroform is far from 
constant. By assuming the un-ionized sulfurous acid to be pro¬ 
portional to its molality, Drucker^ calculated from the distri¬ 
bution experiments of McCrae and Wilson^ the dissociation 
constant of sulfurous acid. Moreover, it has been shown by 
Jellinek® that this dissociation constant is the same as that cal¬ 
culated by other methods, for example the conductivity. The 
assumption made by Drucker is therefore justified. The con¬ 
stant so determined is 0.017 at 25°C, whence 

HaSOaCaq) = H+ + HSO 3 -; = 2410. (40) 

In any solution of sulfur dioxide we may now calculate the 
molality of SO2 or H2SO3 as such, and compare this molality 
with the partial pressure of SO 2 gas in equilibrium with the 
solution. Thus according to the work of Lindner^ at a partial 
pressure of 0.412 atmos., the solubility, at 25°, is 0.585 M, but 
from the above constant we find 16 percent dissociated, whence 
the molality of SO 2 as such is 0.494, and the partial pressure 
divided by the molality is 0.830. Likewise at a partial pressure 
of 0.115 the total molality is 0.189, and the molality of SO 2 as 
such is 1.40, whence 'p/m = 0.825. Accepting'this value, we 
find 

S02(aq) = S02(g); AF^,^ = 110. (41) 

1 Druoker, Z. phytik. Chem., 49, 563 (1904). 

> MoCrae and Wilson, Z. anorg, Chem., 35, 11 (1903). 

> Jellinek, Z. phyaik. Cham., 76, 257 (1911). 

* Lindner, Monatah., 33, 613 (1912), 
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We have attempted to distinguish only between the ionized 
and un-ionized substance, not between SOi(aq) and H 2 S 03 (aq). 
Thus, adopting the convention of Chapter XXIV, we write 

SOsCaq) + H*0(1) = HjSOsCaq); = 0, (42) 

The second dissociation constant of sulfurous acid cannot be 
determined so accurately as the first. Jellinek, by several meth¬ 
ods, is led to the value (H+)(S 03 —)/(HS 03 -) = 5XlO-«, or 

irSOs- = H+ + SO 3 --; = 7240. (43) 

Using these several equations with the equations for the free 
energy of formation of S 02 (g) and of HgOCl), we find 

S(rhorab.) +02= S02(aq); AF ®298 = — 69770, (44) 

S(rhomb.) + H 2 + = H 2 S 03 (aq); 

AF“2»8 = - 126330, (45) 

S(rhomb.) + HH 2 + KO* + E- = HSO 3 -; 

AF°2m = - 123920, (46) 

S(rhomb.) + + 2E- = SO,—; A/<’° 29 h = - 116680. (47) 

SuiiFUK Triox[DE 

On account of its great technic.al importance, the reaction 
between sulfur dioxide and oxygen has been studied by numerous 
investigators. The most careful measurements of the equi¬ 
librium are those of Bodenstein and Pohl. * From their measure¬ 
ments we have calculated iS 03 ]/[S 02 ][ 02 ]'^, the equilibrium 
constant, and the values are given in Table 4. The first column 
gives the absolute temperature; the second, log K, and the third, 
the values of I obtained with the aid of the following assumption 
concerning the thermal data. 

In the absence of any detailed information regarding the 
specific heat of SO 3 we can make no large error in assuming that 
ACp = 0. The only determination of the heat of reaction is 
that of Berthelot, namely, AiEf = - 22600. The values of I 
then obtained show a most surprising constancy. 

1 Bodenstein and Pohl, Z . Elektrochem ., 11, 373 (1905). 
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Table 4.—S0*(g) -h HO 2 « SOsCg) 


T 

\ogK 

/ 

801 

1.496 

21.35 

852 

1.141 

21.31 

900 

0.816 

21.37 

953 

0.510 

21.38 

1000 

0.268 

21.37 

1062 

-0.020 

21.38 

1105 

-0.202 

21.37 

1170 

-0.446 

21.36 


The general equation becomes 

AF® = - 22600 + 21.36r, (48) 

S02(g) + HO 2 = S03(g); Ar298 = - 16230. (49) 

On account of this exact knowledge of the equilibrium in the 
“contact process” we obtain the free energy of formation of 
SO3 with about the same accuracy as that of SO 2 . Thus by 
Equations 39 and 49 

S(rhomb.) + ^^02 = S 03 (g); = - 85890. (50) 


SulfurYL Chlopide 

S02(g) + Cl 2 (g) = S02Cl2(g). The equilibrium in this reac¬ 
tion has been studied l)y Trautz^ who found that at tempera¬ 
tures in the neighborhood of 200°C the compound is almost 
completely dissociated, while at lower temperatures the reaction 
proceeds but slowly, even in the presence of catalysts. He was 
able, however, to obtain approximate values of the degree of 
dissociation between 110® and 180®C, and from his results, by a 
rough extrapolation, which we need not enter into in detail, the 
degree of dissociation would be in the neighborhood of 20 per¬ 
cent at 25®C, or 

S02(g)+Cl2(g)=S02Cl2(g); AF®298 = - 1900. (51) 

Combining with Equation 47, 

S(rhomb.) + O 2 + Cl 2 (g) = S02Cl2(g); AF ®298 = - 71560. (52) 

^Trautc, Z. Elektroehem., 14. 534 (1908). 
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SuLFjURic Acid and Sulfate Ion 

The determination of the free energy of formation of sulfuric 
acid, while one of the most important tasks of thermodynamic 
chemistry, has also proved to be one of the most difficult. 
Investigations, begun many years ago, are not yet entirely com¬ 
pleted. They suffice, however, to give us a value which cannot 
be far from the true one. 

Since the final calculations have not yet been made, we shall 
here content ourselves with a sketch of the several methods 
which have been employed, together with a provisional value of 
the free energy of formation of sulfuric acid in aqueous solution, 
derived therefrom. 

Reactions in the Roasting of Lead Sulfide. In the study of the metal¬ 
lurgy of lead, numerous equilibrium measurements have been made which 
seem to offer an opportunity for the evaluation of the free energy of 
sulfate ion. Schenck and Rassbach' studied the equilibrium pressure of 
sulfur dioxide over a mixture containing three of the four phases PbS, 
PbS 04 , PbO and Pb. An examination of their results showed us, however, 
that for some unknown reason they were not available for the desired free 
energy calculations. Later it was shown by Reinders* that Schenck and 
Rassbach had not sufficiently considered the various basic sulfates which 
are capable of existence at the temperature of their measurements. 

Mr. G. B, Frost has made a careful examination of the measurements 
of Reinders in the equilibria for the two reactions 

PbS -f 7PbS04 « 4PbO PbS04 + 4 SO 2 , 

3PbS -h 2PbO PbS 04 - 7Pb + 6 SO 2 . 

From the equilibrium pressures in these two reactions at several tempera¬ 
tures he calculated the free ene»*gy changes and thence, by combination, 
AF® for the reaction 

PbS -f PbS 04 = 2Pb + 2 SO 2 . 

The free energy of sulfur dioxide is known, that of lead sulfide can be cal¬ 
culated with moderate accuracy, and the difference in free energy between 
lead sulfate and its ions may be obtained with high accuracy from the 
measurements of Mellon and Henderson.’ Thus we have all the data for 
calculating the free energy of formation of sulfate ion, but the result 
differs by about 8000 calories from the value which we are going to obtain 

> Schenck and Rawbach, Ber. detU. chem. Om., 40, 2185 (1907); MetaUurgiet 4, 455 (1907). 

’Reinden, Z. anorg. aUgem. Chem., 93. 213 (1915). 

* Mellon and Hendenon, J. Am. Chem. See., 42, 676 (1920). 
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by three other methods, and this discrepancy seems to point to some error 
in the interpretation of the work of Reinders. 

The Reduction of Sulfuric Acid by Sulfur. Dr. F. R. Bichow- 
sky^ has studied, in the neighborhood of 300®C, the reversible 
reaction 


3 SO 2 + 2 H 2 O = S + 2 H 2 SO 4 . 

With liquid sulfur and acid of mol fraction 0.04 to 0.16, he 
measured the total pressure of sulfur dioxide and water vapor at 
equilibrium. He also measured the pressure of water vapor 
alone at the same temperatures and the same strengths of sul¬ 
furic acid, in the absence of sulfur. Now if the gas law could be 
assumed it would be a simple matter to subtract the partial 
pressure of the water from the total pressure, and obtain the 
partial pressure of the sulfur dioxide. But the measured pres¬ 
sures were of the order of 200 atmospheres, and at such pressures 
sulfur dioxide and water are very far from perfect gases. How¬ 
ever, the equations of state of these gases are known with some 
accuracy, and Bichowsky was able to obtain the activities of 
the two gases by employing the principle which we have an¬ 
nounced in Chapter XIX, namely, that the activity of each con¬ 
stituent of a gaseous mixture is equal to its mol fraction multi¬ 
plied by the activity which it would possess in the pure state, 
at a pressure equal to the total pressure of the mixture. Then, 
using the partial molal heat content, heat capacity and activity 
coefficient of sulfuric acid, as given in several tables in this 
book, he was able to obtain the standard change in free energy 
of his reaction, and thus to obtain the free energy of formation of 
aqueous sulfuric acid. 

The Reduction of Sulfiuic Acid by Mercury. When aqueous 
sulfuric acid is heated with mercury, a reaction occurs accord¬ 
ing to the equation 

2Hg -f 2 H 2 SO 4 = Hg 2 S 04 + SO 2 + 2 H 2 O, 

and here also, by determining the partial pressures and activi¬ 
ties of sulfur dioxide and water vapor, in equilibrium with solid 

> Bichowsky. J. Am. Chem. Soe.. 44.116 (1922). 
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mercurous sulfate, liquid mercury, and acid of given concentra¬ 
tion, it is possible to determine the free energy of the reaction 
under the standard conditions, and thence the free energy of 
formation of sulfuric acid. 

Mr. T. R. James has determined the equilibrium at about 
200®C and with sulfuric acid of 20 to 30 mol percent. Here the 
equilibrium pressures amount to only a few atmospheres and 
the activities can be determined with less uncertainty than in 
the preceding case. Moreover, the lower temperature of the 
measurements causes less uncertainty in the extrapolation to 
standard temperature. On the other hand the reaction is a very 
slow one, but this has not prevented the determination of the 
true equilibrium pressures. 

The Free Energy of Aqueous Sulfuric Acid from that of Sulfur 
Trioxide. In the previous three methods we have not made use 
of the free energy of gaseous sulfur trioxide. Bodenstein and 
Katayama^ have studied the vapor density, and thus the disso¬ 
ciation, of sulfuric acid vapor. From their measurements we 
may calculate the equilibrium constant [S 03 ][H 20 ]/[H 2 S 04 ] at 
326®C, which is the boiling point of the constant boiling acid. 
The vapor over such a liquid would have the same stoichio- 
metrical composition as the liquid itself, which in the present 
case is about 0.082 mols H2O to 0.918 mols H2SO4. From this 
fact and from the dissociation constant, we may find the partial 
pressures of SO3 and of H2O in equilibrium with the acid. Pro¬ 
ceeding now to standard temperature by means of known heats 
of reaction, and employing Bronsted^s data on the free energy of 
dilution of the concentrated acid, we obtain once more the free 
energy of formation of sulfuric acid in aqueous solution. 

Provisional Value for the Free Energy of Sulfuric Acid. The 
three last methods give by preliminary calculation three values 
for the free energy of formation of sulfuric acid which differ in 
the extreme by only 1000 calories. We shall adopt for the pres¬ 
ent the mean of these values, and write 

Ha + S(rhomb.) + 20* = H 2 S 04 (aq); = - 176500. (53) 

< Bodenstein and Katayama, Z. Blektrochem., 15, 244 (1909). 
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Also therefore by our conventions we may write 

S(rhomb.) + 20* + 2 E- = SO 4 —; = - 176500. (54) 

In taking the standard free energy of this electrolyte as equal 
to the sum of the standard free energies of its ions, we are fol¬ 
lowing the practice which we have uniformly employed in the 
case of strong electrolytes. We may, however, point out once 
more that this is a practice which we could also employ without 
any inaccuracy in the case of weak electrolytes, if it were con¬ 
venient, which it ordinarily is not. But while sulfuric acid 
cannot be classed strictly as a strong acid, it is so near to being 
one that it seems desirable to treat it in the same manner as 
the typical strong electrolytes. 



CHAPTER XXXIX 


NITROGEN COMPOUNDS! 

Gaseous nitrogen, which we take as the standard reference 
state, is not known to exist except in the condition represented 
by the formula N 2 . The so-called active nitrogen observed in 
electric discharge through Geissler tubes has not as yet been 
chemically studied. The dissociation into the monatomic gas 
does not occur to an appreciable extent^ even at 3500®K. 

Ammonia and Ammonium Ion 

The equilibrium between ammonia and its elements is of 
great technical importance and has been widely studied, chiefly 
in the laboratories of Haber and of Nernst. Discrepancies 
between the results obtained in the two laboratories, and also 
between the experimental results and earlier thermal data, led 
Haber® and his associates to a new and exhaustive series of 
investigations in which have been determined, not only the 
equilibrium constant at different temperatures and pressures, 
but also, at several temperatures, the heat of formation and 
specific heat of ammonia. 

Their equation for the heat capacity of gaseous ammonia is 
the one which we have adopted in Equation VII-11, and from 
this and the other equations there given we find for the reaction 
J^N2 + MH 2 = NHaCg), 

ACp = - 4.96 - O.OOllSr + O.OOOOOSir. (1) 

* Thia chapter constitutes a revision of a paper by Lewis and Adams, J. Am. Chem. Soc., 
S7. 2308 (1915). 

* Langmuir, J. Am. Chem. Soe., 34, 860 (1912). 

> Haber, Z. EUktrochem.y 20, 597 (1914); Haber, Tamaru and Ponnay, J5id., 21, 89 (1915); 
Haber and Maschke, Ibid., 21, 129 (1915); Haber and Greenwood,/5td., 21, 241 (1915); Heat 
of Formation, Haber and Tamaru, /6td., 21, 191 (1915); Haber, Tamaru and Oebolm, Ihid.y 
21, 206 (1915); Specific Heat, Haber and Tamaru, Ihid.y 21, 228 (1915). 
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The heats of formation obtained from 0®C to 669‘’C are in 
accord with this formula within 100 or 200 cal. and lead to the 
value AHa = — 9600, which is numerically 1000 cal. less than 
the value obtained from the work of Thomsen and Berthelot. 

The values of log K from the various series of Haber and his 
associates are shown plotted against l/T in Figure 1, where the 
continuous curve shows the values calculated from the general 
free energy equation, in which the mean value of 7 is taken as 
- 9.61. 



The agreement between the experimental values and the cal¬ 
culated curve is seen to be excellent. Many of the experiments 
were made at a pressure of 30 atmos., where the departure of 
ammonia from the gas law must be appreciable. But appar¬ 
ently the correction which might be made on this account is less 
than the individual errors of the experiments thenxselves. 

Taking the above value of 7, the general free energy equation 
is, 

AF® = - 9.50C + 4.987’ In 7’ + 0.0005757’* 

- 0.000000857’* - 9.617’. (2) 
HNs + = NH,(g)- = - 3910. (3) 
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Liquid Ammonia. The vapor pressure of liquid ammonia at 
25®C has been shown by Cragoe, Myers and Taylor' to be 9.90 
atmos. From the tables of Keyes and Brownlee* we find that 
this pressure is 89 percent of that which would be exerted by a 
perfect gas of the same molal volume. Using the approximate 
method of Equation XVII-25, we thus see that the fugacity is 
0.89 times the vapor pressure. Whence 

NH 3 (g) = NHs(l); Af *298 = RT\n (9.90 x0.89) = 1290. (4) 

Combining with Equation 3 we find 

14 N 2 + %H 2 = NH,(1); AF^m = - 2620. ( 6 ) 

Aqueous Ammonia. Solutions of ammonia in water appear to 
obey Henry’s law over a wider range of concentration than might 
have been expected. At 25®C, the constant K — m/p, where m 
is the molality and p is the pressure in atmospheres, varies only 
very slightly between m = 1 and m = 0.1, according to the 
very consistent measurements of Gaus,* of Abegg and Riesen- 
feld,* and of Locke and Forssal.® The limiting value at m = 0 
is 56.7 with a probable error of about 1 percent. Hence, 

NHaCg) = NH.,(aq); = -RTlnK = - 2390. (6) 

Combining Equations 3 and 6, 

^N 2 +%H 2 = NH,(aq); AF °298 = ^6300. (7) 

According to the convention which we established in Chapter 
XXIV, we shall write 

NHaCaq) + HjOCl) = NHiOH(aq); AF> =0. (8) 

Hence, from the free energy of formation of water, 

^N 2 4-^H2 + ^02 = NH 40 H(aq); AF °298 =-62860. (9) 

Ammonium Ion. Ammonium hydroxide is a weak electrolyte, 

1 Cragoe, Myers and Taylor, J. Am. Chem. Soe., 42, 206 (1920). 

* Keyes and Brownlee, “Thermodynamic Properties of Ammonia,” Wiley and Sons, New 
York, 1916. 

I Qaus, Z. anorg, Chem., 25, 236 (1900). 

« Abegg and Riesenfeld. Z. physik. Chem., 40, 84 (1902); RicsenfeUl, Ibvl, 45, 461 (1903). 

• Looks and Forssall, Am. Chem. J., 31, 268 (1904). 
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the dissociation constant being 18.1 X 10~® at 25®C, according 
to Noyes and Kanolt.^ Hence, 

NH40H(aq) = NH4+ + OH'; = 6470. (10) 

Combining Equations 9, 10 and XXXIV-28, we have 

+ 2H2 =NH4++ E-; = -18930. (11) 

Oxides of Nitrogen 

Nitric Oxide. One of the most important of technical gas 
reactions is the direct union of oxygen and nitrogen in the electric 
arc. Haber has expressed the conviction that the equilibrium 
obtained in the arc is not a purely thermal equilibrium, but that 
some of the electrical energy is in some way utilized directly to 
produce a larger yield of nitric oxide than corresponds to the 
temperature. However this may be, it is evident that experi¬ 
ments with the electric arc alone could hardly give sufficiently 
accurate results for a free energy calculation. But Nernst^ 
measured the amount of NO produced by heating air at atmos¬ 
pheric pressure to definite temperatures, for a sufficient time to 
establish equilibrium. 

These equilibrium measurements are given in Table 1, where 
the first column gives the absolute temperature; the second, the 
percentage (by volume) of NO in equilibrium with air at one 
atmosphere; the third, X = [N0]/[N2]^[02]^^; and the fourth, 
the constant I, 

Table I.—MN, + HO 2 - NO 


T 

%NO 

K 

/ 

1811 

0.37 

0.0092 

-2.59 

1877 

0.42 

0.0105 

-2.55 

2033 

0.64 

0.0161 

-2.40 

2195 

0.97 

0.0246 

-2.47 

2580 

2.05 

0.0539 

-2.56 

2675 

2.23 

0.0590 

-2.44 
Mean, —2.50 


The free energy equation in this case is extremely simple. 

^ Noyes and Kanolt, Camegw No. 63, 283 (1907). 

’Nernst, Z. anorg, Chem.^ 49, 213 (1906). 



560 


THERMODYNAMICS 


Chap. XXXIX 


Since we have taken the same formula for the heat capacities of 
N 2 , NO and O 2 , ACp - 0. Aif for this reaction is given both 
by Thomsen and by Berthelot as 21600 cal., which is indepen¬ 
dent of the temperature. Therefore, 

AF° = 21600 - 2.50r, (12) 

- NO(g); AF^os = 20850. (13) 

In this reaction there is no change in the number of molecules, 
and it would probably have been quite impossible to determine 
the equilibrium, or even the existence of the ecjfuilibrium, were 
it not for the extraordinary inertness of the reaction. Even at 
the high temperature of the measurements equilibrium is estab¬ 
lished but slowly, and therefore by rapid cooling the composi¬ 
tion of the equilibrium mixture may be ascertained. If, from 
the rate of the reaction at high temperature, we should estimate 
the rate at room temperature by means of the rough rules ordi¬ 
narily employed in such a calculation, the reaction velocity would 
be found to diminish in the ratio of about 10'®®. It is therefore 
easy to understand why it is that nitric oxide, although extremely 
unstable thermodynamically, in another sense is considered as 
a very stable substance. 

Nitrogen Dioxide. Above 150°C, nitrogen dioxide dissociates 
appreciably into nitric oxide and oxygen. The early measure¬ 
ments of Richardson' on the vapor densities have been repeated 
with greater precision, and over a wider temperature range, by 
Bodenstein and Katayama.® Their numerous measurements 
we have employed to determine both A//o and I in the general 
free energy equation (which we have obtained by assuming the 
heat capacity of NO 2 to be the same as that of CO 2 ). We thus 
find 

AF® = - 14170 + 2.75T In T - 0.0028T2 

+ 0.00000031 P + 2.73T, (14) 
NO + 3^02 = N02(g); A^’°298 == —8930. (15) 

With Equation 13 we then have 

3^^N2 + 02 = NO 2 ; AF®298 = 11920. (16) 

iBiohardaon, J. Chem. Soe„ 51, 397 (1887). 

> Bodenstein and Katayama, Z. Elektroekem., 15, 244 (1909). 
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Nitrogen Tetroxide. The equilibrium between nitrogen diox¬ 
ide and tetroxide was one of the earliest to be studied from the 
thermodynamic standpoint, and has been the subject of numer¬ 
ous publications. This is another case where the heat of reac¬ 
tion can best be determined from the equilibrium measurements 
themselves, although the value thus obtained is in good agree¬ 
ment with those obtained from a study of the change of specific 
heat with the temperature.^ Schreber^ has made a critical sum¬ 
mary of the dissociation constant calculated from the numerous 
measurements of the gas density. In accordance with that 
work, we shall take as an average value between 0° and 100 ®C, 
AH = — 13600. The heat capacity of 2 mols of NO 2 is doubt¬ 
less greater than of one mol of N2O4, but since this reaction can 
be studied only over a small range of temperature, we shall 
regard AH as constant and thus obtain values of I given in 
Table 2, where AH is taken as — 13600. 


Table 2.— 2 NO 2 * N 2 O 4 


T 

K 

I 

273.0 

65.0 

41.5 

291 3 

13.8 

41.4 

322.9 

1.25 

41.7 

346.6 

0.296 

41.6 

372.8 

0.075 

41.6 


We thus find 


= - 13600 + 41.67’, 

(17) 

2 NO 2 = N 2 O 4 J AF^2b% — — 1200 . 

(18) 


The more recent study of the same reaction by Bodenstein 
and Katayama is in perfect agreement with the results of 
Schreber, and leads to no change in the free energy value. 
Combining Equations 16 and 18, 

N 2 + 2 O 2 = N 2 O 4 J AF^29b ~ 22640. (19) 


> See Abegg, ‘'Handbuch der anorganischen Chemie.” III-3, p. 135, Uirael, Leipsig, 1908. 
* Schreber, Z. physik, Chem., 24, 651 (1897). 
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Nitrosyl Chloride 

The equilibrium between nitric oxide, chlorine and nitrosyl 
chloride has been investigated by Trautz and Wachenheim.^ 
We have plotted the logarithm of the equilibrium constant as ob¬ 
tained from their measurements between 500° and 750°K against 
1/Tj and thus obtain a value for the heat of the reaction. We 
might make some estimate of the heat capacity of NOCl, but 
it will be sufficiently accurate to assume ACp == 0 and AH con¬ 
stant. Taking an average value of I from their measurements 
we thus find 

AF° = - 9100 + 14.3T, (20) 

3^NO+ Cl2(g) = NOCl(g); AF^,s = -4840. (21) 

Combining with Equation 13, we have 

KN 2 + MO 2 + KCl2(g) = NOCl(g); AF\,, = 16010. (22) 

Nitrous and Nitric Acid and their Ions 

In all the cases which we have considered hitherto, it has been 
possible to determine the free energies of a series of compounds 
one by one, each new value being available for use in the deter¬ 
mination of the free energies of other compounds. However, in 
the case of nitrous and nitric acids all data which existed until 
very recently led to a series of free energy equations which must 
be employed simultaneously to give the free energy of formation 
of these two acids. Since we are thus confronted by a problem 
of somewhat unusual character, it will be interesting to make 
this calculation before taking up the newer data. 

2AgN02(s) = Ag+ + N 03 “ + Ag + NO(g). Solid silver ni¬ 
trite when heated, especially in the presence of water, decom¬ 
poses to form silver nitrate, metallic silver and nitric oxide. 
Abegg and Pick* showed that at 55°C equilibrium in this reaction 
was established in a few days, and that when the pressure of 
NO was 4.28 atmos. the molality of silver nitrate was 0.179, 
From the data of Thomsen and Berthelot we find for this reac- 

> Trauts and Wachenheitn, Z. anorg. aUgem. Chem., 97, 241 (1916). 

* Abefg and Pick, Z. anorg. Chem.., 51, 1 (1906). 
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tion AH = 21200. Assuming this to be constant over the small 
range of temperature, we find the pressure of NO, at 25®C, which 
would be in equilibrium with 0.179M AgNOa, to be 0.162 atmos. 
Interpolating from Table XXVII-12, we find the activity coef¬ 
ficient of the silver nitrate to be 0.67. Hence the activity of the 
silver nitrate is (0.179 X 0.67)^ = 0.0144, and for the standard 
change of free energy, 

AF^m * - RT In (0.162 X 0.0144) = 3600. (23) 

For the purpose of checking this determination, Lewis and Adams^ 
measured the equilibrium in the same reaction at 100®C and with silver 
nitrate at 1.10 M. The equilibrium pressure was found to be 8.35 atmos. 
Unfortunately the change in the partial molal heat content of silver nitrate 
with the concentration is unknown, and the uncertainty in the value of 
AH is more important in this case, where the range of extrapolation is 
greater. If we use the same value of AH as before and take y « 0.38, we 
find AF ®298 • 4040. The difference between this value and the one obtained 
by Abegg and Pick is probably due almost solely to neglecting the heat of 
dilution. 

Nitrate and Nitrite Ion. Abegg and Pick made a careful 
study of the solubility and complex formation of silver nitrite. 
For the true solubility product, at 25®C, they find (Ag+)(N02“) 
= 2.0 X 10"^, whence 

AgN02(s) = Ag+ + N02“; AF^m = 5050. (24) 

Combining with Equations 13, 23 and Table XXX-7, we have 
3^^N2 + JiOa + NOa- + E" = 2 NO 2 -; = 8900 (prelim.). (25) 

The Ionization of Nitrous Acid. Nitrous acid is a weak acid 
whose dissociation constant has not been determined with high 
accuracy on account of its great instability. However, Schii- 
mann^ measured the conductivities of freshly prepared mixtures 
of equivalent solutions of sodium nitrite and hydrochloric acid, 
and it does not seem that there can be any great error in his 
value of the ionization constant, X 298 ; namely (N 02 ~)(H+)/ 
(HNO 2 ) = 0.00045. Hence 

HN02(aq) « H++ NOa”; AF^m = 4570. (26) 

H+ + N 03 -“ + 2NO(g) + H20(1) = 3HN02(aq). The reac- 

* Lewis and Adams, J. Am. Chem. Soe., S7, 2308 (1915). 

> Schumann, Ber. deut. ehem. Oea., 33, 527 (1900). 
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tion which occurs in the decomposition of aqueous nitrous acid 
is reversible. Nitric oxide at a definite pressure, in contact with 
a solution of nitric acid, leads to an equilibrium concentration of 
nitrous acid. This equilibrium was studied over a wide range 
of concentration by Saposhnikov^ by passing nitric oxide through 
nitric acid solution and determining the amount of nitrous acid, 
either by analysis or by measurements of the conductivity of 
the solution at the beginning and end of the experiments. The 
latter method was also employed by Lewis and Edgar^ with the 
purpose of obtaining a more exact determination of the equi¬ 
librium constant. Starting with 0.1 M HNO3 and passing NO 
through at approximately atmospheric pressure, they were able 
to determine the change of conductance with unusual exactness. 
It is of course possible that the conductivity of nitric acid may 
be altered slightly by the presence of nitrous acid or of nitric 
oxide, but the essential agreement between the results of Lewis 
and Edgar and those of Saposhnikov, who measured concentra¬ 
tion both by conductivity and by analysis, indicates that this 
effect, if it exists, must be small. 

According to the measurements of Lewis and Edgar, the solu¬ 
tion originally O.IM with respect to nitric acid becomes, in 
equilibrium with NO at 0,961 atmos., 0.0830 M with respect to 
nitric acid, and 0.0495 M with respect to undissociated nitrous 
acid. The activity coefficient of nitric acid at this concentration 
is 0.80, and we find for the equilibrium constant K = (HN02)V 
(H+)(N03“)[N0]2 = 0.030. 

The values of this constant obtained from Saposhnikov's 
data, using our present activity coefficients, are 0.032, 0.024, and 
0.022, starting with 0.05, 0.1 and 0.2 M nitric acid. A few in¬ 
complete experiments by Lewis and Edgar with 0.2 M acid 
lead to a still lower value of K, namely, 0.019. The apparent 
trend of K with the concentration is perhaps to be explained by 
some minor side reaction, and for this reason it seems best to 
adopt the value obtained in the most dilute solution, namely, 
iL 298 « 0.032, whence 


1 Saposhnikov, J. Rum. Phys. Chem. Soe., 32, 375 (1900), 
* Lewis and ESdgar, J. Am, Chem, Soe.^ .33, 292 (1911). 
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H+ + NOj- + 2N0(g) + H,0 = 3 HN 02 (aq); 

AF%n = 2040. (27) 

Combining the Equations. We now have material for deter¬ 
mining the free energy of both nitrate and nitrite ion. Thus, 
from Equations 27, 26, 13, XXXIV-19 and Table XXX-7, 


2H+ + 2 NO 3 - -H 4NO(g) -1- 2H20(1) 

= 6HN02(aq); 

6 HN 02 (aq) = 6 H+ + 6 NO 2 -; 

2 N 2 -h 2 O 2 = 4NO(g); 

2 H 2 -1-02 = 2H20(1); 

4H+ + 4E- = 2 H 2 ; 


AF®298 = 

4080, 

II 

27420, 

AF°298 = 

83400, 

AF®298 = 

-113120, 

AF°298 = 

0 . 


And by addition 

2 N 2 -I- 3 O 2 -I- 2 NO 3 - + 4E- = 6 NO 2 -; 

AF °298 = 1780 (prelim.). (28) 

t 

Now we have also by Equation 25 

6 NO 2 - = ^^N 2 -f- ^^02 - 1 - 3 NO 3 - + 3E-; AF°m = -26700, 


and finally adding the two last equations we find —24920 
(prelim.) as the free energy of formation of nitrate ion. Now 
using this value, together with either Equation 25 or 28 we find 
—8010 (prelim.) as the free energy of formation of nitrite ion. 

Owing to the way in which the equations have been combined, 
small errors in the individual data, while causing relatively small 
errors in the free energy of nitrite ion, would cause a very large 
error in the free energy of nitrate ion. Probably the two most 
uncertain data are those for the solubility product of 'silver 
nitrite and for the ionization constant of nitrous acid. Both 
of these data enter six times in the above calculation, so that an 
error of 30 percent in either one would cause an error of 1000 cal. 
in the free energy of nitrate ion. 

For this reason it has long been desirable that some other 
reversible reaction involving nitrates or nitrites be investigated. 
Very recently the reaction between nitric oxide and concentrated 
nitric acid^ to give nitrogen dioxide and water, has been studied 
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by Burdick and Freed, ‘ with results which permit a new and 
independent calculation of the free energy of nitric acid. 

The Reaction between Nitrogen Dioxide and Water. Burdick 
and Freed, passing a stream of gas containing nitrogen dioxide 
through nitric acid' of various concentrations, found that a 
measurable equilibrium was established in the reaction 

3 NO 2 + H 2 O = 2 HNO 3 + NO. 

They analyzed the gas for nitric oxide and dioxide, and they 
also studied the vapor pressure of nitric acid and of water from 
the various solutions. They were thus able, at 25®C, to obtain 
an equilibrium constant for the reaction with all of the sub¬ 
stances as gases. They thus found K = [N 0 ][HN 0 s]V(N 02 ]’ 
[H 2 O] = 0.0046 with five concentrations of acid, and with an 
average deviation from the mean of about 15 percent. We 
thus find 

3N02(g) + H20(g) = NO(g) -I- 2HNO,(g); AF»2^ = 3190. (29) 

This equation with Equations 16, 13 and XXXIV -22 gives the 
free energy of formation of gaseous nitric acid, namely, 

HH 2 + J^^N 2 +HO, = HN03(g); AF°m = -18210. (30) 

The Activity Coefficient of Nitric Acid Solutions. In order 
to proceed from this point to the free energy of aqueous nitric 
acid, we must know the activity of nitric acid in its concentrated 
solutions. By the use of such rough freezing point measurements 
as are available, we may calculate the activity coefficients up to 
3 M. From this point on, we may use the vapor pressures of 
nitric acid obtained by Burdick and Freed. Proceeding just as 
we did in the case of hydrochloric acid (see the discussion of 
Table XXVI- 1 ), we note that the vapor pressure is connected 
with the molality and the activity coefficient by the expression 
= kmy, and taking y = 0.89 at 3 M from the freezing point 
measurements, we find as an average value, k — 0.00092. We 
then obtain from the freezing point and vapor pressure measure¬ 
ments the approximate values of 7 given in Table 3 . 

> Bwdiek sad IVeed, J. Am. Chtm. Hoe., 4S, filS (1921). 
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Table 3.— Activitt Coeiticient of HNOt 

m 0.05 0.1 0.2 0.6 1 2 4 9 16 36 

y 0.83 0.79 0.76 0.73 0,73 079 0.92 1.16 1.46 2.18 

We may now use the value of k which we. have just obtained, 
to determine the free energy change in passing from HNOsCaq) 
to HNOs(g). The equillibrium constant for this reaction is 
K == and 

HNOa(aq) = HNOs(g); = 8290. (31) 

Finally, this equation with Equation 30 gives 

H Hj + Ni + ^Oi = HN 03 (aq); = - 26500. (32) 

Final Free Energy Values. Notwithstanding the lack of com¬ 
plete agreement among the various data obtained by Burdick 
and Freed, this method of determining the free energy of nitric 
acid is so much more direct than the other one, that we shall 
accept Equation 32 as final, and in accordance with the conven¬ 
tion which we use for strong electrolytes, we also write 

MNa + HO 2 + E- = NO,-; AF“«s = -26500. (33) 

We may now combine this value with either Equation 25 or 
Equation 28 to obtain a value for nitrite ion. We obtain respec¬ 
tively —8800 and —8540 as against —8010 as obtained before. 
As a weighted mean we shall take 

J'^N, -H O, -I- E- = NO,-; AF^m = -8500. (34) 

To obtain the free energy of nitrous acid we combine Equations 
26 and 34, and 

MH, -I- i^^N* -I- O 2 = HN02(aq); AF>m = -13070. (35) 

The Stability of Nitric Acid. We have called attention to the 
extreme inertness of nitric oxide, which permits it to exist despite 
its great thermodynamic instability. This inert or unreactive 
character is typical of the nitrogen compounds in general. Thus 
practically all explosives are composed of nitrogen compounds 
which, although thermodynamically unstable, do not decompose 
except under the influence of high temperature or of shock. 
Also nitrogen compounds which are thermodynamicaUy capable 
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of forming under certain conditions do not readily form. We 
see from the large negative free energy of formation of nitric 
acid that it should be producible directly from its elements. 
Even starting with water and air, we see by our equations that 
nitric acid should form until it reaches a concentration of about 
0.1 M where the calculated equilibrium exists. It is to be hoped 
that nature will not discover a catalyst for this reaction, which 
would permit all of the oxygen and part of the nitrogen of the 
air to turn the oceans into dilute nitric acid. 



CHAPTER XL 


CARBON AND SOME OF ITS COMPOUNDS^ 

Elementary Carbon 

Of the various forms of carbon only two, graphite and diamond, 
have definite and reproducible properties. We shall choose 
graphite as the standard reference state. The heat capacity of 
a solid at temperatures below the range of validity of the law 
of Dulong and Petit cannot be well represented by a simple 
algebraic expression. However, between 0°C and 2000®C we 
find that the heat capacity data for graphite may be fitted, with 
sufficient accuracy for our purpose, by the equation. 

C(graph.); Cp = 1.1 + 0.00487 - 0.00000127*. (1) 

It is possible that substances like coal, charcoal, and coke should be 
regarded, not as elementary carbon, but as mixtures of hydrocarbons of 
low hydrogen content. Passing from benzene through naphthalene to 
more unsaturated compounds of higher molecular weight, there seems to 
be no limit to the ratio between the number of carl)on atoms to the num¬ 
ber of hydrogen atoms in a hydrocarbon molecule. However, there are 
certain of the so-called amorphous forms of carbon, such as the one pro¬ 
duced by the decomposition of carbon monoxide, which must be regarded 
as pure, but of which the properties vary according to the method of 
preparation. 

In determining the difference in free energy of the elementary forms of 
carbon, it is impossible to proceed as we have in the case of sulfur, since 
no transition points are known. Schenck and Heller* believed that they 
had discovered, in the equilibrium between carbon, iron, ferrous oxide, 
and the oxides of carbon, different equilibrium pressure curves for the dif¬ 
ferent modifications of carbon, the pressure being higher with amorphous 
carbon and diamond than with graphite. Theoretically it is barely con¬ 
ceivable that, by the intervention of a phenomenon analogous to super¬ 
cooling, true equilibria involving in one case diamond and in another case 

^ This chapter constitutes a revision of our paper, J. Am. Chem. Soe., 57, 458 (1915). 

> Schenck and Heller. Ber. deut. ehem. (?es., 38, 2139 (1905). 
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graphite might be obtained. But it has been shown by Falckc' that under 
the conditions of Schenck and Heller’s experiments this certainly is not 
the case. Pring and Fairlie*, in their investigation of the equilibrium 
between carbon, hydrogen and methane, obtained in all cases a larger pro¬ 
portion of methane with amorphous carbon than with graphite, but on 
standing with amorphous carbon the percentage of methane diminished 
as the carbon became graphitized, until the conditions obtained with pure 
graphite were established. It is possible that in the early stages of their 
experiments with amorphous carbon there was a close approach to equi¬ 
librium between this substance and the gaseous mixture. Aside from these 
investigations we have no chemical data which enable us to calculate the 
difference in free energy of the forms of carbon. 

C(graph.) = C(diamond). In the absence of equilibrium data 
we may employ the third law to calculate the free energy of 
diamond. The entropies of diamond and of graphite as calcu¬ 
lated by Lewis and Gibson are given in Table XXXII-2, from 
which we see that AS^m = — 0.7. 

The older determinations of the heats of combustion of graphite 
and diamond were too inaccurate to give AH, but the recent very 
careful work of Roth and Wallasch^ indicates that the heat of 
combustion of diamond is larger than that of graphite by 180 cal. 
Thus AHm = 180, Now AF° = AH ~ TAS®, and therefore 

C(graph.) = C(diamond); AF°m = 390. (2) 

The accuracy of this value depends almost entirely upon the accuracy 
of the work of Roth and Wallasch. Assuming that their measurements 
are correct, we may draw some interesting conclusions regarding the sta¬ 
bility of diamond. We see from Equation 2, since A/'’® is positive, that 
diamond is the unstable form at ordinary temperature. Moreover, if we 
write the general free energy equation, we find that AF° acquires a larger 
positive value with increasing temperature. We may therefore conclude 
that at all temperatures diamond is unstable at atmospheric pressure. If, 
however, we employ Equation XIV-9 (neglecting compressibility) we may 
c>alculate, at 25®C, the transition pressure. Thus, in order to make £iFm ** 
0, we must increase the pressure, so that - AF(P - 1) » 390 cal. From 
the densities we find AF « - 2.1 cc., and converting calories to cc. atmos., 
we find that it would require a pressure of about 8000 atmos. to make dia¬ 
mond stable. At higher temperatures AF®.and - aF both become larger 

^ Falcke. Ber. detU. ehem. Oea., 46, 743 (1913). 

* Pring and Fairlie, J. Chem. Soc., 101, 91 (1912). 

* Roth and Wallasch, Ber. deut. chem. Qea.^ 46, 896 (1913). 
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with the result that the pressure required does not greatly increase. Assum¬ 
ing these conclusions to be correct, they indicate that if diamonds were 
formed in nature under conditions in which they represent the stable form 
of carbon they must have been produced at least 15 miles below the surface 
of the earth. 


Hydrocarbons 

Methane. Of all the compounds of hydrogen and carbon, 
methane is the only one for whose formation from the elements 
we have exact equilibrium data. Taking the heat capacity of 
hydrogen and the rough estimate of that of methane from Equa¬ 
tions VII-5 and VII-11, and combining with Equation 1, we 
have 

ACp = -6.6 - 0.0016T + 0.000001272 
for the reaction 

C(graph.) + 2 H 2 = CH 4 . 

The heat of (jombustion of methane to form gaseous carbon 
dioxide and lujuid water is 212400 according to Thomsen, and 
212800 according to Berthelot,—mean 212600. The heat of 
formation of liquid water we have shown in a previous chapter to 
be 68470 at 0®C, or 68330 at 18®. The heat of combustion of 
graphite, as given by Roth and Wallasch,^ is 94250. We find 
for our reaction A//291 = —18300. From these data we may 
set up the general free energy equation in which the constant I 
may be determined from any one measurement of the equilib¬ 
rium. 

Such measurements were first made by Mayer and Altmayer,* 
but we shall consider chiefly the far more extensive work of 
Pring and Fairlie.® These authors obtained a higher yield of 
methane from amorphous carbon than from graphite, but in 
the latter case a true equilibrium was reached, whereas in the 
former the equilibrium continually changed owing to the gradual 

1 Roth and WalloBch^ Ber. deut. chem. Oes., 46, 896 (1913). 

* Mayer and Altmayer, Ber. deut, chem. Oee., 40, 2134 (1907). 

* Pring and. Fairlie, J. Chem. Soc., 101, 91 (1912). In this paper and in previous papers 
by the same authors the equilibrium conditions ate. investigated in the formation, not only of 
methane, but of ethylene and acetylene. . From the results it probably would be possible to 
obtain approximate values for the free energies of these hydrocarbons. 
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transition from amorphous carbon to graphite* The ultimate 
equilibrium was the same as that obtained directly from graphite. 
We shall give in Table I the various results obtained by Pring 
and Fairlie without distinguishing between the different varieties 
of graphite which they used. The first column shows the abso¬ 
lute temperature; the second, the equilibrium constant [CHJ/ 
[H 2 ]^ and the third, the corresponding value of /. (The first 
value given represents the average of the measurements of 
Mayer and Altmayer at 823®K, with amorphous charcoal which 
was covered with a catalyzer of nickel or cobalt and was pre¬ 
sumably graphitized in part.) 


Table 1 .— C(graph.) + 2 H 2 “ CH 4 


T 

K 

/ 

T 

K 

/ 

(823) 

(0.64) 

(-24.2) 

1673 

0.00103 

-26.4 

1473 

0.00244 

-25.9 

1673 

0.00089 

-26.1 

1548 

0.00147 

-25.8 

1673 

0.00089 

-26.1 

1573 

0.00146 

-26.0 

1723 

0.00075 

-26.1 

1573 

0.00158 

-26.2 

1773 

0.00077 

-26.7 

1648 

0.00100 

-26.1 

1848 

0.00062 

-27.0 

1648 

0.00117 

-26.4 





There Is evidently a slight trend of I with the temperature. 
This may be due to an error in the equation assumed for the 
heat capacity of methane, but it may also be an experimental 
error, the possibility of which the authors themselves have pointed 
out, namely, an excessive yield of methane at high temperatures 
owing to the indirect formation of methane, during the rapid 
cooling of the gas for analysis, from other hydrocarbons which 
may be present at high temperatures. In either case it would 
be advisable to give a little more weight to the values at low 
temperatures and we may take I = 26.0. Hence 

AT = -16300 + 6.6Tln T + O.OOOST^ 

- 0.0000002T3 - 26.0T, (3) 

C(graph.) + 2 H 2 = CH 4 ; - -12800. (4) 

Benzene. The third law furnishes a powerful method for 
determining the free energy of substances which cannot readily 
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be studied by equilibrium methods, and it is probable that in 
the future most of the basic free energy data of organic chemistry 
will be so obtained. Knowing the entropies of the elements, it 
is only necessary to find the entropy and the heat of formation 
of the compound in question, in order to find its free energy of 
formation. 

We may illustrate the method by an example taken from the 
work of Lewis and Gibson.* From the specific heat of solid 
benzene at low temperatures, and from its heat of fusion, they 
find for CeHeO), = 44.5, and using Table XXXII-2, we 
have 

6C(graph.) + = CeHeO); = -51.6. (5) 

The heat of combustion of benzene has been very carefully inves¬ 
tigated by Roth and v. Auwers^ and by Richards and Barry.® 
Using the same values as before for the heat of combustion of 
hydrogen and graphite, their work gives for the formation of 
benzene A/fags = 11700. Since AF® = Aiy — TAS®, 

6C(graph.) + 3 H 2 = CeHeO); AF^g = 27100. (6) 

Oxides of Carbon 

C + CO 2 = 2CO. The important technical process for the 
manufacture of producer gas involves an equilibrium between 
carbon, carbon dioxide, and carbon monoxide, and this equi¬ 
librium has been studied by several investigators. The work 
of Boudouard^ gave the order of magnitude of the equilibrium 
constant and its change with the temperature, but hLs work has 
been superseded by the very careful measurements of Rhead 
and Wheeler.® In their experiments wood charcoal was used, 
which was treated with chlorine at 1000® for 24 hrs., and later 
with other gases for several days at the same temperature, so 

1 Lewis and Gibson, J. Am. Chem. Soc., 39, 2554 (1917). 

* Roth and v. Auwers, Ann. Chem.^ 407, 152 (1914). 

* Richards and Barry, J. Am. Chem. Soe., 37, 993 (1915). 

^Boudouard, Compl. rend.^ 130, 132 (1900). 

* Rhead and Wheeler, J.'Chem. Soc.^ 97, 2178 (1910). In the work of Clement, U. S. Bureau 
of MineB Bull, if (1911), the rate of this reaction was chiefly studied. His estimate of the 
equilibrium constant is evidently erroneous, owing to the fact that his experiments were of 
too short duration to permit the attainment of equilibrium conditions. 
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that we may assume that their carbon was, at least on the sur¬ 
face, in the form of graphite. 

Table 2 summarizes their measurements, giving the absolute 
temperature, the composition of the gas at a total pressure of 
one atmosphere, the equilibrium constant, and, finally, the con¬ 
stant I in the equation we are about to set up. 


Table 2.—C(graph.) + CO* » 2CO 


T 

%co 

% CO 2 

A' 

/ 

1123 

93.77 

6.23 

14.11 

-12.16 

1173 

97.78 

2.22 

43.07 

-12.73 

1223 

98.68 

1.32 

73.77 

-12.43 

1273 

99.41 

0.59 

167.5 

-12.72 

1323 

99.63 

0.37 

268.3 

-12.46 

1373 

99.85 

0.15 

664.7 

-13.15 

1473 

99.94 

0.06 

1665 

-12.95 


Average, -12.66 


The heat of this reaction may be found from the heat of for¬ 
mation of carbon dioxide, which we have already seen to be 
94250, and from the heat of combustion of carbon monoxide. 
For the latter Berthelot gives 68300 and Thomsen 67960, the 
mean being 68100. By combination we find for our reaction 
A^f 29 i == 41950. Using the heat capacity equations for the sev¬ 
eral substances involved, we find the general free energy equation 

AF® = 40910 - 4.9r In T + 0.00495^2 

- 0.00000051 T3 - 12.66T, (7) 

C(graph.) + CO 2 = 2CO; AF ^298 = 29240. (8) 

CO2 + H2 = CO + H20(g). This reaction, which is known 
as the water-gas reaction, has also been frequently studied. 
From the heats of formation of the several substances which we 
have already given, and from the heat capacity equations of 
Chapter VII, we obtain the general free energy equation given 
below. The constant I is obtained from the work of Hahn^ 
and of Haber and Richardt,^ whose results are summarized in 
Table 3. 

I Hahn, Z. physik. Chem., 44. 513 (1903); 48. 735 (1904). 

* Haber and Richardt, Z. anarg. Chern.t 38, 5 (1904). 
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Table 3.—CO 2 + H* * CO + HiO(g) 

(Hahn) 


T 

050 1069 

1159 

1259 

1278 


1.3.59 

1478 

1678 

K 

0.534 0.840 

1.197 

1.671 

1.620 

1.960 

2.126 

2.400 

I 

-0.69 -0.63 

-0.66 -0.62 -0.49 

(Haber and Richardt) 

"" 

•0.50 

-0.23 

0.06 

T 

1603 1628 1538 

1582 

1597 

1643 

1768 

1783 

1797 

1824 

K 

3.05 2.68 2.85 

2.72 

2.93 

3.26 

3.83 

3.66 

3.86 

3.56 

I 

-0.65 -0.51 -0.68 

-0.37 

-0.47 

-0.64 - 

•0.61 

-0.47 

-0.55 

-0.32 


In Hahn’s work the gases were allowed to stream through a 
catalyzer and were rapidly cooled, but, as shown by Haber ^ in 
his critical resume of this equilibrium, the discrepancy between 
Hahn’s measurements at high and low temperatures is due to 
the difficulty in cooling the mixture from a high temperature 
rapidly enough to prevent the continuance of the reaction. This 
criticism apparently does not hold for Hahn’s lower tempera¬ 
tures and we may take from his first three measurements I = 
—0.56. The measurements of Haber and Richardt were ob¬ 
tained by a study of the temperature and composition of the 
gases in the free flame. Although the method is unusual, the 
agreement of the values of I with one another, and with those 
of Hahn at low temperature, not only give us confidence in the 
reliability of the experimental results, but also in the equations 
which we have chosen to express the heat capacities of the 
several gases involved. As a final mean we have chosen I = 
—0.54, hence, 

= 10100 - i.sirin r + 0 . 00445^2 

- 0.00000068T3 - o.54r, (9) 

Ih + CO 2 = HaOCg) + CO; = 7240. (10) 

CO -f J^02 = CO 2 . The free energy equation for this re¬ 
action may be obtained independently in two w^ays. Merely 
by combining Equation 9 with Equation XXXIV-23, we find 

Af® = -67510 + 2.75Tln T - 0.0028^2 

+ O.OOOOOOair^ + 4.46T. (11) 

We also have direct measurements of the dissociation of 
carbon dioxide at high temperatures by Nernst and von Warten- 

1 Haber, ‘‘Thermodynamios of Technical Gas Reactions.” English translation by Lamb. 
Longmans, Green and Co., London, 1908, 
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berg,‘ Langmuir,* and Lowenstein.* Their results are summa¬ 
rized in Table 4, which gives the degree of dissociation and the 
equilibrium constant, K = [CO*]/[CO][Oj]^. 




Table 4.- 

~CO + HO* 

«C02 . 


% dis¬ 




T 

sociation 

K 

/ 


1395 

0.0142 

837000 

4.7 

Langmuir 

1400 

0.015 

781000 

4.6 

Nernst and von Wartenberg 

1443 

0.025 

358000 

4.8 

Langmuir 

1478 

0.032 

247000 

4 4 

Nernst and von Wartenberg 

1481. 

0.028 

295000 

3.9 

Langmuir 

1498 

0.047 

138000 

4.9 

Langmuir 

1565 

0.064 

87300 

4.9 

Langmuir 

1823 

0.4 

5600 

3 3 

Lowenstein 


The table also gives the values of I obtained from the several 
measurements and, although the individual values fluctuate, the 
average of 4.4 agrees extremely well with the value given in 
Equation 11, which we shall take as final. We then find 

00 + ^02 = 002; AF"298= -61760. (12) 

Final Values for the Two Oxides. By the simultaneous use 
of Equations 7 and 11, we find 

0(graph.) + +202 = 00; = -32510, (13) 

AF° = -26600 - 2.15T InT + 0.002157’* 

- 0.00000027’’ - 8.207’. (14) 

Using the same equations, and eliminating carbon monoxide, 
we find 

O(graph) + 02= OO 2 ; -94260, (15) 

= -94110 + 0.607’In T - 0.000657’* 

+ 0.000000117’* - 3.747’. (16) 


Carbonic Acid and its Ions 

The solubility of CO 2 in water, at 25‘’C and at a partial pres¬ 
sure of 1 atmos., is 0.0338 mols per liter, according to the entirely 

1 Nernst and von Wartenberg, Z. phyaik. Cham,, 56» 548 (1906). 

* Langmuir, J. Am. Cham. Soc., 28, 1367 (1906). 

* Ldwenstein, Z. phyaik. Chem., 54, 707 (1905). 
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concordant measurements of Bohr and Bock^ and of Just.* 
Hence 

C 02 (g) = COaCaq); AF^m = 2010. (17) 

According to our convention regarding hydrated solutes, 
C02(aq) + H20(1) = H 2 C 03 (aq); AF^ = 0, 
and combining with Equations 15, 17 and XXXIV-19, 

C(graph.) + Ha + = HaCOaCaq); AF^m = -148810. (18) 

Bicarbonate Ion. We formerly calculated the first dissocia¬ 
tion constant of carbonic acid at 25°C from the measurements 
of Walker and Cormack^ at 18®C. We thus obtained X 298 = 
3.39 X 10”^. More recently Kendall^ has made corresponding 
measurements at 25®C and finds K 298 = 3.50 X 10"’'. From 
the latter value 

H2C03(aq) = H+ + HCO 3 -; AF^m = 8810. (19) 

Hence with Equation 18, 

C(graph.) + i^^Ha +^^02 + E" = HCO 3 -; AF^m= - 140000. (20) 

Carbonate Ion. The second dissociation constant of carbonic 
acid has been the subject of investigations by Bodlander,^ 
McCoy,® and Auerbach and Pick.^ The uncertainty in this 
constant has been due not so much to the experiments as to the 
difficulty of interpreting them. In our former publication there 
seemed no better way of obtaining the dissociation constant 
than by roughly extrapolating to infinite dilution the data given 
by McCoy at several concentrations. We thus obtained for 
the ratio (HC 03 ~)V(H 2 C 03 )(C 03 ““) the value 63C0. From our 
new method of mixtures, employing the principle of the ionic 
strength, we are able to make a more satisfactory calculation. 
In a solution made up as 0.1 M NallCOa, and in which the ionic 

^ Bohr and Bock, Ann. Physik, [3] 44, 31S (1891). 

3 Just, Z. physik. Chem., 37, 342 (1901). 

» Walker and Cormack, J. Chem. Soc., 77, 5 (1900). 

< Kendall, J. Am. Chem. Soc., 38. 1480 (1916). 

» Bodlftnder, Z. Physik. Chem., 35, 23 (1900), 

• McCoy. Am. Chem. J., 29, 437 (1903). 

* Auerbach and Pick, Arb. Kais. OeauHdh., 38, 243 (1011). 
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strength is approximately. 0.1, and assuming the activity coef¬ 
ficient of HCOs" to be the same as that of NOa", namely 0.68, 
and that of COa” “ to be the same as that of SOt~ namely, 0.26 
(see Table XXVIII-8), we find the value of the coastant to be 
9400. From the data for 0.3M NaHCOs, we can only roughly 
estimate the activity coefficients of the ions; taking y = 0.54 
for HCOa" and y =0.15 for C'Oa-", the constant becomes 8700, 
a value for which we can claim no accuracy, but which corrob¬ 
orates the high value obtained in 0.1 M solution. We therefore 
take (HC 03 -)V(H 2 C 03 )(C 03 --) = 9400. 

Dividing the first dissociation constant of carbonic acid by 
this value, we find the second dissociation constant, (H+)(COs ) 
/(HCO 3 -) = 3.7 X 10-“, and 

HCO3- = H+ -h CO,--; AF°m = 14240. (21) 

This with Equation 20 gives 

C(graph.) -t- + 2E- = CO3—; AF°m = -125760. (22) 

Some Organic Compounds Containing Oxygen and 
Hydrogen 

Formic Acid. The only compound of carbon, oxygen and 
hydrogen whose free energy of formation has been determined 
by equilibrium measurements is formic acid. Branch^ found it 
poasible to determine the e<iuilibrium in the reaction 

HCOOH(aq) = 1120(1) + CO(g) 

at 156.1° and 217.9°C. In order to catalyze the reaction, 0.5M 
HCl was used as a solvent, instead of pure water. Taking the 
activity of the liquid water as 0.98, that of the formic acid as 
equal to the molality, and that of the carbon monoxide as equal 
to its partial pressure. Branch obtained K = 89.9 at 156.1° and 
310 at 217.9°C. The assumption that formic acid in water 
obeys Henry’s law is justified by freezing point measurements 
(and furthermore by the fact that the heat of dilution of formic 
acid solution is negligible). But in determining the activity of 

I Bnnoh, /. Am. Chem. Soe., 37, 2316 (IBIS). 
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the carbon monoxide the gas law was assumed, and the partial 
pressure of carbon monoxide was obtained by subtracting the 
vapor pressure of the water from the total pressure. Since 
these total pressures ranged from 16 to 51 atmos. this assumption 
is hardly justifiable. Using the methods which we developed 
in Chapter XVII, we have made an estimate of the necessary 
corrections and find for the value of K at the two temperatures 
86 and 264 respectively. 

From the experiments on the heat of combustion of formic 
acid, which we shall discuss presently, A// for the reaction is 
6200 cal., and may be assumed independent of the temperature. 
Now using the values of K at the two temperatures, we find the 
two values, I = —21.0 and —21.7. The difference is rather 
larger than was to be expected. We may take the mean as 
-21.3, and AF° = 5200 - 21.37, 

HCOOH(aq) = IhOQ) + CO; AF^m - -1150. (23) 

Branch also studied the vapor pressure of formic acid from 
aqueous solutions, and, comparing these with the vapor pressure 
of the pure acid, found 

HCOOH(l) =HCOOH(aq); AF^m = -3880. (24) 

By combining these equations with those for the formation of 
carbon monoxide and water, we find for the free energy of forma¬ 
tion of formic acid 

C(graph.) + O 2 + Ha =HCOOH(aq); AF^m = -87920, (25) 
C(graph.) + O 2 + H 2 = HCOOH(l); AF °298 = -84040. (26) 

A check upon this value of the free energy of formation of 
formic acid is furnished by the third law, although it is an uncer¬ 
tain one and leads, as we shall see, to a rather large discrepancy. 
The heat of combustion of formic acid has been investigated by 
Berthelot, by Thomsen, and by Jahn. Their values, when 
reduced to liquid formic acid, give 62600, 63200, and 62800, 
respectively. The agreement is probably better than the accu¬ 
racy of the data would lead us to expect. From the mean of these 
values we find the heat of formation of liquid formic acid to be 
99700. Through specific heat measurements, Gibson, Latimer 
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and Parks* find for the entropy of this substance S^m - 34.2, 
and using the entropies of the elements from Table XXXII-2 
we find 

C(graph.) + O 2 + Ha = HCOOH(l); AS°298 = -44.5. (27) 

From this value and the heat of formation we find the free energy 
of formation to be —86400, a value differing by over 2000 calories 
from the one which we have obtained from the equilibrium mea¬ 
surements. It is impossible at present to fix the responsibility 
for this large difference. It is possible that the heat of combus¬ 
tion is in error by this amount. On the other hand, the specific 
heat measurements of Gibson, Latimer and Parks were carried 
only to 80®K. Measurements at lower temperatures may show 
an appreciable error in their estimate of the entropy of formic acid. 

The same authors have measured the entropy of urea, and in 
this case also the present data lead to a free energy of formation 
differing in the same direction by several thousand calories from 
the one which we are going to obtain from equilibrium measure¬ 
ments. 

Ethyl Alcohol. Gibson, Parks and Latimer^, from measure¬ 
ments of the specific heat of alcohol and from availaUe data on 
its heat of formation, have calculated its free energy of formation. 
They use for AH, —66700; for the entropy of alcohol, 42.6, and, 
with the new values for the entropies of the elements, the calcu¬ 
lation gives 

2C(graph.) + 3 H 2 + HO 2 = C 2 H 50 H( 1 ); AF^m = -45100. (28) 

There are at present no equilibrium measurements which suflSce 
for a calculation of this value. 

Compounds with Chlorine 

Carbonoxychloride. Bodenstein and Dunant^ and Horak^ 
studied the equilibrium in the reaction 

CO + Cl2(g) = COCMg). 

* Qibaon, Latimer and Parks, J. Am. Chem. Soe.^ 42, 1533 (1920). 

3 Gibson, Parks and Latimer, J. Am. Chem. Soe., 42, 1542 (1920). 

* Bodenstein and Dunant, Z. Phyatk. Chem., 61, 437 (1907). 

^ Horak, Dissertation, Berlin, 1909. 
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The highest temperature used in the latter series is the same as 
the lowest used in the former, but the two values of K differ 
by a factor of 2. Nevertheless, if we plot all the values of 
—R In if against l/T, the points fall moderately well on a smooth 
curve which, if we roughly estimate ACp as —4, leads to the 
equations 

= -24100 + 4r In r + 3.5T, 

CO +Cl2(g) = COCbCg); AF°298 = -16260. (29) 

By the aid of Equation 13, 

C(graph.) + 3^02 + Cl 2 (g) = COCloCg); - -48770. (30) 

There are no other compounds of carbon and chlorine for 
which, at the present time, the free energies can be calculated. 
The entropy of carbon tetrachloride has been accurately deter¬ 
mined by Latimer,^ but the heat of formation cannot be obtained 
from the very conflicting data given in the literature. 

(Compounds with Sulfur 

Carbonoxysulfide. Lewis and Lacey^ studied the equilibrium 
in the reaction 

CO + Sx.,(l) = COS(g), 

and found K = [COS]/[CO] to be 201 as an average of five 
experiments at 575°K, and 435 in one experiment at 533®K. 
At these relatively low temperatures several days were required 
for the establishment of equilibrium. However, at the higher 
of the two temperatures equilibrium was surely established, and 
this was probably the case at the lower temperature also. 

By means of the data given in Chapter XXXVIII we may 
change these results to a more convenient form by considering 
the reaction involving diatomic gaseous sulfur instead of liquid 
sulfur. We thus find, for —R In if, —18.10 at 575® and —21.39 
at 533®K, when K - [COS]/[CO][S 2 ]^, corresponding to the 
reaction 

CO + . 4 S 2 (g) = cos(g). 

1 Latimer, J. Am. Chem. Soc., 44, 90 (1922). 

> Lewie aud Lacey, J, Am. Chem, Soc., 37, 1976 (1916). 
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Between the heats of formation of COS obtained by Thomsen 
and Berthelot, there exists the extraordinary discrepancy of 
14000 calories. The evidence seems to show that there is some 
gross error in Berthelot’s measurement, and although all of 
Thomsen^s determinations for sulfur compounds are uncertain, 
we can do no better than take his value for the heat of formation 
from rhombic sulfur and carbon monoxide, which is 8000 cal. 
Using the heat of formation of S 2 (g) obtained from Chapter 
XXXVIII, we find for the above reaction AH = —22600. The 
value of ACp must be small, and may be neglected, considering 
the uncertainty of AH, We then have 

AF^ = -22500 + 21.0T, (31) 

where the value of I is the weighted mean of the values obtained 
from the equilibrium values given above, namely, at 575®K, 
I = 21.03, and at 533°K, I = 20.82. 

This equation gives if == 1.0 at 1073°K. At this tempera¬ 
ture Stock and Seelig^ studied the equilibrium in this reaction by 
a continuous flow method, and, as was to be expected from the 
the rapidity of the reaction, they obtained results which depended 
upon the rapidity of cooling of the equilibrium mixture. In 
their last series, in which the cooling was most rapid, they still 
found different results with different rates of cooling. From 
their four experiments in which the cooling rate was successively 
increased, we calculate for if, 4.6, 4.1, 3.2 and 2.9. These 
values seem to be converging toward a value not far different 
from the one we have calculated. 

Finally, from Equation 31 we have 

CO + 3^S2(g) = COS(g); AF°298 = -16230. (32) 

And with Equations 13 and XXXVIII-25 
C(graph.) + S(rhomb.) + ^02= COS; AF °298 - -39600. (33) 

Carbon Disulfide. The equilibrium between graphite, sulfur 
vapor and carbon disulfide has been studied at high tempera¬ 
tures by Koref.2 He obtained equilibrium constants which seem 

* stock and Seelig, Ber. detU. chem, 52, 681 (1910). 

*Koref, Z, anorg. Chem., 66, 73 (1910). 
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to be thermodynamically consistent, but which lead to a heat 
of reaction differing by more than 10000 calories from thase 
obtained calorimetrically. These calorimetric results alone could 
perhaps be given little weight, but Koref^s results are also incon¬ 
sistent with some not entirely quantitative but nevertheless 
significant results, obtained by Stock and Seelig and by Lewis 
and Lacey. It appears as though the heat of reaction obtained 
by Korcf is erroneous not only in magnitude but probably in 
sign also. 

There are numerous ways in which systematic errors might have entered 
into Koref’s work. The cooling of his equilibrium gas may not have been 
rapid enough to i)revent change of composition, but a still more serious error 
may have been introduced by his ignoring other compounds of carbon and 
sulfur, such as carbon monosulfide, the existence of which we believe to have 
been demonstrated by Lewis and Lacey, and the more complex sulfides which, 
according to Arctowski,^ are formed from carbon disulfide at high temperatures. 
It seems inadvisable, until new equilibrium data or new calorimetric data have 
been obtained, to attempt to set up a general equation for the free energy of 
formation of carlK)n disulfide. 

* Arctowski, Z. anory. 8, 314 (1895). 
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COMPOUNDS OF CARBON AND NITROGEN 

We shall devote this, the last of our chapters which will deal 
with the systematic calculation of the free energy, to a sequence 
of reactions which together furnish the most interesting chain 
of free energy determinations which has so far been attempted. 
The plan of this series of investigations was sketched by Lewis 
and Burrows^ as follows: 

‘^The study of free energy affords the only true measure of 
chemical affinity, and although, when the free energies of all the 
substances involved in a given reaction are known, it may 
still be impossible to predict the rate of the reaction, it will be 
possible to state in advance in what direction and to what 
extent the process can ultimately occur. This will be an 
advance of no small importance. 

“The field of organic chemistry is especially rich in the so- 
called ‘reversible reactions,^ that is, reactions in which equi¬ 
librium exists under such conditions that all the reacting sub¬ 
stances are present in measurable amounts. Whenever such an 
equilibrium is found, it is possible to study the change of free 
energy which accompanies the reaction. In a systematic tabu¬ 
lation of free energies it is, however, of the greatest convenience 
to know the free energy of a large number of important com¬ 
pounds referred directly to the elements of which they are 
composed. In other words, we desire the free energy change 
accompanying the formation of each substance from its elements. 

“In order to obtain thus the free energy of an organic sub¬ 
stance, it is necessary to synthesize it from its elements by a 
series of processes in each of which a true equilibrium is investi¬ 
gated. Such a procedure we shall term a reversible synthesis. 

> Lewis and Burrows, J, Am. Chem. Soe., 34, 1515 (1012). 
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such a reversible synthesis can be carried out for a few 
typical compounds, then through a study of already known 
equilibria involving these substances, a very large number of 
free energy values can be readily obtained. 

‘‘In a preliminary investigation we have found a number of 
reactions, a study of which seems likely to afford several impor¬ 
tant reversible syntheses. Of these the most promising was the 

% 

synthesis of urea and ammonium cyanate from ammonia, carbon 
dioxide and water, for each of which three substances the free 
energy has already been determined. From the cyanate it will 
then be no difficult task to determine the free energy of hydro¬ 
cyanic acid. This is, for our purpose, one of the most important 
of substances, since it enters into a very large number of reac¬ 
tions of various types.^’ 

The program of investigation of the nitrogen compounds of 
carbon which they outlined has been successfully prosecuted, 
beginning with their study of urea. It is interesting that this 
substance, which was the first typical organic compound to be 
synthesized from its elements, was also the first to be reversibly 
synthesized. 


Urea 

A concentrated solution of ammonium carbonate (containing 
approximately 1 g, of carbonate to 1.5 g. of water) was heated 
by Lewis and Burrows in a sealed tube and allowed to come to 
equilibrium according to the reaction 

(NH4)2C03 = C0(NH2)2 + 2 PI 2 O. 

Similar experiments were also performed with an initial excess 
of urea. At 132®C equilibrium was reached in two days from 
both sides (3.31% of carbonate converted to urea). At 110.7®C 
equilibrium was reached from both sides in from 7 to 10 days 
(2.12% urea). At 77®C equilibrium was not established in 95 
days (the percentages of urea being 0.9 from one side and 1.1 
from the other). 

In a case like this, in which the concentration of urea at each 
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temperature is small, and that of the remaining substances is 
practically unchanged, we may treat these remaining substances 
together as though they were a simple solvent, and if we assume 
the heat of the reaction to be constant, the logarithm of the per¬ 
centage of urea will be a linear fraction of l/T, The authors 
thus calculate that in a solution of 1 g. of ammonium carbonate 
in 1.5 g. of water, 0,18% of the carbonate will be converted into 
urea at 25°C. 

Knowing then this state of equilibrium, it remains to deter¬ 
mine the activity of each of the reacting substances in the mix¬ 
ture, in order to determine the standard free energy change of the 
reaction. Any one of numerous reactions may be chosen; for 
convenience the authois chose to consider the reaction 

C02(g) + 2NH3(g) = CO(NH2)2(s) + H20(g). 

The activities of the three gaseous substances were readily 
obtained by bubbling air through the mixture and obtaining 
the three partial pressures. The determination of the activity 
of the urea, referred to solid urea as a standard, proved to be 
a far more difficult task. This was accomplished by ascertaining 
the distribution of urea between the ammonium carbonate solu¬ 
tion and an organic solvent, and the solubility of urea in the 
same solvent. While the difficulties encountered in this inves¬ 
tigation and the methods devised for overcoming them are very 
instructive, we cannot enter into their discussion here. They 
finally obtained for the equilibrium constant K = 0.615, and 

C02(g) + 2NH3(g) - CO(NH2)2 (s) + H20(g); = 290. (1) 

The Free Energy of Solid Urea. By combining Equation 1 
with our previous equations for the free energy of formation of 
C02(g), NHsCg) and H 20 (g) (Equations XL-15, XXXIX-3 and 
XXXIV-22), we find 

C(graph.) + KO 2 + N. + 2 H 2 = CO(NH 2 ) 2 (s); 

A^^98 = -47280. (2) 

The Free Energy of Aqueous Urea. By two methods, the 
more accurate of which consisted in determining the vapor pres- 
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sure of water from solutions of different concentrationsi Lewis 
and Burrows obtained for urea the free energy of solution. It 
is of interest to note that aqueous solutions of urea, even to the 
saturated solution (mol fraction of urea 0.242) obey very closely 
the laws of the perfect solution. The final result was as follows: 

CO(NH 2 ) 2 (s) = CO(NH 2 ) 2 (aq); = -1560. (3) 

Combining with Equation 2 we find 
C(graph.) + 3^02 + Na + 2 H 2 = CO(NH 2 ) 2 (aq); 

AF^98 = -48840. (4) 


Cyanate Ion 

In the experiments of Walker and Hambley,^ of Walker and 
Kay^ and of Fawsitt,^ the equilibrium between urea and amnio- 
nium cyanate in dilute aqueous solution has been determined at 
100®C. From their observations the fraction of O.IM urea 
which is converted into cyanate is 0.065. Taking the activity 
coefficient of the cyanate at 0.0065 M to be 0.93, w^ find the 
equilibrium constant to be (0.0065)2(0.93) V0.0935 and A ^'®378 = 
5820. Walker'* determined calorimetrically the heat of the re¬ 
action, and found Ai/ = 7500. Assuming this to be constant, 
we have 

CO(NH 2 ) 2 (aq) = NH 4 + + CNQ-; 6160. ( 5 ) 

Combining this equation with Equations 4 and XXXIX- 11 , we 
find® 

C(graph.) + 3 ^X 2 + 3^^02 + E--= CN0~; AF °298 = -23750. ( 6 ) 


Cyanic Acid 

Although it Ls unnecessary for the sequence of reactions which 
we are considering, we may consider at this point the ionization 

> Walker and Hambley, J. Chem. Soc., 67, 746 (1895). 

* Walker and Kay, J. Chem. Soc., 71, 507 (1897). 

* Fawsitt, Z. phyaik. Chem., 41, 601 (1902). 

* Walker, Z. phyaik. Chem., 42, 207 (1902). 

* The last few lines of the paper by Lewis and Burrows were pied by the printer, so that 
two values of for the formation of cyanate ion appear to be given. Through inadvertence 
the wrong value was cited in the paper by Lewis and Brighton which we are about to disouss. 
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of cyanic acid. The only measurements are those of Naumann/ 
and it is difficult to estimate their accuracy. He obtains for 
the dissociation constant, K = 0.00012 at 18®C. Probably within 
the limits of error of the measurements we may take the same 
value at 25®C, whence • 

HCNO(aq) = H+ + CNO-; AF ®298 = 5350, (7) 

and with Equation 6, 

C(graph.) + + >^02 + HH 2 = HCNO(aq); 

AF'^298 = -29100. (8) 


Cyanide Ion 

The Oxidizing Power of Cyanates. In order to proceed from 
cyanates to cyanides, Lewis and Brighton^ studied the equilib¬ 
rium between carbon monoxide, carbon dioxide and fused cya- 
nate and cyanide of potassium. In the absence of any thermal 
data on the fused salts, the following device was adopted for 
obtaining the standard change in free energy. 

First the eutectic temperature of the two salts was determined, 
and found to be 282®C, and the eutectic mixture was found to 
contain 14.6% KCN. Then a mixture of this composition was 
allowed to come to equilibrium, at numerous temperatures be¬ 
tween 721®K and 847°K, with a mixture of carbon monoxide and 
carbon dioxide. Since the liquid phase was of constant compo¬ 
sition, the logarithm of the ratio of the two partial pressures 
was plotted against 1/T, and the straight line through the sev¬ 
eral measurements was extrapolated to the eutectic tempera¬ 
ture 555®K, where [C02]/[CO] was thus found to be 0.89. This 
then will be the equilibrium mixture over the two solid salts, 
and we may write 

KCNO(s) + CO = KCN(s) + CO 2 ; 

AF %56 = -/er In 0.89 = 128. 

From the data of Thomsen and Berthelot, * 4300, and al¬ 
though the specific heats of the two solids have not been deter- 

iNaumann* Z. EUktrochBm., 16. 772 (1910). 

« Lewis and Brighton, /. Am, Chem, Soe., 40, 482 (1918) 
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mined, the application of Kopp’s rule shows that ACp cannot be 
far from zero. Whence we find 

KCNO(s) + CO = KCN(8) + COj; AF°m = 2060. (9) 

The Free Energy of Solution of Potassium Cyanide and Cya- 
nate. Lewis and Brighton also determined in collaboration with 
Dr. W. H. Rodebush the freezing point of solutions of potassium 
cyanide and cyanate up to saturated solutions. They thus 
obtained the following equations: 

KCN(s) = K+ + CN-; AF°m = -2130, 

KCNO(s) = K+ + CNO-; = -1440. 

It is probable that on the basis of our new activity coefficients 
in dilute solutions these equations would be somewhat changed, 
but not their difference, which alone concerns us, namely, 

KCN(s) + CNO- = KCNO(s) + CN"; = -690. (10) 

The Free Energy of Cyanide Ion. By combining Equations 
9 and 10 with our equations for the free energy of formation of 
CO, CO* and CNO~, wo find 

C(graph.) + HNj + E" = CN-; = 39370. (11) 

Hydrocyanic Acid 

The Aqueous Solution. Hydrocyanic acid is a very weak elec¬ 
trolyte. Walker and Cormack,* from measurements of conduc¬ 
tivity found the dissociation constant at 18® to be 1.32 x 10~*. 
The heat of dissociation is 11000 cal. according to the concor¬ 
dant work of Thomsen and von Stein wehr.* We therefore find 
Kaa - 2.06 X 10~*, and 

HCN(aq) = H+ + CN-; = 11860. (12) 

From Equations 11 and 12 together we have 

C(graph.) + - HCN(aq); AF®»g= 27520. (13) 

> Walker and Cormock, J. Chem. Soe., 77, 16 (1600). 

> von Steinwehr, Z. phyaik. Chem., 2i8, 198 (1901). 
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Gaseous and Liquid Hydrogen Cyanide. The vapor pressure 
of HCN over dilute aqueous solutions has been obtained by 
Lewis and D, B. Keyes ^ who found that the partial pressure in 
atmospheres divided by the molality is 0.096 at 25®C. Hence 

HCN(aq) = HCN(g); AFV = 1390, (14) 

and with Equation 13, 

C(graph.) + + 3^^H2 = HCN(g); = 28910. (15) 

The boiling point of liquid HCN is only a degree and a half 
above our standard temperature. Using the heat of vaporiza¬ 
tion, this makes a difference of only about 40 cal. between the 
free energies of liquid and gas. We may therefore write 

C(graph.) + + 3'^H2 = HCN(l); = 28870. (16) 

The value which we have now obtained for the free energy 
of formation of gaseous HCN depends upon the data employed 
in determining the free energies of H 2 O, NH 3 , CO 2 and CO, in 
addition to twelve distinct equilibrium measurements described 
in this chapter, together with data necessary for their reduction 
to standard temperature. We are now able to compare the 
results of this lengthy scries of calculations with independent 
and direct measurements of the free energy of formation of HCN 
at high temperatures. 

The Measurements of von Wartenberg. At very high tem¬ 
peratures hydrogen, nitrogen and carbon combine directly to 
give appreciable quantities of HCN. The equilibrium has been 
studied by von Wartenberg^ between 1900° and 2100°K. Even 
at these high temperatures the reaction appears to be slow, and 
he was obliged to estimate the equilibrium by extrapolating 
results obtained at different rates of flow of gas through his 
apparatus. The method is not capable of the highest accuracy, 
but we may regard as very nearly correct his average value, at 
2000°K, of log K = —1.24 for the reaction 

C(graph.) + KN 2 + KH 2 = HCN(g), 
or A /^%000 ~ 11360. 

»Lewis and Keyes, J, Am. Chem. Soc., 40, 472 (1918). 

s von Wartenberg, Z. anorg. Chern.^ 52, 299 (1907). 
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The thermal data are by no means adequate for a complete 
calculation of the change of free energy with the temperature. 
The specific heat of HCN has not been studied at all. Never¬ 
theless no very large error can be made in assuming for this 
reaction ACp = 0. Making this assumption, we may calculate 
from AF° 2 ooo from AF^gos Equation 15 the value of and 
of /. This leads to the equation 

= 32000 - 10.3r. (17) 

This value of A// = 32000, when combined with the heats of 
combustion of graphite and of hydrogen which we have pre¬ 
viously employed, makes the heat of combustion of gaseous 
hydrogen cyanide equal to 160400 calories, while Berthelot found 
159300 and Thomsen 158800. The agreement is probably 
within the limit of error of the calorimetric determinations, and 
certainly confirms remarkably the validity of the sequence of 
free energy values which we have employed. 

Cyanogen Iodide and (Cyanogen 

In order to proceed further and obtain the free energy of 
cyanogen, we shall firet consider a reaction which was shown to 
be reversible by von Meyer, ^ and which was quantitatively 
investigated by Lewis and D. B. Keyes,^ namely. 

Us) + HCN(g) = m + I- + CNI(s). 

Equilibrium in the aqueous solution is readily reached at 25®C. 
The activities of iodine and cyanogen iodide are fixed by the 
presence of the solid phases, the vapor pressure of the HCN was 
measured experimentally, and it remained to determine the 
activity of H+ and I"". This was complicated not only by the 
formation of tri-iodide ion, but also by another reaction which 
was believed to be the formation of a complex between I~ and 
CNI. An attempt was made to determine the activity of the 
hydrogen iodide by an electromotive force method, but the 

* von Meyer, J. prakt. Chem., 36, 292 (1837). 

3 Lewis and Keyes, J. Am. Chem. See., 40, 472 (1018). 
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result was only partially satisfactory. The values of X * 
(I”')/[HCN] varied nearly twofold. However, there is probably 
no great error in assuming the average value of X = 0.077, 
from which we find 

l 2 (s) + HCN(g) = H+ + I- + CNI(s); = 1520. (18) 

With Equations 15 and XXXVII-9 we then have 

C(graph.) + 3^N2 + y 2 U^) = CNI(s); = 42790. (19) 

The Free Energy of Cyanogen. Lewis and Keyes also mea¬ 
sured the equilibrium between solid cyanogen iodide and a mix¬ 
ture of cyanogen and iodine in the vapor phase. The dissocia¬ 
tion is a slow one, and difficulty was found in establishing this 
equilibrium before the cyanogen in turn appreciably polymerized 
to form paracyanogen. By taking certain precautions the 
authors were able to retard this latter autocatalytic process and 
thus obtained a series of values for the equilibrium constant 
between 90° and 123°C in which the absolute error is probably 
small. On the other hand, when the values of — i?lnX are 
plotted against 1/T, the value of which they obtained, 48000, 
seems entirely too large. Taking into consideration the uncer¬ 
tain but nevertheless significant experiments of Berthelot on 
cyanogen iodide, we have made a provisional estimate of AflT 
as 32000 and this combined with the equilibrium measurement 
at 110°C leads to the provisional equation 

2CNI(s) = C 2 N 2 (g) + l 2 (g); AF° = 32000 - 707; 

= 11000 - ( 20 ) 

This equation, together with Equations 19 and XXXVIL2, 
gives 

2C(graph.) -h N 2 = C 2 N 2 (g); A /^°298 = 92000. (21) 

The only possibility of serious error in this value lies in the 
uncertainty in the value of Aff for the dissociation of CNI, and 
it would take an error of 4500 cal. in AX to make an error of 
1000 cal. in our value of AF°. 

We are now obliged to consider some strange results obtained 
in connection with the Nernst heat theorem, which have been 
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widely accepted in recent chemical literature. First von Warten- 
berg^ calculated, from the chemical constants of Nernst, an 
equation for the equilibrium between cyanogen and its elements, 
as a function of the temperature. From this the free energy of 
formation of C 2 N 2 (g), at 25®C, would be 69600 cal., which would 
make cyanogen a far less unstable substance than our equation 
shows it to be. From his equation von Wartenberg predicts a 
yield of 44% of cyanogen when a carbon arc operates in an 
atmosphere of nitrogen. Every attempt to form cyanogen by 
such a method having entirely failed, von Wartenberg offers 
several possible explanations of this fact, and maintains that 
cyanogen must be produced, as evidenced by the intense cyan¬ 
ogen spectrum exhibited under these circumstances. But the 
so-called cyanogen spectrum is now believed to be due not to 
cyanogen but to nitrogen.^ From our equation cyanogen is 
completely unstable at all temperatures. 

Naumann,^ working under the direction of Nernst, attempted 
to investigate reversible reactions of cyanogen by the use of the 
cyanogen electrode. He believed such an electrode to be revers- 
ible, and used it in a cell in which he suppased the reaction to be 
the formation of hydrocyanic acid from hydrogen and cyanogen. 
The change of electromotive force with the concentration and 
with the temperature appeared to him to substantiate this con¬ 
clusion, and he proceeded to calculate the equilibrium constant 
of this reaction with results which he found to be in excellent 
agreement with an equation he set up, employing Nernst^s 
method of the chemical constant. Unfortunately for this con¬ 
tention, it was pointed out by the American reviewer in Chemical 
Abstracts^ that Naumann made an error amounting to a factor 
of 10^® in his numerical calculation of the equilibrium constant. 
In a second paper® Naumann admitted this error, and concluded 
that his measurements with the cyanogen electrode were with¬ 
out significance. 


> von Wartenberg, Z. anorg, Ckem.t 52, 299 (1907). 
>See Grotrian and Runge, Phynk. Z., 15, 545 (1914). 

> Naumann, Z. Elektroehem.^ 16, 191 (1910). 

♦C.ii., 4, 2405(1910). 

* Naumann, Z. BUklrochem., 16, 772, 778 (1910). 
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He attempted, however, the measurement of another equi¬ 
librium involving cyanogen, with even more unfortunate results. 
Here he studied the hydrolysis of cyanogen according to the 
equation C 2 N 2 + H 2 O = HCN + HCNO. The reaction ap¬ 
peared to come to equilibrium, but we may calculate the hydroly¬ 
sis constant from our value of the free energies of C 2 N 2 , H 2 O, 
HCN and HCNO, and find a result differing from Naumann's 
by a factor of 10^^. Even if the free energy of formation of 
cyanogen were as low as that obtained by von Wartenberg, it 
would still show Naumann^s result to be out by a factor of 10^^ 
We may have no doubt that Naumann^s degree of hydrolysis 
was purely illusory, and that no experimental conditions could 
be found in which cyanogen would not hydrolyze completely if 
given suflficient time. 

Reverting for a moment to von Wartenberg^s calculation, it 
must be admitted that his result is in far better accord with the 
calorimetric values for the heat of the reaction than is our own. 
Indeed a mere qualitative application of the third law shows 
our value of AF° = 92000 to be entirely incompatible with 
AH = 65700 (Thomsen) or AH = 73900 (Berthelot). Even the 
higher of these values, combined with our value of AF°, makes 
AS^ = — 60 for the formation of cyanogen from its elements. 
Now the entropy of the elements themselves amounts to 48 
units, and this would give cyanogen an entropy of —12; but 
our statement of the third law of thermodynamics precludes the 
possibility of such a negative entropy. Indeed, unless our value 
of the free energy of formation of cyanogen is wrong, the heat 
of formation obtained by Thomsen and Berthelot must be too 
small, probably by 20000 calories or more. 

Paracyanogen. Troost and Hautefeuille,^ among their classi¬ 
cal investigations, studied the equilibrium pressures of cyanogen 
over solid paracyanogen at high temperatures. But their results 
are not of sufficient accuracy to warrant a calculation of the free 
energy of formation of paracyanogen. A repetition of their 
experiments with modern methods of iheasurement would be 
an easy matter and would permit a study of the free energy 

^Trooft and Hautefeuille, ComjH. rend., 66, 795 (1868). 
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of formation of cyanogen by the use of reactions involving the 
more stable paracyanogen. Indeed further investigation of the 
free energies, the heat contents, and the entropies of cyanogen 
and its compounds offers one of the most interesting fields for 
future study. 



CHAPTER XLII 


TABLE OF FREE ENERGIES; AND EXAMPLES 
ILLUSTRATING ITS USE 

At the end of this chapter we shall collect for easy reference 
the values which we have obtained for the increase in free energy, 
at 25®C, in the formation of various substances (at unit activity) 
from the elements in their standard reference states. 

The methods of employing such a table are so nearly identical 
with the methods by which the table has been prepared, or their 
converse, that they are best exhibited in the great variety of 
calculations which we have carried out in our preceding chapters. 
Nevertheless, it has seemed desirable to give a few further illus¬ 
trations, including some in which the tables are employed to 
give merely qualitative answers to certain questions. 

The general method is simple. If we are interested in the 
course of some chemical reaction, at a certain temperature, and 
under certain conditions of pressure and composition, we first 
add algebraically the equations for the free energies of forma¬ 
tion of the several substances, and thus obtain the standard 
change of free energy in the reaction at 25°C. 

If AF ®298 has a large positive value then we know that the re¬ 
action would not occur at this temperature to any measurable 
extent; if has a large negative value the reaction may run 

'^completely,” that is, it may run so nearly to an end that no 
analytical methods would indicate the existence of an equilib¬ 
rium. If the numerical value of is small, either positive 

or negative, the reaction may usually be led to proceed in either 
direction, by a suitable choice of concentrations and partial 
pressures. Suppose that we are considering a very simple reac¬ 
tion such as X(aq) * Y(g), and find * -4000 cal. Now 

AF® 2«8 “ — IiTlnX 2»8 == —1364.9 log Xggg. 
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If therefore we divide any by -1364.9 we find the corre¬ 

sponding logiiL 298 . Thus in the present case we find approxi¬ 
mately log JfiL 298 = 3, and therefore K 298 = 10®. In other words, 
if Y is at a partial pressure of 1 atmos., equilibrium will exist 
when the concentration of X is about 0.001 M. 

If our problem relates to some other temperature, and if the 
heat of formation of each substance (also in its standard state) 
is known, these heats of formation may be combined to give A// 
for the reaction. Using this value, and also the value of ACp, 
and its variation with the temperature when occasion requires 
and permits, we find the standard change in free energy at the 
desired temperature. From this point, introducing such con¬ 
ditions of pressure and concentration as may be given, we pro¬ 
ceed, according to the nature of the problem, to its concrete 
solution. 

Example 1. Hydrolysis of Nitrogen. Some years ago a dis¬ 
tinguished chemist told us of experiments which he had under 
way to determine whether nitrogen under pressure would hydro¬ 
lyze to some extent, to give aqueous ammonium nitrite according 
to the reaction N 2 + 2 H 2 O = NH 4 “*‘ + N02~. It was pointed 
out to him that the magnitude of the effect sought could be 
calculated from the free energy tables. The calculation showed 
conclusively that it would be impossible under any circumstances 
to detect such a hydrolysis. Assuming that ammonium nitrite 
might be detected at a molality of 10“® M, let us calculate the 
pressure of nitrogen which would be in equilibrium with a solu¬ 
tion of this concentration. 

From our table we write the equations, 


2 H 20 ( 1 ) == Elements; 

0 

II 

113120, 

Elements^ = NH 4 ’‘' ; 

= 

-18930, 

Elements = N 02 “ ; 

^ 298 ~ 

-8500, 

whence 



N 2 + 2 H 20 ( 1 ) = NH 4 + + NO 2 -; 

A^^298 = 

85690. 


Whence for the equilibrium constant, (NH4‘^)(N02“)/[N2] we 

1 In such short-hand expressions for the reactions by which substances are formed from their 
elements, the electron may be left out of consideration, without ambiguity. 
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find 10 ”®®, and, substituting the molalities of the two ions, 
we find that the fugacity of the nitrogen would have to be to 
10 ®^ atmos. It is evident that even if the reaction proceeded 
rapidly to equilibrium it would require a quite unattainable 
pressure to give detectable hydrolysis. 

Example 2, Oxidation of Nitrites by Iodine. While we are 
considering nitrite ion, let us ascertain how far a nitrite would 
be oxidized by solid iodine, in a solution in which the molality 
of hydrogen ion is kept constant at 10“®. Combining the equa¬ 
tions for the free energy of formation of the several substances, 
as in the previous example, we find 

NO 2 ” + l 2 (s) + H20(1) = NO 3 -+ 2H+ + 21-; AF^gs = 13840, 

or (N 03 ”)(H-^)HI”)V(N 02 ~) = 10“^®. Let us assume that iodide 
ion in the solution is 0.01 M, and since we have fixed at 
10'® M, we find (N 03 “)/(N 02 ') = 10^ In other words, all but 
one-hundredth of one percent of the nitrite will be oxidized, 
assuming that the reaction occurs with suflBicient rapidity, and 
that all side-reactions may be neglected. 

Ivet us examine for a moment the possibility of side-reactions. 
In the first place it is desirable to find what part of the nitrite 
is present as undissociated nitrous acid. From the table we 
find the free energy of ionization and hence the ionization con¬ 
stant of HNO 2 . From this value and from the fact that we 
have fixed at 10“® M, we find that only 2 percent of the 
nitrite is present as HNO 2 . 

Next we may consider the stability of the nitrous acid in this 
solution. We find from the table 

3 NO 2 ” + 2H+ = NO 3 ' + 2NO(g) + H20(1); AF^gg = - 15860, 

or iiL 298 = 10^2. With all substances in their standard state, 
the reaction can therefore occur with a considerable diminution 
in free energy. On the other hand, in the solution we are con¬ 
sidering, (H+)^ = 10'^®, and the concentrations of NO 3 ” and 
NO 2 ” will vary during the course of the primary reaction. If 
we suppose that for a considerable interval of time NOs” is 
about 10~* and NO 2 ” about 10~® M, then the partial pressure 



TABLE OF FREE ENERGIES 


599 


of NO would not exceed 0.001 atmos., and it is therefore prob¬ 
able that this side-reaction would not occur to any serious 
extent. 

Another side-reaction which might be expected is one which 
is often employed in the quantitative determination of nitrites. 
A nitrite solution is acidified and treated with an iodide, which 
it oxidizes quantitatively to iodine. For this reaction we find 
from the table 

+ NO 2 - + 2H+ = + NO(g) + H20(1); 

AF%^ = -14850. 

Now it is interesting to see that this reaction, which runs quanti¬ 
tatively in a moderately acid solution, hardly occurs at all in 
the very dilute acid solution we are considering. Using the 
same values for the several concentrations as before, we find 
that the partial pressure of NO could reach only 10““* atmos., 
and this side-reaction is negligible. 

While we have considered these side-reactions, which our 
table shows to be possible only to a very limited extent, there 
are other possible reactions in the solution which would occur 
with a very large diminution in free energy, but which take place 
so very slowly that they play no important part in ordinary 
oxidation-reduction reactions. As an example we may write 

N02~+ 31- + 4H+ = 1 - 2 N 2 + ?^l2(s) + 2 H 2 O; 

AF°298 = -67540. 

All of these calculations show what an important part the free 
energy values must play in any critical study of the methods of 
quantitative analysis. 

Example 3. The Oxidation-Reduction Series. In inorganic 
chemistry a reagent is frequently sought which will completely 
oxidize or reduce a given substance. Thus chlorine is known 
to oxidize a ferrous salt completely to a ferric salt (as far as can 
be observed), and from our table we find a large negative value 
of AF® for the reaction. On the other hand ferrous salts will 
not ordinarily be largely oxidized by iodine. Here we find by 
combination of the free energies of formation, 

Hl 2 (s) + Fe++ = Fe+++ + 1“; AF®298 = 4870, 
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or (Fe'^)(I~)/(Fe++) = 2.7 X 10"‘. If the iodide ion (after 
allowance for tri-iodide), for example, is 0.01 M, the ratio of 
ferric to ferrous will be 0.027. 

As a rough rule we may say that a small value of AF° means an 
incomplete reaction, although of course for any quantitative 
statement the concentration of the various substances must be 
given. 

Frequently the oxidation and reduction process involves sub¬ 
stances other than those which are oxidized or reduced. If one 
of these substances is H+ or OH“ the condition of equilibrium 
may be varied enormously in passing from an acid to an alka¬ 
line solution, or the reverse. Thus let us consider the reaction 

IO 3 - + 5Br- + 6 H+ ^HUs) + + SHjOd); 

AF°298 = -15120. 

Here, if the ions arc at unit activity, the reaction has a great 
tendency to run from left to right (and in practice this tendency 
would be further increased owing to the fact that the iodine and 
bromine, instead of appearing in their standard states, would 
form a loose compound with each other). However (since the 
activity of 11+ enters to the sixth power) merely reducing H+ 
to an activity of 0.01 causes AF to change sign, and in very 
dilute acid the reaction has a great tendency to occur from right 
to left. 

We have found it expedient to divide a cell reaction into two 
half-reactions; so also it is convenient to divide an oxidation- 
reduction reaction into two half-reactions. In the case which 
we have just considered we may write 

(a) 10,- -I- 6 H+ + 5E- = MI,(s) + SHsO; AF^m = -138100, 

(b) 5Br- =^Br,(l) -|- 5E-; AF°^ = 122980. 

Now if we are dealing with a large number of oxidation-reduction 
reactions, the corresponding values of AF may be obtained by 
combining a number of these half-reactions. For this purpose 
it is convenient to express the half-reaction so that it involves 
one unit of negative electricity on the right of the equation. 
Thus (a) and (b) are written 
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(aO Hol 2 (s) + HW = HlOr + + E-; 

AF®298 = 27620, 

(bO Br- = KBr 2 (l) + E“; Af’°298 = 24595. 

Thus from the various free energies of formation it is easy to 
construct a table for the values of Af’®, per equivalent, in such 
half-reactions. If such a table is arranged according to the 
values of AF®, the order shows the relative oxidizing power, 
under standard conditions^ of the several half-reactions; the half¬ 
reaction with the highest positive AF® having the highest oxi¬ 
dizing power. If one prefers, the values of AF®per equivalent 
may be divided by —23074, thus giving a table of oxidizing 
potentials. From such tables it is a simple matter to find, by 
Equation XXIV-4, the oxidizing power of a half-reaction when 
the substances involved are in some given states which are not 
the standard states. 

Example 4. Catalytic Decomposition of Hydrogen Peroxide. 

In seeking for the mechanism of a reaction, it is frequently 
assumed that the main reaction is the resultant of several transi¬ 
tory or intermediate reactions. It is evident that if such an 
explanation is to be valid, each stage in the reaction must itself 
be a spontaneous process, and therefore be attended by a dimi¬ 
nution in free energy. We thus have an important criterion as 
to whether a given explanation is consistent with thermo¬ 
dynamics. 

Of course the concentrations of the supposed intermediate 
substances may be unknown, so that the results of such a cal¬ 
culation are frequently of more qualitative than quantitative 
significance, and for this purpose it often suffices to consider 
merely the standard free energy changes accompanying the 
reactions in question. 

The importance of this criterion has been pointed out by 
Bray^ in his discussion of an extremely interesting periodic 
reaction occurring in a homogeneous system. Moreover, he 
shows how such a criterion can be used to predict for a given 
reaction the substances which may prove effective as catalyzers 
or ‘‘carriers’'. When aqueous hydrogen peroxide decomposes in 

1 Bray, J, Am, Chem, Soe., 43, 1262 (1921). 
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the presence of iodine, the process may be regarded as occurring 
in two stages, 

5H202(aq) + l2(aq) - 2 ^ + 2 IO 3 - + 4H20(1), 

5 H 202 (aq) -b 211*^ + 2 IO 3 "" = 5 O 2 "{■ l 2 (£tq) "b 6H20(1). 

From the data of our table we find for the first reaction = 

-135980, and for the second, = -114920. Since both of 

these values are large and negative we see that the assumption 
of these two intermediate reactions is not inconsistent with 
thermodynamic principles. It is, however, impossible from 
thermodynamics alone to state that these two reactions would 
actually proceed rapidly enough to account for the catalytic 
decomposition, or to state that other reactions may not be more 
effective. Indeed, even admitting that the reactions which we 
have written are responsible for the catalysis, this in any case 
could be considered only as a first step towards the explanation 
of the detailed mechanism of the reaction. 

Nevertheless, even such a partial explanation is of great value 
in so diflficult a problem as that which deals with chemical 
mechanism, and it is important to know that if we replace the 
iodine-iodate couple with one far removed from it in the oxidation- 
reduction series it could not be expected to act catalytically. 
For example, the couple Zn-Zn"^'^ could not so act, for while 
zinc might be oxidized to zinc ion by hydrogen peroxide, the 
hydrogen peroxide is not a sufficiently powerful reducing agent 
to reconvert zinc ion to zinc. 

Example 5. Equilibrium in the Gaseous Phase in the Lead 
Chamber Process. In the lead chamber process for the manu¬ 
facture of sulfuric acid, the presence of water leads to a number 
of complex reactions. Let us consider how far the essential 
reaction in this process would occur in the gaseous phase, in 
the absence of water, at 100°C. This reaction is 

N02(g) + S02(g) = NO(g) + S03(g); AF%s = -7300. 

The value of AH, obtained from data* which we have considered 
in previous chapters, is —7700. Let us assume this to be con¬ 
stant and write, AF® = -7700 + IT. From the value of AFSas 
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we determine I and thence AF^'m = -7200. From this value 
log K = 4.2. In other words, starting with equivalent amounts 
of the original gases, all but about 1% of the sulfur dioxide can 
be oxidized. 

Example 6. The Vapor Pressure of Hydrochloric Acid. Let 

us calculate the vapor pressure of hydrochloric acid from a 10 M 
solution at 75°C. From the table we find for the reaction, 
under standard conditions, 

HCl(aq) = HCl(g); = 8660. 

In this case it will be simpler to proceed directly to the given 
concentration at 25®C. From Table XXVI-4 we find 

HCl(lOM) =HCl(aq); = -5580, 

and adding, 

HCKIOM) = HCl(g); AFsg* = 3080. 

The difference between the heat content of the gas and the 
partial molal heat content of^IICl at 10 M can be found directly 
from the data of Table VIII-8, namely, AH = 13000. Over a 
small range of temperature we may take this as constant and 
write AF = 13000 + IT. Sulistituting the value of AFggg, we 
find I, and thence AFu» = 1400. Writingthisequalto—FTln p 
we find the vapor pressure at 75°C to be 0.13 atmos. A more 
accurate result will be obtained if AH is taken as a function of 
T, by using the value of ACp. 

Example 7. Reduction of Thallous Oxide by Hydrogen. It 

is stated in the literature that thallous oxide is not readily 
reduced by hydrogen. Let us sec whether this is due to the 
existence of a condition of equilibrium or merely to the slowness 
of the reaction. From the table we find 

TUO(s) + H 2 (g) = 2Tl(s) + HgOCg); AF°,,, = -22100. 

It is evident therefore that at ordinary temperatures the reaction 
should be complete. This will also be true at higher tempera¬ 
tures. From the literature we find AH = —15600. This leads, 
at the temperature of 300®C, for example, to AF° = —28100, or 
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lH*0]/{Hj] “ 10“. (It is to be remarked that while AF® goes 
to higher negative values with increasing temperature, —AF^/T 
= R In K is decreasing, and the equilibrium shifts showly in 
favor of thallous oxide and hydrogen, as it must since heat is 
evolved in the reaction.) 

Example 8. The Decomposition Potential of Fused Cadmium 
Chloride. As an illustration of a complex problem which may 
be solved partly by the data of the free energy table and partly 
from other subsidiary data, we will calculate the electromotive 
force required to decompose fused cadmium chloride, into solid 
cadmium and chlorine at 1 atmos., at the melting point of 
cadmium chloride. From our table we find 

Cd++ + 2C1- = Cd(s) + Cl*(g); AF^m = 81080. 

At 25®C, CdClj-^HjO dissolves in water to give a solution 
which is 6.62 M. The activity coefiicient at this concentration 
(by Table XXVII- 11 ) is very small, namely, 0.025. The activ¬ 
ity of the cadmium chloride in this saturated solution is there¬ 
fore 4(6.62 X 0.025)*, by Equations XXVI-5 and XXVI- 6 . We 
therefore have 

CdCU(6.62 M) = Cd++ + 2C1-; AFtw = 2380. 

Since the solution is saturated, we may also write 

CdCl*-%H*0(s) = CdCl 2 ( 6 . 62 M) 

4 - ^HjO (in sat. solution); AF 298 “ 0 . 

By interpolating the data of Lescoeur* and of Tammann* we 
find the vapor pressure of water from the saturated solution to 
be 69 percent of that of pure water, therefore 

the sat. sol.) = ^H 20 (l); 

AF 298 = -MAT In 0.69 = 550. 

The transition temperature® between CdCU- 5^1120 and 
CdCU-HaO is 34.1®C, and at this temperature the free energy 
of the transition is zero when water is formed at the activity 

> LeseoeuTt Ann. ehim. phv»., [7] 2, 86 (1884). 

* Tammann, Landolt-Bdrnstein, Phyrikalische-chemiBche Tabellen, Springer. Berlin, 1912. 

> The remaining data need in thie example are taken from Abegg*! Handbuoh der anorga- 
niechen Chemie, Hirsel, Leipiig. 1905. 
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corresponding to the saturated solution. Finding this activity 
as before from the data on the vapor pressure of the water, we 
have for the free energy of transition, when pure water is formed, 
AF® = —360 cal. at 34.1®C, and extrapolating with the aid of 
Thomsen's heats of solution, 

CdCh H 2 O + HUiOil) = CdCl2-^^H20; = -430. 

The vapor pressure of the monohydrate has been roughly 
determined. Using the value at 100®C, where the standard free 
energies of H 20 (g) and H 20 (l) are the same, and extrapolating 
with Thomsen's data to 25®C, we find 

CdCl2 + H20(1) = CdCl2H20; = -1320. 

Adding all these equations, we find 

CdCl 2 (s) - Cd(s) + Cl 2 (g); AF%^ = 82260. 

The negative of this value is the free energy of formation of 
solid anhydrous cadmium chloride. This value may be regarded 
as free from any serious error. 

Larger errors probably will enter when, from uncertain thermal 
data, we attempt to calculate AF® at the melting point of CdCU, 
namely, 568°K. Taking Thomsen's value, AH = 93240, and 
assuming ACp to be zero, we write AF® = 93240 + IT. Intro¬ 
ducing AF ®298 we calculate /, and thence AF^^^ = 72320. At this 
temperature the free energy of solid and liquid salt is the same, 
and therefore 

CdCbd) = Cd(s) + Cl 2 (g); AF® 5 e 8 = 72320. 

Dividing this number by 2 X 23074 we find the electromotive 
force necessary for the electrolysis of the fused salt, namely, 
1.57 volts. 

Actual measurements of this sort at higher temperatures have 
been made by Weber,^ and extrapolating from his results, the 
decomposition potential is 1.54. His experiments were all with 
fused cadmium. The extrapolation therefore shows the poten¬ 
tial required to decompose the salt with the production of liquid 

I Weber, Z. anorg. Chern,, 21, 342 (1899). 
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cadmium, but since the melting point of cadmium is near that 
of cadmium chloride the correction is negligible. 

Example 9. Explosives. If a substance is capable of under¬ 
going a spontaneous change, and if by this change the substance 
is heated so that the process accelerates itself after once start¬ 
ing, the substance belongs to the class of explosives. It is true 
we do not recognize as explosives all substances whose decom¬ 
position would be attended by large negative values of AF and 
A//. Nevertheless they belong at least potentially to this class. 

Potassium chlorate goes over into potassium chloride and 
oxygen with a large negative value of AF®. Moreover AiT is 
also negative, but amounts only to —11000 cal. Hence potas¬ 
sium chlorate by itself, although unstable, could hardly be 
violently explosive. 

Potassium nitrate alone is in no sense explosive. During the 
war it was feared that a large stock of potassium nitrate was 
deteriorating on standing, and w^e were asked by the Ordnance 
Department to state whether this were possible. An examina¬ 
tion of the free energy table showed that pure potassium 
nitrate, dry or moist, is completely stable at ordinary temper¬ 
atures, with respect to every possible reaction. 

On the other hand, ammonium nitrate is not only an important 
component in explosives, but also in the pure state it must be 
regarded as dangerous. Let us consider the reaction, 

NH4N03(s) - 2H20(g) + >^02 + N2. 

We have not calculated the free energy of formation of solid 
ammonium nitrate, but even with an aqueous solution we find 
for the above reaction, AF^gg = -63600, and the solid is still 
less stable; moreover A// is —28000. It is believed that a 
recent explosion of unparalleled violence may have been due 
to careless handling of this supposedly harmless substance. 
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Table of Standard Free Energies of Formation at 25®C 


Cations and a Few Metallic Compounds 




Equation 



Equation 

Substance 


(or Table) 

Substance 

AF^298 

(or Table) 

H+ 

0 


Hg2+^ 

36854 

T XXX-7 

Li+ 

-68248 

T XXX-7 

Hgc:;i(s) 

-25137 

XXXV-22 

Na+ 

-62588 

T XXX-7 

HgO(s) 

-13808 

XXXIV-15 

NaCl(s) 

-91792 

XXXV-26 

Tl* 

-7760 

T XXX-7 

K+ 

-67431 

T XXX-7 

TlCl(s) 

-44164 

XXXV.25 

KC10,(s) 

-69250 

XXXV-28 

TUOCs) 

-32410 

XXXIV-56 

Rb+ 

-67473 

T XXX-7 

TlOH(s) 

-45400 

XXXIV-53 

Cu++ 

15912 

TXXX.7 

Sn++ 

-6276 

TXXX.7 

Ag^ 

18448 

T XXX-7 

Pb++ 

-5630 

T XXX-7 

AgCKs) 

-26187 

XXXV-23 

PhCbCs) 

-74990 

XXXV-24 

Ag20(s) 

-2395 

XXXIV-10 

PbO(s) 

-41000 

XXXIV-57 

CaH2(s) 

-34780 

XXXIII-4 


-20350 

T XXX-7 

Zn++ 

-34984 

T XXX-7 


-3120 

T XXX-7 


-18348 

T XXX-7 

NH4^ 

-18930 

XXXIX-11 


Non-Metallic Compounds and Anions 


Substance 

AF°29» 

Equation 

Substance 

AF°2i»g 

Equation 

H(g) 

37730 XXXIII-2 

Hj(g) 

0 


02 (g) 


0 


-24730 XXXIV-49 

03 (g) 

32400 XXXIV-4 

HA(1) 

-28230 XXXIV-47 

H20(g) 

-54507 XXXIV-23 

H202(8) 

-27980 XXXIV-48 

HjOd) 

-56560 XXXIV.20 

HjOsCaq) 

-31470 XXXIV-39 

H20(8) 

-56418 XXXIV-25 

HOr 

-15610 XXXIV-41 


OH- 


-37455 XXXIV-28 


Cl(g) 

32400 XXXV-2 

Cl,(g) 

0 

CU(g. 1 at.) 

-6 XXX V-1 

CUG) 

1146 XXXV.^ 

Cla(aq) 

1650 XXXV-4 

Cla(in CCI 4 ) 

1030 XXXV -6 

HCl(g) 

-22692 XXXV-10 

Br(g) 

18250 XXXVI -6 

Bra(g) 

755 XXXVM 

Br,0) 

0 

Brj( 8 ) 

314 XXXVI 7 

BraCaq) 

977 XXXVI -11 

Brt(in CCI 4 ) 

389 XXXVI-9 

HBr(g) 

-12540 XXXVM4 


HCl(aq) 

-31367 XXXV-7 

ci- 

-31367 XXXV-7 

HClO(aq) 

-19018 XXXV-16 

cio- 

-6500 XXXV-17 

HC108(aq) 

-2.50 XXXV-19 

CIO 3 - 

-250 XXXV-21 


HBr(aq) 

-24595 XXXVI-17 

Br- 

-24595 XXXVI-15 

Brg- 

-25230 XXXVM9 

HBrO(aq) 

-19680 XXXVI-21 

HBr 03 (aq) 

2300 XXXVI-23 

BrOs- 

2300 XXXVI-23 
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Non-Metaluc ColuPouNDB AND Anions —Continued 


Substaaoe 

Equation 

Kg) 

15470 XXXVII-4 

Klg) 

4630 XXXVII.2 

1.(1) 

920 XXXVIM 

I.(s) 

0 

I.(aq) 

3926 XXXVIM 

HI(g) 

315 XXXVII-S 

S(g) 

30240 XXXVIII-21 

S,(g) 

18280 XXXVIII-25 

s.(g) 

11900 XXXVIII-17 

S.(g) 

10000 XXXVIII-18 

Sx(l) 

94 XXXVIII-7 

Sx,m(1) 

93 XXXVIII-9 

S(monocl.) 

18 XXXVIII-4 

S(rhoinb.) 

0 

H^(g) 

-7840 XXXVIII-24 

H,S(aq) 

-6490 XXXVIII-27 

HS- 

2980 XXXVIII-29 

N,(g) 

0 

NH,(g) 

-3910 XXXIX-2 

NH,(1) 

-2620 XXXIX .5 

NH,(aq) 

-6300 XXXIX .7 

NH«OH(aq) 

-62860 XXXIX-9 

NH 4 + 

-18930 XXXIX-ll 

xW(g) 

20850 XXXIX-12 

Noa(g) 

16010 XXXIX.22 

C (diamond) 

390 XL^2 

C(graph.) 

0 

CH4(g) 

-12800 XL-3 

C.H.a) 

27100 XL-6 

CO(g) 

-32510 XL-14 

CX)a,(g) 

-48770 XL-30 

COS(g) 

-39600 XM3 

C02(g) 

-94260 XL-16 

HiCOi(aq) 

-148810 XL-18 

HCO," 

-140000 XL-20 

CO,“ 

-125760 XL-22 

HCOOH(l) 

-84040 XL-26 


Substance 

Equation 

Hl(aq) 

-12361 XXXVII-9 

I- 

-12361 XXXVII .9 

h- 

-12315 XXXVIWl 

HlO(aq) 

-23170 XXXVII-13 

HIO,(aq) 

-31580 XXXVIM6 

10." 

-31580 XXXVII-16 

s— 

23450 XXXVIII-31 

so.(g) 

-69660 XXXVIII-39 

SOj(aq) 

-69770 XXXVIII-44 

HjSO,(aq) 

-126330 XXXVIII .45 

HSOr 

-123920 XXXVIII 46 

so,-- 

-116680 XXXVIII 47 

SO,Cl.(g) 

-71560 XXXVIII-52 

SO,(g) 

-85890 XXXVIII-50 

H,S 04 (aq) 

-176500 XXXVIII 53 

SO4-- 

-176500 XXXVIII-54 


NO.(g) 

11920 XXXIX-16 

N404(g) 

22640 XXXIX.19 

HNO.(aq) 

-13070 XXXIX^5 

NO 2 - 

-8500 XXXIX .34 

HNO.(g) 

-18210 XXXIX-30 

HNO,(aq) 

-26500 XXXIX-32 

NOr 

-26500 XXXIX.^3 

HCOOH(aq) 

-87920 XL-25 

C,H.OH(l) 

-45100 XL-28 

C0(NH,),(8) 

-47280 XLI-2 

CO(NH,).(aq) 

-48840 XLI-4 

HCN(g) 

28910 XLM6 

HCN(l) 

28870 XLI.16 

HCN(aq) 

27520 XLI-13 

CN- 

39370 XLMl 

HCNO(aq) 

-29100 XLI-8 

CNO- 

-23750 XLI-6 

C,N,(g) 

92000 XLMl 

CNI(8) 

42790 XLM9 
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CONVERSION TABLE FOR MOL FRACTIONS, MOL 
RATIOS AND MOLALITIES 

If in any binary solution the mol fraction of one constituent is 
given, the following table gives the other mol fraction and the 
two mol ratios. If the solution is aqueous, the last column of 
the stable gives the molality. Little error is caused by linear 
interpolation Ix^tween two successive values of the table. 


N2 

Ni 

Ni/N2 

N2/Ni 

in 

0.001 

0.999 

999.0 

0.001001 

0.05557 

0.002 

0.998 

499.0 

0.002004 

0.1112 

0.003 

0.997 

332.3 

0.003009 

C .1670 

0.004 

0.996 

249.0 

0.004016 

0.2229 

0.005 

0.995 

199.0 

0.005025 

0.2789 

0.006 

0.994 

165.7 

0.006036 

0.3351 

0.007 

0.993 

141.9 

0.007049 

0.3913 

0.008 

0.992 

124.0 

0.008065 

0.4477 

0.009 

0.991 

110.1 

0.009082 

0.5041 

0.010 

0.990 

99.00 

0.01010 

0.5607 

0.015 

0.985 

65.67 

0.01523 

0.8453 

0.020 

0.980 

49.00 

0.02041 

1.133 

0.025 

0.975 

39.00 

0.02564 

1.423 

0.030 

0.970 

32.33 

0.03093 

1.717 

0.035 

0.965 

27.57 

0.03627 

2.013 

0.040 

0.960 

24.00 

0.04167 

2.313 

0.045 

0.955 

21.22 

0.04712 

2.616 

0.050 

0.950 

19.00 

0.05263 

2.922 

0.055 

0.945 

17.18 

0.05820 

3.231 

0.060 

0.940 

15 ! 67 

0.06383 

3.543 
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Na 

Ni 

Ni/Nt 

Na/Ni 

m 

0.065 

0.935 

14.38 

0.06952 

' 3.869 

0.070 

0.930 

13.29 

0,07527 

4.178 

0.076 

0.925 

12.33 

0.08108 

4.501 

0.080 

0.920 

11.50 

0.08696 

4.827 

0.085 

0.915 

10.76 

0.09290 

5.157 

0.090 

0.910 

10.11 

0.09890 

5.490 

0.095 

0.905 

9.626 

0.1050 

5.827 

0.100 

0.900 

9.000 

0.1111 

6.168 

0.11 

0.89 

8.091 

0.1236 

6.861 

0.12 

0.88 

7.333 

0.1364 

7.570 

0.13 

0.87 

6.692 

0.1494 

8.295 

6.14 

0.86 

6.143 

0.1628 

9.037 

0.15 

0.85 

5.667 

0.1765 

9.796 

0.16 

0.84 

5.250 

0.1905 

10.57 

0,17 

0.83 

4.882 

0.2048 

11.37 

0.18 

0.82 

4.556 

0.2195 

12.19 

0.19 

0.81 

4.263 

0.2346 

13.02 

0.20 

0,80 

4.000 

0.2500 

13.88 

0.21 

0.79 

3.762 

0.2658 

14.76 

0.22 

0.78 

3.545 

0.2821 

15.66 

0.23 

0.77 

3.348 

0.2987 

16.58 

0.24 

0.76 

3.167 

0.3158 

17.53 

0.25 

0,75 

3.000 

0.3333 

18.50 

0.26 

0.74 

2.846 

0.3514 

19.50 

0.27 

0.73 

2.704 

0.3699 

20.53 

0.28 

0.72 

2.571 

0.3889 

21.59 

0.29 

0.71 

2.448 

0.4085 

22.67 

0.30 

0.70 

2.333 

0.4286 

23.79 

0.31 

0.69 

2.226 

0.4493 

24.94 

0.32 

0.68 

2.125 

0.4706 

26.12 

0.33 

0.67 

2.030 

0.4925 

27.34 

0.34 

0.66 

1.941 

0.6162 

28.60 

0.35 

0.65 

1.867 

0.5385 

29.89 
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N2 

Ni 

Ni/N2 

N«/Ni 

m 

0.36 

0.64 

1.778 

0.5625 

31.22 

0.37 

0.63 

1.703 

0.5873 

32.60 

0.38 

0.62 

1.632 

0.6129 

34.02 

0.39 

0.61 

1.564 

0.6393 

35.49 

0.40 

0.60 

1.500 

0.6667 

37.01 

0.41 

0.59 

1.439 

0.6949 

38.57 

0.42 

0.58 

1.381 

0.7241 

40.20 

0.43 

0.57 

1.326 

0.7544 

41.88 

0.44 

0.56 

1.273 

0.7857 

43.62 

0.45 

0.55 

1.222 

0.8182 

45.42 

0.46 

0.54 

1.174 

0.8519 

47.29 

0.47 

0.53 

1.128 

0.8868 

49.23 

0.48 

0.52 

1.083 

0.9231 

51.24 

0.49 

0.51 

1.041 

0.9608 

53.33 

0.50 

0.50 

1.000 

1.000 

55.51 
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SOME USEFUL NUMERICAL FACTORS 




X 

Log X 

1 cc.-atmos. 

* X joules 

0.10133 

9.005737-10 

1 cc.-atmos. 

» X cals. 

0.02423 

8.384353-10 

1 cal. (15°) 

= X joules 

4.182 1 

0.621384 

Absolute zero 

« ~ x°C 

273.1 

2.436322 

R 

« X cc.-atmos./deg. 

82.07 

1.914175 

R 

= X cals./deg. 

1.9885 

0.298528 

R 

= X joules/dcg. 

8.316 

0.919912 

F 

* X coulombs/equiv. 

96494 

4.984500 

F 

= X cals./v.-equiv. 

23074 

4.363116 

ln( ) 

= a! log ( ) 

2.3026 

0.362216 

25°C 

^x^K 

298.1 

2.474362 

(298.1)* 

« x 

88863 

4.948724 

(298.1)* 

= X 

26490000 

7.423086 

In 298.1 

= X 

5.6975 

0.755683 

298.1 In ( ) 

= X log ( ) 

686.40 

2.836578 

298.1 In 298.1 

= X 

1698.4 

3.230041 

filn ( ) 

“ X log ( ) 

4.5787 

0.660744 

298.1 * In ( ) 

= X log ( ) 

1364.9 

3.135106 

(«/F) In ( ) 

It 

& 

0.00019844 

6.297626-10 

298.1 (ft/F) In ( 

) = a; log ( ) 

0.05915 

8.771988-10 


In the last four, R is iu calories per degree, F is in calorics per volt equivalent. 


612 



APPENDIX III 


COEFFICIENTS EMPLOYED IN CONVERTING ACTIV- 
ITY, EQUILIBRIUM CONSTANT AND FREE ENERGY 
FROM ONE TEMPERATURE TO ANOTHER 


The following table, a part of which was prepared to expedite 
the calculation of free energy of dilution at the standard tempera¬ 
ture, 298.1°K, from freezing points, has been extended to permit 
the calculation of equilibrium constants, or of changes of free 
energy, at one temperature when they arc known at another 
temperature, both temperatures lying between the range — 70®C 
to 125°C. 

If K is an equilibrium constant, then by E(|uation XIIIV-9, 

d\nK_MI, d\ogK_ AH 
dT dT 4.5787^ ^ 


If AH may be regarded as a linear function of the temperature, 
we may write, as in Equation XXVII-18, 

AH = A//298 + ACp(T - 298.1). (2) 

Combining Equations 1 and 2, and integrating, we find 


log^ = AHmy - 

where, as in Equation XXVI1-20, 


298.1 - T 

^ 4.5787 X 298.IT ’ ^ 


, 1, 298.1 

= 298.1y - log 


(3) 


(4) 


Thus from the following table of y and z. X at a given tempera¬ 
ture may be calculated from .X 298 , or vice versa. 

If we desire to calculate from any temperature T to any other 
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temperature V we may subtract two equations of the form of 
Equation 3, and obtain 

log^ = Affws (y - v') - ACp{z - «'). (5) 

Likewise the table may be used to calculate the change in free 
energy at one temperature from that at another. In this case 
—AF/4.5787r takes the place of log K in the above formulae. 

In the rare case in which the distinction is important it will be noted that 
when we are calculating AF for any reaction, aH and ACp refer to the sub¬ 
stances as they take part in the reaction, but when we use the table to calcu¬ 
late AF^ or log Kj those quantities must refer to the substances in their 
standard states. 


CO 

T^K 

y 

z 

-70 

203.1 

0.00034270 

0.01835 

-65 

208.1 

31686 

0.01596 

-60 

213.1 

29224 

0.01380 

-55 

218.1 

0.00026874 

0.01187 

-50 

223.1 

24630 

0.01013 

-45 

228.1 

22484 

0.00857 

-40 

233.1 

20430 

0.00718 

-35 . 

238.1 

18462 

0.00595 

-30 

243.1 

0.00016576 

0.00487 

-29 

244.1 

16208 

0.00467 

-28 

245.1 

15843 

0.00447 

-27 

246.1 

15481 

0.00428 

-26 

247.1 

15122 

0.00410 

-25 

248.1 

0.00014765 

0.00392 

-24 

249.1 

14412 

0.00374 

-23 

250.1 

14061 

0.00357 

-22 

251.1 

13713 

0.00341 

-21 

252.1 

13368 

0.00325 

-20 

253.1 

0.00013026 

0.00309 

-19 

254.1 

12687 

0.00294 

-18 

255.1 

12360 

0.00279 

-17 

256.1 

12016 

0.00265 


267.1 

1X684 

0.00261 
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rc 

T^K 

y 

z 

-15 

258,1 

0.00011355 

0.00238 

-14 

259.1 

11028 

0.00225 

-13 

260.1 

10704 

0.00213 

-12 

261.1 

10382 

0.00201 

-11 

262.1 

10063 

0.00189 

-10 

263.1 

0.00009746 

0.00178 

- 9 

264.1 

9432 

0.00167 

- 8 

265.1 

9120 

0.00156 

- 7 

266.1 

8811 

0.00146 

- 6 

267.1 

8503 

0.00137 

- 5 

268.1 

0.00008198 

0.00127 

- 4 

269.1 

7896 

0.00118 

- 3 

270.1 

7595 

0.00110 

- 2 

271.1 

7297 

0.00102 

- 1 

272,1 

7001 

0.00094 

0 

273.1 

0.00006707 

0.00086 

5 

278.1 

5269 

0.000o4 

10 

283.1 

3882 

0.00030 

15 

288.1 

2543 

0.00013 

16 

289.1 

0.00002281 

0.00010 

17 

290.1 

2020 

0.00008 

18 

291.1 

1762 

0.00006 

19 

292.1 

1505 

0.00005 

20 

293.1 

1250 

0.00003 

21 

294,1 

0.00000996 

0.00002 

22 

295.1 

0745 

0,00001 

23 

296.1 

0495 

0.00000 

24 

297.1 

0247 

0.00000 

25 

298.1 



26 

299.1 

-0.00000245 

0.00000 

27 

300.1 

0488 

0.00000 

28 

301.1 

0730 

0.00001 

29 

302.1 

0970 

0.00002 

30 

303.1 

1209 

0.00003 
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rK 

y 

z 

35 

308.1 

-0.00002378 

0.00012 

40 

313.1 

3610 

0.00026 

45 

318.1 

4606 

0.00045 

50 

323.1 

5669 

0.00069 

65 

328.1 

6699 

0.00097 

60 

333.1 

-0.00007698 

0.00130 

65 

338.1 

8668 

0.00166 

70 

343.1 

9609 

0.00206 

75 

348.1 

-0.00010524 

0.00250 

80 

353.1 

11412 

0.00296 

85 

358.1 

-0.00012276 

0.00346 

00 

363.1 

13115 

0.00398 

95 

368.1 

13933 

0.00453 

100 

373.1 

14728 

0.00511 

101 

374.1 

-0.00014884 

0.00523 

102 

375.1 

15040 

0.00535 

103 

376.1 

15195 

0.00547 

104 

377.1 

15349 

0.00559 

105 

378.1 

15602 

0.00571 

110 

383.1 

-0.00016256 

0.00633 

115 

388.1 

16990 

0.00697 

120 

393.1 

17706 

0.00764 

125 

398.1 

18404 

0.00832 
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Lewis: Some New Consequences of the Theory of Ultimate Rational Units. 
Phys, Rev., 18,121 (1921). 

Lewis: Physical Constants and Ultimate Rational Units. {Contributions in 
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NOTATION 


a Activity; constant in van der Waals^ equation. 
h Constant in van der WaaLs' equation. 
c Spcetl of light. 
d Differential. 

e Electron charge*; base of natural logarithms. 

/ Fugacity. 

g Acceleration due to gravity. 
h A sFK*cial function in Equation XXII-28; height. 
i vaii’t Hoff factor of fre'czing |M)int lowering. 
j A special function in Equation XXllI-2(>. 
k Molecular gas constant; several special constants. 

7n Molality. 

n Number of moLs; a constant in Equation VI1-3. 
p Vapor pr(\ssure. 
q Heat aiisorbed. 
r Mol ratio; radius, 
s Slope of a curve. 

t Temperature (Centigrade): transference number. 
u Mobility of an ion. 
w Work done. 

, y, z Special functions in Ecpiations XXIII-35 and XXVII-20. 

A Helmholtz’ free energy; atomic weight; area. 

B A constant in Ecpiation XVII-1. 

C Heat capacity; a constant in Eejuation XXXII-1. 

Cf, Heat capacity at constant pres.surc. 

(7v Heat capacity at constant volume. 

E Internal Energy. 

F Fn^e energ3^ 

(7 Any extensive property. 

U Heat content. 

I Integration constant of the free energy equation. 

K Equilibrium constant. 

L Relative heat content. 

N Number of molecules in a mol. 

P Pressure. 


021 



622 


THERMODYNAMICS 


Notation 


R Gas constant. 

S Entropy. 

Sy Entropy (at the same volume as at absolute zero). 

T Temperature (absolute). 

V Volume. 

c, Cp, Cv Molal heat capacities. 

E Molal internal energy. 

F Molal free energy. 

G Molal quantity in general. 

H Molal heat content. 

L Molal relative heat content. 

N Mol fraction. 

B, Sv Molal entropies. 

V Molal volume. 

w Molal mass (molecular weight). 

D Dielectric constant. 

E Electromotive force, potential. 

F Faraday equivalent. 

N Number of equivalents. 

Q Electric charge. 

j Special integration constant. 

$ Probability. 

a Coefficient of thermal expansion; degree of electrolytic dissocia¬ 
tion; constant in Equation XXVII-4; difference between molal 
volume of an ideal gas and actual molal volume. 

Coefficient of compressibility; constant in Equation XXVII-4. 
y Activity coefficient; surface tension. 
d Partial differential. 

^ lYeezing point lowering. 

0 .Temperature (thermodynamic). 

K Ilatio of Cp to Cv for a gas. 

X Molal freezing point lowering. 

/i Ionic strength; Joule-Thomson coefficient. 
p Number of ion molecules formed by dissociation of a molecule, 
p Density. 

cr A function in Equation XI-1; extent of surface. 

^ Apparent molal volume; a function in general. 



NOTATION 


623 


To, Fi, r2 
A 
0 

A 

In 

log 

C 

K 

M 


Ga.Gb 

(?" 

G* 

Gof Gm 

G\y Gi 

0i 

G+,G^,G^ 

II 


Coefficients in algebraic expression for heat capacity. 

Increment. 

Temperature (absolute) at which Cv is 3/2 R; temperature (ab¬ 
solute) of a transition point. 

Equivalent conductivity. 

Natural logarithm. 

Common logarithm. 

Centigrade temperature scale. 

Kelvin (absolute) temperature scale. 

Molal, (0.1 M== 0.1 mol per 1000 g. water). 


Special Signs, Subsckipts and Superscripts 

A property of a system in state A, state B. 

A pro|>erty of a substance in its standard state. 

A property of a substance when the system is made to approach 
a perfect gas or a perfect solution. 

The value of G at 0°K, at 273‘^K. 

Properties of comiKinents Xi and X2 of a solut’'>n. (Xi is 
usually called solvent, and X2, Xj • • • solutes.) 

A partial molal property. 

A iiroperty of a positive ion, of a negative ion, mean property 
of the two ions. 

Indicates elimination of a liquid potential. 

Upon an equation number the asterisk indicates an equation 
which is completely valid only for a perfect gas or a perfect 
dilution. 




INDEX 


A 

Abbott, 327 

Abegg, 404, 411, 412, 433, 558, 562, 
604 

Absolute temperature, 52, 60, 612 
(see Temperature) 

Accuracy, xi, 99 

activity coefficients, 357 
in mixed electrolytes, 369 
from solubility, 371 
of individual ions, 384 
difference between similar equa¬ 
tions, 269 

electromotive force in dilute solu¬ 
tion, 358 

empirical equations, consistent use 
of, 104 

entropy, 458, 461, 580 
extraix)lation, 269, 519 
free energy, 468, 497, 507 
freezing point, 287 
heat capacity, 81, 580 
liquid potential calculations, 399, 
417 

mathematical rigor, 26 
physical constants, 458 
Sackur equation, 458 
significant figures, 468 
slide rule, 504 
third law, 449, 580 
Acetic acid, 10, 290, 307, 310, 
318 

Acetone, 208, 210, 276 
Acetylene, 571 
Acrbe, 3^, 398 

Activity and activity coefficient (see 
also Fugacity^ Free energy^ and 
Escaping tendency) 
accuracy, 353, 357 
boiling point, 290 


Activity, calculation from activity ol 
other component, 268, 273, 
285, 331 

when data in dilute solution are 
lacking, 322, 357, 381 
coefficient, 328 

compound l^etween components, 296 
concentration, 275, 344, 346 
definition, 255, 328 
distribution l)etween solvents, 262, 
276, 330 

electrolytes, 342, 345, 362, 376 
mixed, 364, 383 
strong, 326, 383 

electromotive force, 263, 332, 352, 
365, 393 

equilibrium between phases, 180, 
257 

equilibrium constant, 293, 396 
eutectic mixtures, 495 
free energy, 255, 291, 393 
freezing point, 278, 284, 288, 341, 
369, 495 

fugacity, 255, 262 
gases, 302 

geometrical mean, 329 
heat of dilution, 284, 288, 348, 493, 
613 

ions, individual, 310, 319, 329, 364, 
379, 382, 396 
pressure, 255, 302, 479 
quotient, 293, 393 
reaction rate, 319 
relative, 255 

salts of various types, 322 
solubility, 281, 369 
standard state, 256, 297, 326 
stoichiometrical, 328 
tables, 341, 345, 362, 382 
tem{>erature, 278, 282, 494, 613 
activity coefficient, 345, 349, 352 
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Activity, transition or melting point, 
282 

heat of transition, 282 
vapor pressure, 259, 290, 329^ 331 
Adams, 286, 342, 344, 456, 556, 563 
Additivity of properties of solutions, 
317 

Adiabatic process, 54, 64, 137 
Adsorption, 250, 252, 253 
coefficient, 251 
Affinity, chemical, 6, 97, 584 
Air, 65, 67, 69, 141 
mixture, CI 2 , 231; CO 2 , 227; ether, 
248 

Alcohol, ethyl 
entropy, 145, 426 
free energy, 580 
heat capacity, 441, 580 
combustion, 108 
formation, 108, 580 
propyl alcohol mixture, 441 
solubility of p-dibrombenzene in, 
230 

water mixture, 40, 46, 221 
water and benzene, 240 
Alcohol, propyl, 441 
Allmand, 352, 416, 511 
Altmaybr, 571 
Aluminum, 72, 76, 152, 464 
Amagat, 186, 201, 475 
Ammonia 

gas, 80, 141, 145, 297, 469, 557 
reaction with CO 2 , 586 
liquid, 141, 145, 469, 558 
solution 

ethylamine, 417 
water, 558 

reaction with Ag20, 292 
Ammonium 
bromate, 322 
carbonate, 291, 585 
chlorate, 322 
cyanate, 587 
halides, 322 

hydroxide, 296, 313, 558 
nitrate, 399, 606 
nitrite, 597 

Analysis, quantitative, 599 


Andrews, 11, 186, 543 
Aniline, 290 
Animate matter, 121 
Antimony, 72, 74, 466 
Apparent molal volume, 35 
Appendix 

I, 609 

II, 612 

III, 349, 493, 613 

IV, 617 

Arctowski, 583 
Argo, 417, 433 
Argon, 457, 464 
Arrangement of book, ix, 6 
Arrhenius, 308, 317 
Arsenic, 72, 74, 466 
Association of molecules, 224, 296, 
303 (sec MolectdeSf Species) 
Aten, 531 
Atkinson, 513 

Atmosphere (pressure unit), 59, 612 
Atoms, 324 

Auerbach, 404, 412, 433, 543, 577 
Auweps, 573 

B 

Bahr, 497 
Barium 
carbonate, 77 

chloride, 344, 345, 362, 371 
hydroxide, 318, 489 
iodate, 375 
ion, 382 
nitrate, 375 
oxide, 488 
peroxide, 488, 490 
Barnes, 59, 353, 477 
Barry, 573 
Bartou, 140 
Barus, 137 

Bates, 329, 503, 507, 519 
Battery, 159 (see Electromotive force, 

cm . 

Baxter, 5^ 

Beattie, 339, 407 
Bedford, 342 
Behr, 425 
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Bein, 86 

Benzene^ 145, 224 
boiling point, 144, 185 
density and volume, 82, 142, 185 
entropy, 144, 573 
free energy, 573 
heat capacity, 82, 142, 573 
combustion, 573 
formation, 573 
fusion, 573 
vaporization, 144 
mixtures 

alcohol and water, 240 
carbon tetrachloride, 245 
p-dibrombenzene, 230 
diphenyl, 230 

ether and carbon bisulfide, 231 
naphthalene, 227, 230 
toluene, 223 
water 

mercuric chloride, 276 
picric acid, 330 
vapor pressure, 185 
Berthblot 

numerous references, see Berthelut, 
“Thermochimie; Donnies et 
Lois Numdriques,” 2 vols., 
Gauthier-Villars et Fils, Paris, 
1897 

Beryllium, 72, 74, 464 
Bicarbonate ion, 577 
Bichowsky, 299, 395, 530, 540, 542, 
544, 546, 548, 553 
Biltz, 536 
Biron, 86 
Bismuth, 72, 74 
Bisson, 84, 90, 92, 95 
Bisulfite ion, 550 
Bjerrum, 319, 398, 472, 539 
Black, 5, 48 
Black body, 139 
Bock, 577 

Bodenstein, 300, 301, 518, 523, 524, 
550, 554, 560, 561, 580 
BodlXnder, 411, 577 
BOhi, 408, 486 
Bohr, 577 

Boiling point, 241, 290 


Boltzman, 71, 126, 141, 445 
Bond, chemical, 324 
Bornemann, 400, 488 
BOrnstein; see Landolt 
Boron, 74 

compounds, 77, 466 
BOttger, 481, 497 
Boudouard, 573 
Boundary of phase, 10, 247 
Braehmer, 476 
Branch, 325, 578 
Brann, 397, 414, 433 
Bray, 219, 325, 327, 370, 509, 516, 
521, 523, 526, 527, 601 
Bridgman, 163, 189 
Brighton, 383, 398, 405, 407, 421, 
422, 433, 588, 589 
Brislee, 412 
Bromates, 322, 529 
Bromate ion 
activity, 382 
electrode, 388 
free energy, 521, 529 
reaction with Ch, 509 
Brombenzene, 230 
Bromic acid, 521 (see Bromate ion) 
Bromides, 322 

Bromide ion, 382, 517, 520, 600 
electrode, Pt, Br"", Br 2 , 426 
Bromine, 22, 512, 515 
electrode, Pt, Br~, Br 2 , 426, 433, 
518 

bromate, 388 
entropy, 464 
free energy, 512, 518 
heat capacity, 74, 80, 512 
hydrolysis, 427, 516, 521 
polybromides, 427, 520 
solution; carbon tetrachloride, 261, 
263, 516 

water, 261, 263, 276, 516 
Bromnaphthalene, 145 
BrOnsted, 6, 31, 95, 99, 328, 331, 
355, 368, 370, 408, 422, 450, 472, 
473, 483, 484, 531 
Brownian movement, 121, 126 
Brownlee, 558 
BrOhl, 495 
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Budde, 539 

Buehrer, 408, 433, 483 
Bunsen, 80 
Burdick, 566 
Burrows, 262, 291, 584 

C 

Cadmium, 419 

entropy, 145, 457, 464 
heat capacity, 72 
amalgam, 419 
chloride, 361, 362, 419, 604 
ion, 382 

electrode, Cd, 419, 433 
sulfate, 344, 345, 362, 390 
electromotive force of cell, 390 
Calcium, 72, 74, 464 
chloride, 217 
hydrate, 472 
ion, 382 

sulfate, 252, 376 
Calculus, X, 26, 27 
Callendar, 59 

Calomel electrode, 405 (see Mercurom 
chloride) 

Calorie, 58, 612 
Campbell, 523 

Carbon, 74, 76, 148, 152, 170, 452, 
464, 569 (see Charcoal) 
dioxide 
activity, 262 
critical data, 186 
entropy, 154 

free energy, 171, 175, 576 
fugacity, 1%, 202 
mixture; CO 2 , 227; O 2 , 231 
heat capacity, 80 
heat of formation, 98, 108, 171, 
571 

isotherms, 186 

van der WaaFs constants, 196 
Joule-Thomson coefficient, 65 
reactions, dissociation, 171, 175, 
306,575 

with NHs, 586; carbon, 574; 
H 2 , 297, 574; Fe, 3, 569 
KCN, 588; S, 548 


Carbon dioxide, solubility, 312, 576 
(See Carbonic acid) 
disulfide, 538, 583 
mixture 

acetone, 208, 210 
benzene and ether, 231 
p-dibrombenzene, 230 
sulfur, 442 
monosulfide, 583 
monoxide, 80, 108, 171, 452, 573 
reaction 2CO—C-fC02, 574 
with CI 2 , 580; Fc, 3, 569; iron 
oxides, 3, 498, 569; O 2 , 108, 
171, 175, 306, 575; KCNO, 
588; S, 547, 581; SO 2 , 548; 
H 2 O, 297, 574, 578 
oxychloride, 580 
oxysuifide, 547, 581 
tetrachloride, 145 
benzene, 245 

bromine, 261, 263, 427, 515, 520 
chlorine, 502 
iodine, 263, 428 
Carbonates, 467 
Carbonate ion, 578 
Carbonic acid, 311, 577 
Carnot, 5, 65, 110, 129 
Carson, 532, 533, 543 
Catalysis and activity, 319 
Cell, galvanic, 386 (sc^e Electromotive 
force) 

Centigrade temperature, 52, 60, 612 
(see Temperature) 

Centimeter, in ultimate rational 
units, 456 

Centrifugal field, 242 
Cerium, 72, 74, 464 
Cesium, 459, 464 
compounds, 322 
ion, 382 

C. g. s. units, 58 
Chance, 122, 221 
Chaperon, 243 

Charcoal, 15, 252, 569, 571, 573 
(see Carbon) 

Chemical affinity, 6, 97, 584 
Chemical constants of Nernst, 438, 
453. 593 
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Chlorates, 322, 510, 529 
Chlorate ion, 382, 510 
Chlorbenzene, 145 
Chloric acid, 510 
Chlorides, 322, 510 
Chloride ion, 382, 482, 502 

electrode, Pt, Cl“, Ch, 425, 432 
Chlorine, 22, 426, 499 
activity, 501 
boiling point, 199 
density and volume, 199, 500 
distribution in H 2 O and CCI 4 , 502 
electrode, 388, 425, 432 
entropy, 145, 450, 464, 500 
free energy, 499, 502 
fugacity, 199, 499 
in air, 231 

heat capacity, 74, 80, 450, 499 
heat of dissociation, 500 
fusion. 450 

vaporization, 450, 501 
hydrolysis, 426, 502, 507, 509 
reaction with BrOa", 509; charcoal, 
573; C 1 -, 426, 502; CO, 580; 
H2O, 504, 509; MgO, 505; 
NO, 562; 8O2, 551 
suix»rhcated, 199 
vapor pressure 
aqueous, 502 
CCI4 solution, 502 
liquid, 501 

Chloroform, 303, 305 
and acetone, 210, 276 
Chromate ion, 467 
Chromium, 72, 74, 464 
Clapeyron, 134 

Clapeyron equation, 134,141,181, 202 
Clark cell, 59 
Class I, elements, 74, 151 
II, elements, 76, 152 
Clausius, 5, 109, 110, 115, 119 
Clement, 476, 573 
Coal, 170, 569 (see Carbon) 

Cobalt, 72, 74, 464, 512 
chloride (ous), 344 

Coefficient, 28,45(see Jouh^Thonmn) 
compressibility, 28, 136 
thermal expansion, 28, 136 


Coke, 569 (see Carbon) 

Components of solutions, 31, 224 
Composition of solutions, 32, 259 
Compound formation, 296 (see Mole^ 
etdeSf Species) 

Compressibility, coefficient, 136 
Compression of gas, 63 (see Expan¬ 
sion) 

Concentration, 32, 168, 259 
Concept of energy, 47 
entropy, 109 
equilibrium, 8 
temperature, 51 

Conductivity of electrolytes, 308, 319 
metallic vapors, 460 
CoNNOLY, 516, 521, 527 
Conservation law, 
energy, 47, 62, 130 
mass, 50 

Constant boiling solution 213, 241 
Constant of integration, 174, 435, 453 
Constituents of solutions, 31 
Contents, table of, xiii 
Continuity between states, 186 
Conventions, xi, 21, 158, 621 
sign of electromotive force, 389,402 
Conversion coefficients, 58, 609, 612 
factor, 129 
Cooper, 308 

Copi>er, 72, 74, 152, 421, 440, 464 
ion (ic), 382, 411, 420 
electrode, Cu, Cu'*"'', 420, 433 
ion (ous), 411 
oxides, 49, 498 
sulfate, 344, 345, 362, 421 
calcium sulfate mixture, 376 
CoRMACK, 311, 577, 589 
Coulomb, 60, 612 
Cragoe, 558 
Critical phenomena 
gases, liquids, solids, 11, 20, 186, 
188 

mixtures of liquids, 211 
Crystal and non-crystal, 11, 76, 189 
liquid, 11 
perfect, 14, 445 

Cubic centimeter-atmosphere, 60, 612 
Cundall, 303 
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CU8HMAN> 355 
CUTHBERTSON, 515 
Cyanate ion, 587 
Cyanic acid, 588, 594 
Cyanide ion, 589 
Cyanogen, 592, 594 
iodide, 591 

D 

Daneel, 528 

Daniels, 83,92, 94, 265,267,414,485 
Deacon process, 484, 504, 507 
Debye, 74, 151 
Debye^s equation, 74 
Definitions, 8 

de Forcrand, 488, 490, 492 
Degradation of energy, 110, 116 
Degree (Celsius) in ultimate rational 
units, 456 

Degrees of freedom, 185, 215 
Demon of Maxwell, 120 
Derby, 485 

Derivatives of partial molal quan¬ 
tities, 45 (see Partial MoUd 
Equations) 

Dewar, 73, 154 

Diamond, 74, 76, 152, 569 (see 
Carbon) 

p-Dibrombenzenc, 230 
Dichloracetic acid, 307, 312 
Dielectric constant, 245 
Differentiation, 27, 30 
Diffusion, 387 

Dilution law of Ostwald, 309 
free energy, 254, 613 
heat, 88, 284, 288, 348 
Diphenyl, 230 

Dissipation of energy, 110, 116 
Dissociation, 224 (see Ionization) 
concentration, 319, 346 
conductivity, 309, 345 
constant, 301, 518 
degree, 301 
corrected, 345 

thermodynamic, 317, 322, 328, 
336 (see Activiiy Coefficient) 
true, 317 


Dissociation, degree, for various salts, 
322 

in fused salts, 219 
free energy, 327 
freezing point, 219, 307, 341 
fugacity, 232 
heat of, 298, 313 

solutions, 217, 232, 307 (see 

Ionization) 

temperature, 345, 518 
Distillation theory, 213 
Distribution coefficient, 234, 262, 331, 
430 

Dolezalek, 395 
Domke, 86 
Drops, size, 252 
Drucker, 330, 353, 549 
Duhem, 17, 210 
Duhem’s equation, 210 
Dulonq, 71 

Dulong and Petit, law, 71 
Dunant, 580 

£ 

Eastman, 73, 259, 271, 273, 280, 462 
Edgar, 355, 564 
Efficiency, 129, 131 
Einstein, 20, 50, 73, 439 
Electric field, 185, 245 
Electneal heating, efficiency, 131 
work, 157, 170 

Electricity, atom, 402 (see Electron) 
Electricity from coal, 170 
Electrode (see E. m. /.; electrode) 
Electrolytes (sec Ionization and 
Activity) 

activity, 326, 342, 364, 383 
conductivity, 309, 319 
freezing point, 342 
heat capacity, 85,314, 317,392,486 
content, 317, 350 
of solution, 317, 350 
mixed, 317, 364 
properties, 85, 224 
solubility, 369 
solutions, 307 
standard state, 327 
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Electrolytes, strong, 315, 325, 555 
temperature, 350 
theory of heat capacity, 85 
thermo-neutrality, 317 
weak, 309, 325, 555 
Electromagnetic theory of light, 140 
Electromotive force (and galvanic 
cells) (see also PoterUial) 
activity, 258, 263, 352, 365, 393 
cells, galvanic, 113, 167, 386 
concentration, 168, 358, 386 
diffusion, 386 

liquid junction, 333 (sec E.m.f.j 
Ldquid Junction) 
oxidation-reduction, 400 
polarization, 386 
resistance, 386 

reversibility, 113, 147, 159, 386 
standard, 59, 390 
storage, 159 
transference, 333, 337 
concentration, 168, 358, 386 
counter e.m.f., 386 
electrode 

constancy, 14, 386, 388 
drop, 401 
inert, 402 

Lewis and Kraus, 339, 415 
normal, 406 
reaction, 409 
reference, 404, 434 
reproducibility, 14, 386, 388, 395 
surface, 14, 16, 387 
electrode potential 
convention of sign, 402 
non-aqueous solvent, 430 
standard, of the elements, 401 
temperature, 431 
entropy, 147 

equilibrium constant, 396 
free energy, 168, 409 
heat of reaction, 100, 147, 172, 
392 

liquid junctions (potentials), 333, 
337, 382, 387 
accuracy, 417 
elimination, 383, 399, 409 
formulae for estimating, 398 


Electromotive force, liquid junctions, 
properties, 399 
theory, 397 

measurement, 159, 358 
mixed electrolytes, 365 
pressure, 175, 393 
reaction, 400 

not known, 169,397,400,421,425 
side reaction, 168, 358 
sign convention of, 389, 402 
temperature, 172, 391 
units, 59 
volume, 175 
work, 156 
Electron 
energy, 73 
in equation, 597 
number in Faraday, 402 
Electron gas, entropy, 458, 464 
Electrophilic medium, 325 
Elements 
class I, 74, 151 
class II, 76, 152 
entropy, 151, 464 
heat capacity, 71 

standard electrode potentials, 411 
synthesis, 50 
Ellis, 333, 334, 391 
Empirical rules, 104, 384 
Emulsification, 248 
Emulsions, 62, 248 
Energy (see Heat) 
atoms, 73 

change in a process, 54 
concept, 47 

conservation, 48 (see First Law of 
Thermodynamics) 
degration (dissipation), 110, 116 
electrons, 73 
equipartition, 66 
formulae, summary, 163 
free, (see Free energy) 
gas, 64, 81 
hohlraum, 140 
hollow, 140 

internal, 47, 58, 62, 65, 132 
kinetic, 47, 65 
latent, 47, 66 
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Energy, mass, 49 
molecules, 65 
potential, 47 
pressure, 63 
radiation, 139 
radioactive change, 50 
synthesis of elements, 50 
temperature, 57, 63, 140 
coefficient, 57 
at absolute zero, 53 
thermal, 53, 73, 126 
total, 50 
units, 58 
volume, 140 

work, 53, 63, 126, 131, 157, 169 
Engine, 65, 129 
Entropy, 109, 119, 143 
absolute value, 118, 149 
additivity, 440 
animate matter, 121 
applications, 129 
calculations, 143, 154, 448 
approximate, 461 
concentration, 212, 231 
definition, 115, 119, 153 
dimensions, 115 
electromotive force, 147 
elements, 149 
of class I, 151 
II, 152 

expansion, 116, 133, 146 
formulae, 119, 163, 169 
free energy, 172, 204 
fusion, 143 
gas, 446, 462 
monatomic, 455 
perfect, 116, 125 
heat capacity, 132, 147, 152, 4'48 
heat engine, 129 
localisation, 118 
mixing of solutions, 441 
Nemst principle, 440 
partial molal, 203 
path, independent of, 154 
pressure, 133, 137, 146, 160 
infinite, 447 
principle, 119, 169, 445 
probability, 120 


Entropy, process, 119, 154 
isentropic, 137 
isothermal, 143 
not isothermal, 184 
reversible, 118, 137 
si>ontaneous, 122, 155 
reaction, 146, 154, 155, 159 
salts and solids, 461 
spring-reservoir, 115 
tables, 145, 151, 457, 464 
temperature, 132, 137, 147, 162, 
184, 453 

at absolute zero, 438 
third law, 448 
ultimate rational units, 455 
vaporization, 134, 144 
table, 145 
volume, 133 
work, 156, 169 
Equation, chemical, 23 
general free energy, 173, 293, 
393 

Equation of state, 28, 186, 107 
fugacity calculated from, 194 
necessary conditions, 187 
yierfect gas, 63 
thermodynamic, 134 
van der Waal's, 187 
Equation, thermochemical, 98 
Equilibrium and equilibrium constant 
between phases, 176, 180, 183, 
204, 257 

solid and pure liquid, 227 
which may be solutions, 215 
constant, 291, 294, 396 
criteria, 155-159, 176, 436 
definition, 16, 294 
concept, 16, 19 

dissociation, 301 (see Dissociation) 
electromotive force, 396 
entropy, 111, 127 
false, 17 

free energy, 167, 180, 294, 597 
heat capacity and content, 507 
(see Equilibrium; Temperature) 
partial, 17 
pressure, 180, 202 
probability, 127 
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Free energy, transition, heat and 
temperature of, 283, 467 (see 
Free Energy ^ Reaction) 
use and importance of 
criterion of chemical equilibrium, 
159, 179 

measure ' chemical affinity, 584 
predict reactions, 160, 596 
vaporization and vapor pressure, 
188, 468, 501 
volume, 162, 165 

work, maximum and net, 156, 169 
Freezing point, 219 (see Activity) 
dilute solutions 
rule, 288, 342, 369 
dissociated solvent, 218 
mixed electrolyte, 213, 219, 369 
solvent, 239 

molal lowering in water, 286 
pure liquid, 282 
solid solution, 232, 238 
eutectic mixture, 495 
Frost, 552 

Fugacity (see also Activity^ Free 
Energy and Escaping Tendency) 
activity, 257 

calculation, 192, from fugacity of 
other constituent, 208, 212 
concentration, 232,235 (see Henry's 
and RaotUVs Laws) 
critical mixing point, 211 
definition, 190, 205 
dissociation, 232 

equilibrium between phases, 180, 
212 

free energy, 191, 254 
gases, 191, 225 
osmotic pressure, 213 
pressure, 192, 198, 206 
relative, 255 
solutions, 205, 235 
effect of third component, 239 
gaseous, 225 
perfect, 222 
surface, 252 

temperature, 200, 206, 220 
vapor pressure, 199, 209 
forth, 527 


Xt 

Galvanic cell, 386 (see EleetramoHve 
force; Ceil) 

Galvanometer, 388 
Gas (see Vapor) 
constant, 60, 456, 612 
diatomic, 460 
dissociation, 463 
electron, 458 
entropy, 152, 455, 462 
fugacity, 192, 197 
heat capacity, 62, 79, 137,142, 256, 
499 

content, 55, 65, 256 
ideal, 52, 62, 192 
kinetic theory, 81 
law, 63 (see Equations of State) 
molecules (see Molecules) 
monatomic, 460 
perfect, 52, 62, 192 
pressure, 142, 197 
solutions, 225 
standard state, 256 
temperature, 81, 135, 142 
thermometer, 135 
volume, 197 
Gaus, 558 
Geiger, 518 

Gerke, 340, 407, 413, 414, 422, 430, 
433, 450, 511 
Getman, 359, 422 
Ghosh, 319, 325 
Giauque, 443 

Gibbs, 5, 7, 11, 17, 26, 109, 126, 147, 
158, 169, 186, 207, 250 
Gibbs-Helmholtz equation, 172 (see 
Ehctromotim Force^ Temperature) 
Gibbs, phase rule, 186 
Gibson, 15, 72, 74, 75, 76, 148, 150, 
151, 152, 283, 441, 443, 444, 446, 
448, 450, 452, 457, 461, 464, 570, 
573,580 
Glass, 443 

Glycerine, 263, 287, 444 
Gold, 72, 365, 464 
Gomberg, 302 
Goodwin, 78, 219 



636 


INDEX 


Gouy, 243 
Gram fraction, 39 
in ultimate rational units, 456 
Graphite, 74, 148, 171, 452, 569 
(see Carbon) 

Gravitational field, 178, 181, 242 

Greenwood, 556 

Grinbero, 487 

Grotrian, 593 

Guldberg, 295 

GtlNTHER, 451, 452, 472, 484 

Guntz, 483 

Gutsche, 485 

Gypsum, 252, 376 

H 

Haber, 5, 79, 80, 158, 387, 438, 478, 
487, 505, 517, 524, 556, 574, 575 
Hahn, 574, 575 
Half reaction, 402, 410, 600 
Hall, 342, 344 
Hallwachs, 36, 37 
Hamblet, 587 
Hampton, 425, 433 
Hara, 475, 480 

Harkins, 342, 344, 347, 370, 375, 
376, 378 

Harned, 318, 359, 366, 382, 407 
Hartley, 523 
Hatcher, 493 
Hausrath, 307, 342, 344 
Hautepeuille, 594 
Heat (see Heat Capacity^ Heat CoU'- 
terU and Heat of Reaction) 
electrically produced, 131 
energy, 126, see Energy 
engine, 65, 129 
latent, 48, 66 

mechanical equivalent, 47, 59, 612 
of formation; fusion; etc. (see 
Heat of Reaction) 
theorem of Nemst, 438, 593 
theory, 126 (see Kinetic Theory) 
work, S3, 63, 126, 131, 169 
Heat capacity, 56 (see Heat of 
Reaction) 

compounds, 77, 472 


Heat capacity, Debye’s equation, 74 
difference, at constant pressure 
and at constant volume, 65, 
72, 136 

Einstein’s equation, 74 
electrolytes, 85, 314, 317, 350, 392 
acids and bases, 486 
electromotive force, 100, 173, 392, 

431 

electrons, 73 
elements, 71 

entropy, 132, 147, 153, 448 
equilibrium constant, 300, 614 
formulae, summary, 163 
free energy, 173, 349, 436, 614 
gas, 79, 137, 142, 256, 499 
I>erfect, 62, 65 

heat of reaction, (see Heat of 
Reaction; Temperature) 
ions, 314, 431, 459 (see Electrolyte) 
Joiile-Thomson coefficient, 68 
Kopp’s law, 77, 472 
liquids, 78, 137 
molal, 62 

partial molal, 83 (sec Partial 
Molal Quantities) 
pressure, 57, 68, 132 
ratio, at constant pressure and at 
constant volume, 65 
siilts and solids, 71, 77 
8t)lutc, 259 
solutions, 83, 486 
stability, 437 
standard state, 256, 259 
temperature, 57, 69, 103, 107, 141 
at absolute zero, 437 
at low temperature, 73, 81, 
454 

theory, 79, 81, 85 (see Molecules^ 
Species) 

volume, 57, 132, 141 
Heat content, 55 (see Heat of Reac¬ 
tion and Heat Capacity) 
absolute value, 88 
activity, 284, 288, 347, 493, 614 
change (see Heat of Reaction) 
electric field, 246 
electrolytes, 317, 350 



INDEX 


637 


Heat content, electromotive force, 
392 (see Heat of Reaction^ 
Electromotive Force) 
emiilsification, 248 
equation of state, 134 
expansion, 65, 201 
formulae, summary, 163 
free energy, 162 (see Heat of 
Reaction) 

gas, 55, 65, 180, 256 
ions, individual, 431 
Joule-Thomson coefficient, 68 
magnetic field, 247 
molal, 62 

partial, 83 (see Partial Molal 
Qvantities) 

pressure, 65, 68, 70, 132, 298 
relative, 88, 90, % 
solutions, 83, 486 (see Partial 
QvarUities) 
perfect, 222, 231 
standard state, 298 
surface, 247 

temperature, 57, 62, 68, 96, 132 
electrolytes, 317, 350 (see Heat 
Capacity^ Electrolytes) 
total, 90 

total relative, 90 
volume, 65, 70, 133 
Heat of reaction, 21, 99, 153, 613 (sec 
Heat Content and Heat Capacity) 
activity, 284, 288, 347, 493, 614 
compression (see Expansion) 
concentration, 298 
dilution, 188, 284, 288, 347, 614 
dissociation, 298, 314 
from conductivity, 313 
electromotive force, 100, 147, 173, 
392, 431 

emulsification, 249 
entropy, 143, 147 
equilibrium constant, 100^ 202, 298, 
518, 604, 614 
expansion, 63, 65, 201 
formation, 99, 431 
free energy, 169,172,174, 181, 349, 
604, 614 

freezing point, 284, 288, 347, 614 


Heat of reaction, fugacity, 206 
fusion, 21, 143, 237 
from solubility, 229 
ionic reaction, 314, 317, 431 
ionization, 459, 471 
ionization potential, 471 
mixing electrolytes, 317, 364 
neutralization, 314, 486 
pressure, 100, 180,. 183, 202, 298 
solidification, 282 

solution, 229, 349 (see Heat of 
Reaction^ Activity) 
partial or differential, 89 
total or integral, 89, 94 
spectrum, 471 
surface, 257 

temperature, 97, 102,107, 180,183, 
202, at absolute zero, 437 
(see Heat Capacity) 
transition, 153 

vaporization, 21, 66, 134, 144, 201 
ideal, 206 
volume, 100 

work, 53, 63, 126, 131, 156, 169 
Helium, 50, 65 
entropy, 446, 457, 464 
Heller, 569 
Helmholtz, 5, 121, 158 
Helmholtz, free energy, 158, 165 
(see Free Energy) 

Henderson, 399, 422, 552 
Henrj^'s law, 232, 258, 305 
Herzberg, 493 
Hess, 5, 317 
Hess, law of, 317 

Heterogeneous systems, 9, 62, 134 
Heuse, 485 
Hexa-aryl ethanes, 302 
Hexane, 145 
Heydweiller, 487 
Hickey, 522 

Hildebrand, 40, 145, 224, 259, 271, 
273, 280, 489 

Hildebrand’s modification of Troii* 
ton’s rule, 145 
Hittorp, 340 
Hohlraum, 139 
Hollow', 139 



638 


INDEX 


IIOLBORN, 69 
Holmes, 522, 533, 534 
Holt, 478 

Homogeneous systems, 9, 62, 134 
Horak, 580 

Horsch, 344, 356, 360, 419, 433 
Horstmann, 5 
Hoxton, 69 
Hubbard, 40, 41 
Hughes, 471 
Hulbtt, 252, 483 
Hull, 140 
Hydrates, 296, 467 
Hydrides, of metals, 472 
Hydriodic acid (see Hydrogen Iodide) 
Hydrobromic acid (sec Hydrogen 
Bromide) 

Hydrocarbons, 571 
Hydrochloric acid (sec Hydrogen 
Chloride) 

Hydrocyanic acid (see Hydrogen 
Cyanide) 

Hydrogen, 80,294, 392,460„ 464,469 
adsorbed on metals, 421, 425 
electrode (see Hydrogen Ion) 
Joule-Thomson effect, 65, 67 
Kopp’s law constant, 77 
pressure, volume, and fugacity, 
201 

bromide, 80, 318, 329, 335, 517 
chloride, 318, 502 
activity, 329, 336, 362, 366 
conduction of electricity, 320, 
322,340 

electromotive force of cells in¬ 
volving 

H 2 and Ag, AgCl, Cl”, 334, 
340,398 

Hi and Cl”, 340, 390, 426 
Hi and Hg, HgCl, Cl”, 293, 
332, 391, 394, 405, 426 
mixed electrolytes, 366, 378 
free eneegy 

aqueous, 336, 502, 603 
gas, 294, 503, 603 
heat capacity, 80, 86, 106, 392 
heat content 
aqueous, M, 105, 603 


Hydrogen, chloride, heat of, gas, 96^ 
98, 503, 603 

heat of neutralization, 318 
liquid junction, 337,340,383,397 
mixed electrolytes, 318, 366, 371 
reaction with O 2 , 484, 504; 
MgO, 506 

vapor pressure of solutions, 329, 
340, 603 

cyanate, 587, 594 
cyanide, 588, 589 (see also Cyano* 
geUi 591) 
fluoride, 463 

iodide, 80, 329, 524, 528, 541, 
591 

ion, 382, 410, 431, 434, 469 
electrode, Pt., Hi, H"^, 402, 404, 
431, 434; note also Pt, Hi, 
OH”, 408, 434 
polarization, 387 
pressure, 394 
reactions, 600 
peroxide, 400, 487, 602 
sulfate (see Stdfuric Add) 
sulfide, 80, 299, 538, 540, 546 
Hydroperoxide ion, 491 
Hydrosulfide ion, 543 
Hydroxides, 496 
Hydroxide ion, 382, 408, 486 
electrodes, Pt, Hi, OH”, 408, 
433 

Pt, OH”, O 2 , 433,487 
reactions, 482, 491, 600 
Hydroxyl compounds, 230 
Hypobromite ion, 521 
Hypobromous acid, 521 
Hypochlorite ion, 508 
Hypochlorous acid, 508 
Hypoiodite ion, 527 
Hypoiodous acid, 527 

I 

Ice, 14, 25, 88, 102, 283 (see Water) 
Ideal gas,*52, 62, 192 
heat of vaporization, 201, 206 
process, ll2, 116, 132 
Immiscible liquids, 224 (see Liquids) 
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Independent variables, 27, 68, 185 
(see Degrees of Freedom) 

Inert or unreactive, 18 
electrode, 402 
Inglis, 476 

Integral heat of solution, 89, 94 (see 
Heed of Reactiony Solution) 
Integration constant of free energy 
equation, 174, 435, 453 
Intensive properties, 13, 31 
Interface, 247 

Internal energy, 49, 63 (see Energy) 
Interpolation, 266, 299 
Inversion temperature, 67 
lodates, 529 

lodate ion, 382, 528, 600 
electrode, 388, 528 
Iodic acid, 528 
Iodides, 322 

Iodide ion, 427, 526 (see Hydrogen 
Iodide) 

activity, 382, 430 
electrode, Pt, I“, I 2 , 427, 433 
reactions, 591, 598, 599 
Iodine, 22, 522 
activity, 263, 524 

dissociation of vapor, 300, 306, 323, 

523 

distribution in glycerine and CCI4, 
263 

electrode, Pt, I”, I 2 , 427, 430 
iodate, 388, 528, 600 
entropy, 451, 464, 523 
forms of solid, 451 
free energy, 522, 528 
dissociation, 523 

heat capacity, 72, 74, 80, 451, 
522 

heat content, 522 
hydrolysis, 524, 527 
melting point, 522 
reactions with AglOa and H 2 O, 
628; Brj, 600; C 2 N., 592; 
Fe++, 599; HCN, 591; H 2 O 2 , 
601; HjS, 541; I", 428, 526; 
nitrites, 598 
solubility, 523 
vapor pressure, 522 


Ionic strength, 373, 428 
Ionization, 308 (see DiasoeuUion) 
concentration, 317 
conductivity, 309, 345 
degree, of, 308, 319, 460 
for t 3 npes of salts, 322 
thermodynamic, 317 (see Ao 

tivity Coefficient) 
true, 317 
entropy, 459 
free energy, 434, 459 
heat, 313 

of thermal, 459, 471 
potential, 459 
temperature, 313 
thermal, 458 
Ions (see Electrolytes) 
activities, 310, 326, 379, 396 
concentration, 317, 329 
free energy, 434, 459 
heat capacity, 314, 431, 459 
heat content, 314, 317, 431, 459 
heat of formation, 313, 431, 459 
mobility, 309, 319 
structure, 324 

transference, 320, 333, 337, 339 
Iridium, 74, 464 
electrode, 170, 388, 476 
Iron, 74, 425, 464 

electrodes (see Irony Ions) 
chloride (ous), 425 
cyanide 

ferricyanide ion, 382, 388 
ions 

electrode, Pt, Fe++, Fe++-»‘, 388, 
396, 402, 411 
ferric, 599 

electrode, Fe, Fe‘‘""'‘+, 433 
ferrous, 599 

electrode, Fe, Fe'^’’’, 425, 433 
oxide, 3, 498, 569 
sulfate (ous), 425 
Irreversible process, 110, 113, 116 
Isentropic process, 137 
Isomers, 222, 441 
Isotherm, 28, 186 
Isothermal process, 63, 143, 157 
Isotopes, 50, 222, 441 
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J 

Jackson, 387 
Jahn, 319, 347, 579 
Jakob, 69 

Jakowkin, 276, 502, 507, 516, 520, 
523, 526 
James, 554 
Jellinek, 549 
Johnson, 501 
Johnston, 489 
Jones, 414 

Joule, 5,. 47, 66, 67, 68 
Joule, 58, 612 

Joule-Thomson effect, 65, 135, 201 
coefficient, 68 
Joyner, 491, 492 

Junction, liquid, 333 (see Electro- 
motive ForcCj Liquid Junction) 
Just, 577 

K 

Kalmus, 78, 219 
Kanolt, 558 
Katayama, 554, 560, 561 
Kato, 313, 320 
Kay, 587 

Kelvin (see 7’Aom.wn, W.) 

Kelvin, law of, 249 
Kelvin temperature, 52, 612 (see 
Temperature) 

Kendall, 310, 311, 543, 577 
Keyes, D. B., 590, 592 
Keyes, F. G., 417, 433, 472, 475, 480, 
558 

Kinetic energy, 47, 65 
Kinetic theory, 79, 81, 85, 129, 221, 
224 

Kirchofp, 102, 206 
formula, 102 

Kirschmann, 329, 503, 507, 519 

Knietsch, 501 

Knipping, 471 

Knote, 353 

Knox, 543 

Kobniqsbeboer, 246 

Kohlrausch, 36, 37, 319, 321, 487 


Kohlrausch’s law, 309, 320 
Kohr, 482 
Kopp, 77 

Kopp^s law, 77, 472 

Korep, 515, 582 

Kraus, 224, 339, 389, 415, 433 

KrOger, 471 

Kruyt, 532, 533 

Kr3rpton, 464 

Kundt, 81 ^ 

Kurnakov, 267, 282, 413 

L 

Lacey, 345, 355, 356, 407, 420, 433, 
547, 581 
Lamb, 399 
Landau, 263 

Landolt, BOrnstein, Roth, 35, 
287, 353, 490, 506, 604 
Langevin, 242 

Lan(jmuir, 15, 128, 470, 472, 478, 
556, 576 

Lanthanum, 72, 74, 464 
ammonium nitrate, 378 
iodate, 378 
ion, 382 

nitrate, 344, 345, 362, 378 
sulfate, 368, 374, 378 
Larson, 399 

Latent energy, 48, 66 (see Heat) 
Latimer, 152, 441, 448, 450, 457, 461, 
462, 464, 580, 581 
Laue, 458 

Lead, 74, 152, 421, 442, 451, 464 
acetate, 422 
bromide, 78, 219, 423 
chlorate, 424, 451 
chloride, 78, 171, 423, 450, 511 
cells, 167, 173, 422, 511 
bromide mixture, 219 
dioxide, 395 
hydroxide, 498 
iodide, 154, 423, 451 
ion 

electrode, Pb, Pb++, 167, 395, 
421, 433, 450, 511 
oxide, 498, 552 
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Lead sulfate, 395, 422, 552 
sulfide, 395, 552 
Lead chamber process, 602 
Lebedew, 140 

Le Chatelier, 2, 183, 435, 489 
Lehmann, 11 
Lescoeur, 490, 604 
Lewis (see Apperuiix IVy 617) 

Life, properties of, 121 
Light, 140 

Lindemann, 74, 82, 150 
Lindner, 549 

Linhart, 276, 333, 334, 336, 342, 
352, 362, 365, 379, 407,417,433, 
520 

Liquefaction of gas, 66, 68, 154 
Liquid 

abnormal, 106, 219, 230 
crystals, 11 
definition, 11, 442 
entropy, 152 

Nemst principle, 440, 442 
free energy, 283, 292 
fugacity, 198 
heat capacity, 78, 137 
junction (see Electromotive ForcBy 
lAquid Junction) 
kinetic theory, 224 
miscibility, 224 

molecular species, 10, 14, 79, 224, 
261, 302, 442, 520, 555 
normal or typical, 15, 145, 230 
partial molal quantities, 86, 106 
polar and non-polar, 145, 221, 325 
potential (see Electromotive Forcey 
Liquid Junction) 
pressure, 292 
pure, 442 

solidification, 187, 283 
structure, 445, 520 
super-cooled, 12, 227, 440 
vaporization, 186 
Lithium, 74, 417, 464 
bromate, 322 
bromide, 322 
chlorate, 322 

chloride, 322, 339, 358, 362 
mixed with HCl, 318, 366 


Lithium, hydroxide, 318, 417 
iodide, 322 
ion, 382 

electrode, Li, Li+, 339, 417, 433 
nitrate, 78, 322 
Localization of entropy, 118 
Locke, 558 

Logarithms, change of base, 612 
Loomis, 366 
Lorentz, 217 
Lorenz, 408, 486 
Lovelace, 274, 277 
LOwenstein, 478, 503, 576 
Lummer, 142 
Lunge, 504 

Luther, 404, 410, 412, 433, 476, 483 

M 

Maass, 493 
McCoy, 312, 577 
McCrab, 549 

MacInnes, 339, 358, 360, 379, 381 
Macintosh, 501 
MacKay, 470, 523, 526 
Macroscopic state, 12, 19, 127 
Magnesium, 74, 464 
chloride, 506 
ion, 382 
oxide, 498, 506 
sulfate, 37, 245, 344, 345, 362 
mixed electmlytes, 368, 376 
Magnetic field, 185, 247 
Magnetism, 242 
Magnus, 150 
Maitland, 427 
Manganate ion, 388 
Manganese, 74, 464 
salts, 509 
Mannite, 277 
Makmier, 504 
Maschke, 556 
Mass 

conservation, 50 
energy, 49 
law, 295 
Massieu, 158 
Matthews, 477 



642 


INDEX 


Mathematics, x, 26, 30 
Maxwell, 48, 120, 121, 140 
Maxwell's demon, 120 
Mayeb, 5, 47, 571 
Meacham, 366 
Mean, geometrical, 329 
Mechanical equivalent of heat, 47, 
59, 612 

Mechanism of reaction, 24, 101, 602 
Meggers, 459 
Melcher, 345 
Mellon, 552 

Membrane, semipermeable, 182, 213 
Mercury, 143, 224 

entropy, 143, 145, 148, 152, 452, 
457, 465 

heat capacity and content, 74, 
76, 81, 143, 148 
chloride (ic), 276 
chloride (ous) 

electrode, Hg, HgCl, Cl", 170, 
405, 431, 433 
entropy, 450 

free energy, 170, 294, 433, 450, 

510 

heat capacity and content, 97, 
173, 392, 431, 450 
reaction with Hj, 98 
used as reference electrode 
(405) in many cell reactions 
(see Ag, AgCl, Cl- 174,390, 
407; Hj, H+, 98, 105, 293, 
332, 366, 391, 405) 
ion (ous) 

electrode, Hg, Hg 2 +'’', 417, 433 
oxide (ic), 408, 452, 483 
electrode, Hg, HgO, OH”,408,434 
perchlorate (ous), 365, 418 
sulfate (ous), 356, 407, 553 
electrode, Hg, Hg 2 ^ 4 , SO 4 —, 
355, 407, 410, 421, 434 
used as reference electrode 
Metals (see ElementSy Electromotive 
ForcCf Electrodes) 

compounds (see the Negative Radi¬ 
cals) 

thermal ionisation, 458 
Methane, 80, 570 


Method of intercepts, 35 
Methyl bromide, 294 
chloride, 294 
Micro organisms, 121 
Microscopic state, 12, 127 
Micuijbbcu, 59 
Milner, 319 
Ming Chow, 366, 408 
Miscibility of liquids, 224 (see 
Liquids) 

Mixing point, critical, 211 
Mobile system, 27 
Mobility of ions, 309, 319 
Mohler, 459, 471 
Moissan, 463 
Mol, 21 

fraction, 32, 261, 304, conversion 
table, 609 

number of molecules in, 124, 402 
ratio, 32, conversion table, 609 
Molal 

free energy, 178 (see Free. Energy) 
heat content, 62 
properties, 22 
quantities, 62 

partial molal, 33 (see Partial 
Mokd Quantities) 
apparent molal, 35 
volume, 32 
weight, 22, 199, 261 
Molality, 32 
conversion table, 609 
of ions, 329 

Molecular (see Moleculesy Species) 
formulae, 179, 199 
weight, 22, 199, 261 
Molecules 
energy, 65, 81 
motion, 124 

number in a mol, 124, 402 
odd, 303 
size, 468 

species, 10, 14, 79, 224, 261, 296, 
302; 328, 442, 520, 555 (see 
DissociaJtUm and Ionization) 
structure, 324 
theory, 124, 324 
in liquids, 224 
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Moldjsnhauer, 473, 506 
Molybdenum, 74, 464 
Monatonic, 76 
Moorby, 59 
Morse, 236 
MOu^er, 426 
Myers, 398, 558 

N 

Naphthalene, 227, 230 
Natanson, 306 
Naumann, 81, 588, 593 
Neon, 464 

Nbrnst, 6, 74, 82, 154, 158, 206, 234, 
337, 436, 438, 449, 454, 478, 487, 
488, 498, 539, 544, 559, 576, 
593 

Nemst's chemical constants, 438, 453 
equation, liquid potentials, 383 
heat theorem, 438, 593 
law, distribution between solvents, 

234 

Neumann, 412 
Neutralization, heat, 314, 486 
Nichols, 140 
Nickel, 74, 464, 572 
Niton, 464 
Nitrates, 322 

Nitrate ion, 382, 563, 565, 598 
Nitric acid, 318, 322, 362, 563, 566 
Nitric oxide (see Nitrogen Oxides) 
Nitrite ion, 563, 567, 598 
Nitrobenzene, 387 

Nitrogen, 10, 80, 145, 464, 556, 593, 
597 
oxides 

nitric oxide, 80,160,463,560,567 
reactions, 562, 566, 598, 602 
nitrogen dioxide, 19, 303, 560, 
566, 602 

nitrogen tetroxide, 19, 303, 561 
Nitrosyl chloride, 562 
Nitrous acid, 563, 567, 598 
Non-polar, 145 (see LdquidSf Normal) 
Non-variant system, 185 
Normal calomel electrode, 406 (see 
Mercury Chloride Electrode) 


Normal liquid, 15, 145, 230 

solutions, 106 (see SoluHona) 
Notation, xi, 21, 158, 621 
Noyes, A. A., 6, 308, 313, 318, 320, 
334, 340, 345, 358, 369, 397, 414, 
424, 433, 482, 558 
Noyes, W. A., 508 
Numerical factors, 58, 609, 612 

O 

Octane, 145 
Odd molecule, 303 
Oeholm, 556 
Ogq, 417 
Olson, 509 

Optical properties, 317 
Osmium, 74, 464 

Osmotic pressure, 182, 213, 219, 231 
van’t Hoff’s law, 235 
OsTWALD, 432, 476 
Ostwald’s dilution law, 309 
Oxidation-reduction series, 599 
Oxides, 467, 496 
Oxygen, 475 
dissociation, 464, 476 
electrode, Pt, OH”,02,395,433,487 
hydrogen |)eroxide, 487 
entropy, 145, 148, 153, 452, 464 
equation of state, 196, 475, 480 
fugacity, 196, 201, 475 
in carbon dioxide, 231 
heat capacity, 69, 77, 80, 82, 148, 
452 

heat content, 69, 452 
heat of vaporization, 69, 153, 201 
Joule-Thomson effect, 69, 201 
liquid, 154 
Ozone, 476 

P 

Paine, 376 
Palladium, 74, 464 
Paracyanogen, 594 
Parker, 360 
Parks, 441, 580 
Parson, 509 

Partial differentiation, 27, 29 



644 


INDEX 


I^rtial and partial molal quantities, 
33,86 

concentration, 41, 45 
derivatives, 45 
equations, 43 
in binary solution, 41, 44 
free energy, 203 
heat capacity, 83 
heat content, 83, 87, 90 
heat of solution, 89 
methods of obtaining, 36, 84, 90 
of intercepts, 37 
normal liquids, 86, 106 
standard state, 259 
temperature coefficient, 45, 87 
theory, 85 
volumes, 33, 45, 86 
perfect solutions, 222, 231 
Partial pressures, 209, 225 
constant boiling mixture, 213 
Partial specific quantities, 39 
volumes, 39 
Passive resistance, 17 
Passivity, 388 
Pasteur, 121 
Pearce, 378 
Penta-bromide, 520 
Pentane, 145 
Perchloric acid, 365, 418 
Perfect crystal, 14, 76, 189, 445 
gas, 62, 116 
thermometer, 135 
radiator, 139 
solution, 221, 231 
Periodic reaction, 601 
Perman, 513 

Permanganate ion, 388, 467 

Perrin, 50 

Petit, 71 

Ppepfer, 213 

Phase, 9 

boundary, 10, 247 
composition, 206, 507 
critical mixing point, 211 
equilibrium between, 181,183, 206, 
215, 224, 234 

activity not same in all phases, 
257 


Phase rule, 185 
Phenol, 253 

Phosphoric acid, 318, 327 
Phosphorus, 74, 464, 466 
Piccard, 303 
Pick, 562, 563, 577 
Pickering, 353 
Picric acid, 330 
Pier, 80, 472, 499 
Pierce, 271 
Plan of book, ix, 6, 531 
Planck, 141, 158, 398, 440, 445, 
447 

Platinum, 74, 464 
electrode, 170, 388, 396, 402, 476 
PoHL, 550 
Pokorny, 483 
Polack, 352, 416, 511 
Polar, 145, 221, 325 (see Liquids) 
Polarization, 386 
POLLITZER, 152, 542 
Polyhalide ions (see Tri-halide Ions) 
PONNAY, 556 

Potential (see Blectramotive Force) 
contact, 401 
electrode, 14, 16, 401 
standard, 411, table, 433 
energy, 47, 65 (see Energy) 
ionizing, 459, 471 
aiui heat of reaction, 471 
liquid, 401 (see Electromotive Force, 
lAquid Potential) 
measurement, 159 
resonance, 471 
single, 401 

thermodynamic, 158 
Potassium, 72, 464 
bromate, 322 

bromide, 322, 365, 429, 520 
chlorate, 100, 322, 509, 511, 606 
chloride 

activity, 322, 345, 359, 362 
conduction of electricity, 322, 
344,359 

density and volume of solutions, 
41 

freezing point, 219, 344 
heat of dilution, 363 
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Potassium, chloride, liquid junctions 
383, 398, 399, 406 
mixed electrolytes; HCl, 318* 
K,Fe(CN)«, 365; K 4 Fe(CN)(, 
365; KI and I 2 , 429; KOH 
482; NaCl, 219; NaNO,, 317 
TlCl, 371, 413 

reaction with oxygen, 100, 606 
cyanate, 588 
cyanide, 588 
dichromate, 78 
ferricyanide, 344, 365 
ferrocyanide, 365 
hydride, 472 

hydroxide, 318, 322, 358, 362, 417 
(see Hydroxide Ion) 
iodate, 344, 345, 362 
iodide, 322, 429, 451 
ion, 382 

electrode, K, 417, 434 
nitrate, 78, 322, 344, 345, 362, 606 
in mixed electrolytes, 370, 375 
sulfate, 344, 345, 362, 371 
POYNTING, 183 

Pressure, 51 (sec Equation cf Siatey 
Vapor Pressurey and Osmotic 
Pressure) 
activity, 480 
entropy, 133, 136, 146 
equilibrium between pliases, 183, 
202 

external, 54 

formulae, surnmaiy^ 163 
free energy, 242 
fugacity, 192, 196 
hydrostatic, 242 
internal, 54 
negative, 188 
partial, 225 

Duhem’s equation, 209 
constant boiling mixture, 213 
radiation, 140 

temperature coefficient, 29, 58, 
133, 136, 141, 181 
units, 58 

volume, 29, 133, 136, 186 
Prbunbr, 299, 536, 537, 540, 542 
Pring, 570, 571 


Pringsheim, 142 
l>robability, 120, 221 
Process, 17 (see Reaction) 

Ideal, 112 
irreversible, 110 
standard, 113, 116 
isentropic, 137 
isothermal, 63, 143, 157 
reversible, 112, 118, 132 
spontaneous, 111, 155, 159 
work, 157 
Producer gas, 573 
Properties 

change in reaction, 34 
extensive, 12, 31 
intensive, 13, 31 
molal, 22 
solution, 31, 317 

relation to partial molal quan¬ 
tities, 42 

wliich depend on several variables, 
27 

Propyl alcohol, 441 
Propylamine, 417 
Propylene bromide, 210 
Prout^s hypothesis, 50, 460 
Pure substances, 10, 179, 302 
PuscHKiN, 267, 282, 413 
Pyridine, 210 

Q 

Quantum theory, 447, 455 
Quartz, 189 

R 

Radiation, 140 
Stefan’s law, 138 
ultra X, 50 
Radiator, perfect, 139 
Radioactive change, 50 
Ramsay, 512, 522 
Randall (see Appendix IVy 617) 
Raoult, 221, 235, 363 
Raoult's law, 221, 232, 257, 305 
Rassbach, 552 

Rate of reaction, 16, 160, 182, 319, 
387, 560, 684 
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Reaction* 17 (see Ptocm) 
chemical, 167 

driving force, 159 < 

electrode, 402, 410, 600 
entropy, 146, 169 

free energy, 160, 169 (see Free 
Energy) 

half, 402, 410, 600 
heat, 169 (see Heat of Reaction) 
mechanism, 24, 101, 602 
periodic, 601 
prediction, 160, 596 
rate, 16, 160, 182, 387, 560, 584 
and equilibrium constant, 16,319 
reversible, 112, 118, 132, 584 
side, 168, 358, 599 
Read, 229 

Rectification of curve, 342, 358 (see 
Extrapolation) 

Reference state, 88,99, 255, 273, 305, 
326 

Regnaitlt, 515 
Reinders, 552 
Reinhold, 320 
Relative activity, 255 
fugacity, 255 
heat content, 88, 90, 96 
Relativity, 50 

Reproducibility, 14, 386, 395 
Resistance, 386 
passive, 17 

Resonance potentials, 471 
Reversibility of cells, 113, 147, 159, 

386 

Reversible 

process, 112, 118, 132, 159 
reaction, 584 
synthesis, 585 
Reynolds, 59 
Rhead, 573 
Rhodium, 72, 74, 464 
Richards, 83, 92, 94, 265, 267, 389, 
414, 419, 425, 437, 477, 573 
Richardson, 560 
Richardt, 574, 575 
Riesenfbld, 320, 340, 558 
Rigor, mathematical, 26 
RoBRim, 342, 347 


Rodebush, 73, 347, 589 
Rogers, 274, 277, 340 
Rognley, 459 
Roll-Hansbn, 473 
Roozeboom, 37, 512 
Roth, 283, 353, 363, 570, 571, 573 
(see Landolt) 

Rothmund, 330 
Rowland, 59 
Rubidium, 74, 464 
compounds, 322 
ion, 382 

electrode, Rb, Rb+, 417, 133 
Rule, empirical, 104, 384 
phase, 185 
Rumford, 5, 47 
Runge, 593 
Rupert, 426, 433 
Ruthenium, 72, 74, 464 

S 

Sackur, 455, 462 
Sackur equation, 455 
Saha, 458 

Sainte-Clairb Deville, 5, 301 
Salts (see Electrolytes and Solid) 
complex (hydrates), 296, 467 
fused, 78, 145 
mixed, 219 

Sammet, 388, 427, 521, 528 
Sand, 508 
Saposhnikov, 564 
Sargent, 365, 398, 433 
Scheel, 485 
ScHENCK, 552, 569 
Schoch, 365 
Schumann, 563 
Schumb, 414 
SCHREBER, 306, 561 
SchrOder, 229, 230 
ScHUPP, 299, 537, 540, 542 
ScHWERs, 154, 498 
Sebastian, 383, 398, 405, 407, 433 
Second, in ultimate rational units, 456 
Second law of thermodynamics, 43, 
65, 109, 120, 127, 203 (see 
Entropy) 
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Seelio, 582 
Seleniumi 72, 74, 466 
Semipermeable membrane, 182 
Shell, electron, 324 
Shukoff, 412 
Side reaction, 358, 599 
SlEOEL, 472 

Silicon, 72, 74, 77, 464, 466 
Silver, 60, 414 

entropy, 152, 451, 464 
heat capacity, 72, 76, 82 
bromide, 78 

electrode, Ag, AgBr, Br“, 335,519 
chlorate, 322 
chloride, 78, 450, 510 
electr^e, Ag, AgCl, Cl“, 334, 
407,434 

used as reference electrode in 
many cell reactions (see 
H,, 334; Hg, HgCl, 

C1-, 174, 390, 407) 
preparation, 334, 407 
cyanide, 128 

hydroxide, 481 (see Silver Oxide) 
iodate, 528 
iodide, 451, 528 
ion, 128, 382, 414, 481 
electrode, Ag, Ag'*', 414, 434 
nitrate, 78, 322, 362 (see Silver 
JoUf Electrode) 

from decomposition of AgNOi, 
563 

nitrite, 563 
oxide, 292, 479, 481 
electrode, Ag, AgaO, OH", 483 
suboxide, 483 
Single potentials, 401 
Size of drops and particles, 185, 389 
(see Surface) 

Skrabal, 527 
Smith, A., 532, 533, 534 
Smith, A. W., 59, 283, 477 
Smits, 274 
Soap solution, 178 
Sodium, 72, 74, 415, 464 
amalgam, 414 
bicarbonate, 578 
bromate, 322 


Sodium, bromide, 322 
chlorate, 78,*^ 3122 
, chloride 

activity, 322, 344, 347, 351, 352, 
362 

conduction of electricity, 322,345 
density and volume, 36 
electromotive force, 352, 416 
entropy, 206, 450 
eutectic mixture, 347, 351 
free energy, 205, 450, 511 
fret^zing point, 344, 347 
fugacity of H 2 O, 219 
heat capacity, 84, 108 
formation, 108, 450 
solution, 90, 95, 205 
mixtures with HCl, 318, 366; 

KCl, 219 
solubility, 205 
dihydrogen phosphate, 327 
hydride, 472 
hydroxide, 322, 415 
iodate, 344, 345, 362 
iodide, 322, 415 
ion, 382 

electrode, Na, Na"^, 414, 433 
nitrate, 78, 317, 322, 378 
Solidification of pure liquid, 282 
Solid, 11, 188 (see Sails) 
elements of class I, 74 
of class II, 76 
entropy, 152, 461 
fugacity, 198 
heat capacity, 71, 77, 152 
solubility (see Solubility) 
state, theory of, 11, 76, 189, 445 
transition to liquid, 188 
Solubility 
activity, 281 
coefficient, 369 

association of components, 224 
coefficient, 262 
curve, 217 

dissociation, 217, 224 
heat of fusion, 229 
mixed solute, 369 
solvent, 233, 239 
perfect solution, 223, 227, 230 ^ ^ 
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Solubility, perfect solution, devia/- 
tions from, 224 
pressure, 223, 228 
surface, or size of particles, 252 
temperature, 228, 240, 281 
Solute, 31, 258 (see Solution and 
Electrdyte) 

Solution 

abnormal, 106, 224, 259, 441 
activity, 257, 281 
aqueous, theory, 85 
association, 224 
binary, 32, 44, 209, 215, 227 
centrifugal fields, 242 
components, 31 
composition. 32, 206, 259 
constant boiling, 213, 241 
constituents, 31 
definition, 10, 442 
dilute, 32, 44, laws, 232, 380 
dissociation, 217, 224, 305 (see 
Ionization) 

distribution between solvents, 
Nemst's law, 234 
electric field, 245 

electrolytes, 85, 307 (see Electro- 
lytes) 

entropy, Nernst principle, 440 
equilibrium between phases, 206, 
215 

constant in perfect solution, 294 
with pure solid, 227 (see Solvr 
bility) 

escaping tendency, 203 
first law applied to, 62 
freezing point, 232, 342 
van’t Hoff’s law, 237 
fugacity, 205 
gaseous, 225 
gravitational field, 242 
heat of, 88, 284, 288, 348 
heat capacity and heat content, 83, 
486 

kinetic theory, 85, 221, 224 
magnetic field, 247 
mixed solvent, 233, 239 
normal (see Solutions^ Perfect, 
4 ^ 


Solution, osmotic pressure, van’t 
Hoff’s law, 235 
perfect, 222, 235, 359, 441 
pressure, 206 
properties, 31 

second law, applied to, 203 
solid, 238 

solubility, in perfect solution, 227 
(see Solubility) 
solute, 31, 258 
solvent, 31 
surfaces, 252 

temperature, 106, 184, 206, 228, 
240 

solutions at low temperatures, 
222 

theory, 85, 224 
vapor pressure, 206, 232 
Henry’s and Raoult’s laws, 221, 
232, 257, 305 
volume, 33 
Solvate, 296 

Solvent, 32, 258 (see Solutions) 
mixed, 233, 239 
non-aqueous, 430 
SOBET, 184 

Soret phenomenon, 184 
SOSMAN, 313 
Sound, velocity, 137 
Species, molecular (see Molecules) 
Specific heat, 73 (see Heat capacity) 
volume, 39 (see Volume) 

Spectrum, lines of, 471 
Spencer, 411, 412 
Sphere of mutual attraction, 325 
Spontaneous process. 111, 155, 

159 

Spring-reservoir, 114 
Stable substance, 437| 560 
system, 18, 161 
Standard 
cell, 59, 390 

free energy change, 291, 297 
irreversible process, 114 
state, 88, 99, 255, 273, 291, 305, 
326 

Starck, 300, 301, 523, 524 
Stas, 522 
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State 

critical) 11, 186, 188 
equation (see Equation of State) 
macroscopic, 12 , 19, 127 
microscopic, 12, 127 
reproducibility, 14, 386, 395 
rest, of, 16 (see Equilibrium) 
Statistical ideas, 122, 127 (see Mao 
roscopic State) 

Stefan, 141 
Stefan s law, 138 
Stbgeman, 422 
SXEGMttLLER, 525 
Stock, 582 

Storage battery, 159 (see Electro- 
motive Force^ Cells) 

Storbeck, 411 

Storch, 260, 263, 427, 433, 516, 519, 
520 

Stortenbecker, 217 
Story, 232 
Strontium ion, 382 
Substances, 179 (see Elements) 
classification, 8 
class I, 74, 151 
class II, 76, 152 
heterogeneous, 9 
homogeneous, 9 
pure, 10, 179, 302 
SucHENi, 267, 413 
Sugar solution, 274 
Sulfate ion, 382, 554 
electrode, Hg, Hg 2 S 04 , SO 4 , 407 
Sulfide ion, 543 
electrode, Pt, S—, 8, 433, 544 
Sulfite ion, 550 

Sulfur, 11, 22, 79, 302, 442, 530 
electrode, 533, 544 
entropy, 449, 463 
free energy, 174, 449, 530, 

542 

heat capacity, 72, 79, 174, 531 
heat content, 99, 174, 449, 532, 
542 

dioxide, 80, 538, 544, 548 
electrode, 395 

reactions with CI 2 , 551; CO, 
548; H,, 546; HgjS04, 5^; 


HaO, 546, 549, 553; HaS, 545, 
546; NOa, 602; O 2 , 546, 550; 
Pb, PbOPbS 04 , 552; Sa, 
546 

solubility, 549 
trioxide, 550, 554, 602 
Sulfuric acid, 318, 552 (see Sulfur 
Trioxide) 

activity, 331, 344, 353, 357, 362 
density and volume, 39 
dissociation, 318, 554 
electromotive force, 355, 407 
free energy, 554 
freezing point, 354 
heat capacity and heat content, 
86, 95, 108, 318, 554 
reaction with Hg, 553, S, 553 
vapor pressure of solution, 206,331, 
356 

Sulfurous acid, 549 
Sulfuryl chloride, 551 
Summary of thermodjmamic for¬ 
mulae, 163 

Supercooled liquid, 12, 227, 440 
Superheating, 188, 199 
Supersaturation, 188 
Surface 
energy, 252 
phenomena 

in electrodes, 14, 16, 387 
in solutions, 178, 185, 247 
tension, 252 
Sutherl4ND, 319 
Symbols, xi, 21, 158, 621 
Synthesis of elements, 50 
reversible, 585 
Systems 

condensed, 438 
heterogeneous, 9, 134 
homogeneous, 9, 134 
involving other variables than 
pressure, temperature and vol¬ 
ume, 242 
mobile, 27 
non-variant, 185 
phases in equilibrium, 182 
stable, 9, 18 
thermodynamic, 9 
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T 

Tables not limited to one substance 
(or reaction) 
activity coefficient 

change with temperature, 613 
electrolytes, typical, 344,345,362 
hydrogen halides, 330 
ions, individual, 382 
concentrations of solutions 

molality, mol fraction, mol ratio, 
609 

conductivity of several salts, 345 
electrode potentials of elements, 
433 

electrodes, reference, 434 
entropy 

elements, 151, 152, 464 
several gases, 457 
vaporization, 145 

equilibrium constant, change with 
temperature, 613 
formulae, summary, 164 
free energy 

change with temperature, 613 
change, in electrode reactions, 434 
formation, 607 

freezing points several salts, 344 
heat capacity 

elements, 72, 73, 151 
gases, 80 

salts, fused and solid, 78 
numerical factors, 612 
standard free energies of formation, 
607 

ultimate rational units, 456 
Tamaru, 80, 556 
Tamman, 189, 604 
Taylor, C. S., 558 
Taylor, G. B., 483 
Tellurium, 74, 466 

Temperature, SI, 177, 190 (see 

Eqiiatiom of State) 
absolute, 52, 60, 612 
adiabatic process, 63, 65, 137 
centigrade, 52, 60, 612 
coefficient, 28 
entropy, 133 


Temperature, formulae, summary, 
163 

gas thermometer, 52, 135 
inversion, 67 
isentropic process, 137 
Kelvin, 52 

pressure, 29, 68, 133, 142, 180 
Soret phenomenon 
temperature not uniform through¬ 
out system, 184 
thermodynamic, 52, 115, 135 
unit, 59 

volume, 29, 133 
free expansion, 68 
Tendency (see Escaping Tendency) 
Ternary mixture (see Solution) 
Tetrode, 455 
Thallium, 267 

entropy, 152, 464 
heat capacity, 72, 76 
amalgam 

activity, 260, 267, 270, 272, 280 
eh'ctrodes, 412 

('lectromotive force, 276, 265, 
280 

free energy, 275 
heat capacity, 80, 84 
content, 93, 94 

solubility of Tl, 281; Ilg, 267, 
413 

vapor pressure, 260, 280 
fcornide (ous), 78 
chloride (ous), 412, 450 
activity, 370, 372, 412 
electromotive force, 409, 412, 
511 

free energy, 450, 511 
lieat (capacity, 78 
solubility, 371 

mixed electrolytes, 371, 378 
hydroxide (ous), 409, 497 
ion (ous), 382, 412 
electrode, Tl, Tl', 412 
nitrate (ous), 322, 371 
oxide, 4Q7, 603 
sulfate* (ous), 371 

Thermal flow, 51, 471 (see Energy^ 
Thermal) 
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Thermo-neutrality of salt solutions, 
317 

Thermodynamic 

degree of dissociation, 317, 322, 
328,336 

formulae, summary, 163 
functions, 155 
potentials, 158 
temperature, 52, 115, 135 
Thermodynamics 
first law, 47, 62 

scope, viii, 6, 13, 24, 43, 49, 138, 
188, 232, 239, 242, 245, 337, 
384, 596 

mechanism of process, 24, 101, 
602 

molecular species, 261, 296, 302, 
324, 520, 555 

rate of change, 160, 182, 319, 

387, 584 

second law, 43, 65, 109, 120, 127, 
203 

third law, 435, 440, 447 
Thermometer, 52 (see Temperature) 
Third law of thermodynamics, 435, 
440, 447 

Thomsen, Julius 

numerous references (see Thomsen, 
Julius, Thermochemische 
Untersuchungen,” 4 vols., 
Barth, Leipzig, 1882-86; 
“Thermochemistry,” trans¬ 
lated by Burke; Longmans, 
Green and Co., London and 
New York, 1908) 

Thomson, James, 187 
Thomson, W. (Lord Kelvin), 5, 52, 
no, 115, 252 
Thorium, 72, 74, 464 
Tin, 74, 154, 424, 450, 4(i4 
chloride (stannic), 145 
ion 

electrode, Sn, SiC^, 424, 433 
perchlorate (stannous), 424 
Titanium, 72, 74, 464 
Toabe, 424, 433 

Tolman, 13, 244, 321, 333, 458, 460 
Toluene, 223, 224 


Total heat content, 90 (see Heat and 
Energy) 

solution, 89, 90 

Transference, 320, 333, 337, 339 
Transition region between phases, 
10, 247 
Traure, 488 
Trautz, 551, 562 
Tri-aryl methyls, 302 
Tri-bromide ion, 427, 519 
Tri-chloride ion, 426, 502 
Tri-iodide ion, 428, 526, 591 
Triple point, 185 
Troost, 594 
Trouton, 145 
Trouton’s rule, 145, 436 
Tungst(‘n, 72, 74, 128, 464 
Turbidity near critical point, 20 

U 

intimate rational units, 456 
Cltra X-radiation, 50 
Cnits, 58, 194, 612 
ultimate rational, 456 
Uranium, 72, 74, 464 
Urea, 263, 291, 585, 587 
Urey, 460 

V 

VAN DER Waal, 224 
van der Waal’s equation, 187, 195, 
302 

van Laar, 224 

van’t Hoff, 5, 214, 237. 238, 295, 437 
van’t Hoff’s equation for change of 
equilibrium constant, 298, 437 
factor, 308, 341, 346 
freezing point, 237 
osmotic pressure, 232 
Vapor, 186, 188 
Vapor pressure 
activity, 229, 258, 290 
corrected, or ideal, 190 
escaping tendency. 190 
free energy, 209, 468, 501 
fugacity, 199, 209 
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Vapor pressure on liquid or solid, 184, 
202, 206 

solutions, 206, 229, 232 

constant boiling mixture, 213 
surface, size of drops, 252 
tenq)eniture, 134, 201, 206 
Vaporization 
entropy, 134. 144 
free energy, 501 
heat, 66, 134 
volume, change, 134 
Varet, 484 

Variables, 27, 58, 185 (see Degrees 
of Freedom) 

Viscosity, 15 
Vis viva, 47 
Vitalism, 121 
Volt, 59, 408, 612 
Volta, 401 

Volume (see Equation of State) 
adiabatic process, 63, 05 
electric field, 247 
electromotive force, 162, 175 
emulsification, 248 
entropy, 133 

equilibrium between phases, 181, 
202 

formulae, summary, 163 
free energy, 203 
magnetic field, 247 
partial molal (see Partial Molal 
Quantities) 

volume in terms of partial molal 
volumes, 42 

pressure, 29, 133, 136, 181, 185, 
202, 207 

low pressures, 197 
volume-pressure coefficient, 28 
reaction, 34, 181 
solution, 33, 42 
dilute, 317 
perfect, 222 
surface, 247 

temperature, 29, 57, 133, 136, 141, 

181 

volume-temperature coefficient, 

28 

VON Endb, 267, 412, 433 


VON Falkenstein, 504, 517, 519 
VON Meyer, 591 
VON Steinwehr, 589 
VON Wartenburo, 478, 505, 576, 
590, 593 

W 

Waage, 295 
W ACHENHEIM, 562 
Wade, 30 

Walker, 311, 577, 587, 589 
Wallascii, 570, 571 
Waubur(j, 81 
Washburn, 229 
Water 

activity, 275, 283, 284 
condiKitivity, 487 
density and volume, 61, 88, 146 
entropy, 145 

constant of Trouton’s rule, 
495 

formation and dissociation, 10, 19, 
103, 128, 160, 477, 485 
free energy, 165, 479, 485 
freezing point, 240, 283, 286 
fugacity, 202 
heat capacity 

ice, 102, 154, 452 
ions, 487 
gas, 80, 103 
liquid, 102, 154, 477 
heat of formation 
ice, 88 

gas, 104, 477 
liquid, 98, 477, 571 
heat of fusion, 88, 102, 154, 240, 283 
ionization, 486 
vaporization, 61, 477 
ice, 15, 189, 302, 486 
ionization, 486 

molecular constitution, 10, 19, 

85, 442 

mols in 1000 grams, 33 
vapor or gas, 61, 145, 477, 485 
reactions, 545, 546, 553 
Water gas, 297, 574 
Weber, 605 
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Wegscheider, 310 
Wein’s law, 141 
Weston cell, 59, 390 
Wheeleu, 573 
WiOAND, 449, 533 
WiLLflMORE, 412, 432 
Wilson, D. R., 410 
Wilson, T. A., 508 
Wilson, W. E., 549 
Winkler, 543 
WlNNlNOHOFP, 370, 375 
W O LFFE NSTEIN , 495 
Work, 53, 126 
adiabatic process, 63 
heat, 53, 63, 126, 131, 169 
isothermal firocess, 63, 157, 169 
of liquefaction 131 
refrigeration, 131 
WORMANN, 486 


X 

Xenon, 464 

Y 

Young, 512, 522 

Z 

Zawidski, 210, 226, 276 

Zinc, 420 

entropy, 145, 152, 464 
heat capacity, 72, 74 
chloride, 344, 391, 420 
ion, 382, 602 

electrode, Zn. Zn^^, 419, 433 
sulfate, 344, 401, 419 

Zirconium, 72, 74, 464 
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